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PREFACE 


“Outlines of Physical Chemistry'’ seeks to provide material for a first 
course in physical chemistr}^ The author has endeavored to make it 
(!lear and interesting, with emphasis on practical examples, but without 
sacrificing the fundamental mathematical developments on which it is 
based. In this effort he owes much to contact with nian}^ student classes, 
to the advice of his several colleagues through the years at the University 
of Wisconsin, and to a wealth of helpful suggestions which have come 
from teachers all over the world.* He greatly appreciates these sug¬ 
gestions and welcomes continuing comments designed to improve the 
book in possible future editions. 

“Outlines of Theoretical ( chemistry," as it was then named, was first 
written in J913 by Dr. Frederick H. Getman, who carried it through 
1927 in four revisions. Dr. Getman did excellent work in bringing to¬ 
gether for elementary students the early developments of physical 
chemistry. We are grateful for his pioneer work. 

In 1930 the present author accepted the responsibility for writing the 
book and his four succeeding revisions have been so extensive that 
nothing remains of Dr. Getman's earlier editions. In each revision the 
author has raised the level of presentation to keep pace with the im¬ 
proved preparation with which students are starting the study of physi¬ 
cal chemistry. He has endeavored also to translate for student use 
the advances in physical chemistry which are coming so rapidly and are 
finding such important ai)plications in all branches of chemistry, in 
engineering, in biology, and in many other sciences. 

The present work is regarded as the first edition of a new book, in 
which the authop^as attempted to meet his responsibilities for better 
presentation of physical (diemLstry by adding recent developments in the 
field, clarifying descriptions, eliminating some of the more elementary 
material, rearranging chapters, and transferring some of the more 
specialized parts to the appendix. He has tried to bring out funda¬ 
mental principles and to give glimpses of the frontiers of physical chem¬ 
istry. 

Many new problems have been substituted for old ones, thought- 
provoking problems being stressed rather than the formula-illustrating 
type. Different types of problems are offered in each chapter to meet 
the needs of students coming to physical chemistry from different edu- 
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cational backgrounds and with different purposes. Again the more 
thorough student is referred to the appendix for the derivation of certain 
formulas which the more hurried student will prefer to take for granted. 

The author is particularly indebted to Professor dliomas F. Young, 
of the University of Chicago, for many penetrating criticisms and help¬ 
ful suggestions. He wishes to thank Dr. Darrell W. Osborne, of the 
Argonne National Laboratory, and Professor George W. Murphy, of 
the University of Wisconsin, for criticisms of parts of the manuscript, 
and Professor Paul Bender and other members of the physical clunnistry 
staff at the University of Wisconsin for examination of ])arts of the 
book. He is indebted to Mr. D. B. Hu, Mr. G. O. Michaels, and Mr. 
W. A. Rowe and others for help in checking some of the cakailations and 
problems. 

Farrington Daniels 

Madison, Wisconsin 
September 1948 
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Table of Important Constants 


The following approximate values will be used for j)robk‘ins. Most of them are 
sufficiently important to memoriz(* during the course of the work. 


Acceleration of gravity 
Molar volume (0° 1 atm) 
Ice point (0°) 

One calorie (defined) 

R 

R (calorie) 

R (liU^r-atmosphere) 
Faraday 

Avogadro number 
Planck’s constant 
Velocity of light 
Conversion logio to loge 


980.7 
22.41 
273.1° 
4.184 
8.314 
1.987 
0.08206 
96,500 
23,060 
6.02 X 10“’^ 
6.62 X 10"-^ 
3 X 10^® 
2.303 


cm s(‘c ^ 
liters mole“^ 

K 

joules 

jouk^s d(ig”^ mole™^ 
calories d(‘g“^ mole^^ 
lit(‘r-atm d(^g“ ^ mole' ^ 
coulombs gm equiv ’’ 
calories volt~^ gm equiv 
moki~^ 
erg sec 
cm sec“^ 


These and other constants are given with the highest pn^cision now warranted, on 
page 699. 
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INTRODUCTION 

Survey of Physical Chemistry. The purpose of the study of physical 
chemistry is to understand and apply the laws of chemistry and physics. 

Physical chemistry emerged as a separate branch of science in the 
latter part of the last century. It has continually broadened its scope 
with new discoveries and has become more exact with improvements 
in experimental measurements and with gi*eater use of mathematics. 
The boundaries of physical chemistry are not sharp; they overlap phys¬ 
ics on tlie one side and all branches of chemistry on the other. Physical 
chemistry draws its facts from all these fields of knowledge and cor¬ 
relates them by means of word descrii)tions, graphical representations, 
and mathematical formulas. Of these the mathematical formulas are 
the most powerful. Thus, there has been a decided trend toward the 
use of more mathematics in chemistiy. 

In the stud}^ of physical chemistry as presented here, the physical 
properties of gases and crystals are described first. The ecpiations of 
state and the kinetic theory have been a great help in studying the 
behavior of gases; and the application of X-ray measurements has given 
a clear picture of the nature of solids. Valence and the types of forces 
which hold atoms and molecMilc^s together are studied immediately after 
the discussi(3n of gases. Many physical properties may be predicted 
from the known structure of the molecules; and, conversely, the ar¬ 
rangement of atoms within the molecule can often be determined from 
the measurements of physical chemistry. Because of the prevalence 
among organic compounds of rigid bonds rather than the more mobile 
electrical attractions, the discussion of molecular structure is confined 
chiefly to the field of organic chemistry. 

Practically all changes studied in chemistry and physics involve a 
change in energy. Since energy can be measured quantitatively and 
easily, it constitutes an excellent means for describing and predicting the 
phenomena of physical chemistry. Part of the energy can be made to do 
useful work, and part of it cannot. The useful available work is of 
fundamental importance in physical chemistry. 

Quantitative energy relations are introduced as soon as a background 
of facts has been established, and they run through much of the ma- 
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terial of the femaindcr of the book. The familiar concepts of work, 
heat, and heat capacity are followed by a presentation of thermo¬ 
chemistry and then by a presentation of the more abstract concepts of 
thermodynamics wdiich are conc(n’ned with the relations among work, 
heat, and chemical reactions. Further applications in chemical thermo¬ 
dynamics are presented later, particularly in the chapter on chemical 
equilibria. 

The theory and properties of liquids are taken up next, after a back¬ 
ground of thermodynamics has been established. 

A notable part of physical chemistry is devoted to the properties of 
solutions. Ideal solutions, which follow simple laws, are discussed first 
and then solutions of nonvolatile materials. Siu^h properties as fren^zing- 
point depression, boiling-point elevations, and osmotic pressure are r(‘- 
lated dire(;tly to the lowering of vapor pressure in solutions. Nonideal 
solutions and particularly ionic solutions require special treatment. 

The questions of how' far a chemic,al reaction will go and what pei- 
centage of the initial material will be converted into final prodiuits under 
various conditions are studied quantitatively with the help of equilib¬ 
rium constants. 

The presentation of relations between different phases which are in 
equilibrium is illustrated with typical diagrams. The phase rule of 
Willard Gibbs plays an important part in their interpretation. 

Although the problem of how far a reaction will go has bc‘cn largely 
solved through thermodynamics, little is known concerning the speed 
with which it will go. This subject is considered in chemic.al kinetics. 
The various expressions for reaction rates and the mechanisms proposed 
to account for the reactions are discussed. 

Much of the latter part of the book is devoted to relations between 
electricity and chemistry. It deals first with the electrical conductivity 
of solutions and with changes occurring at the electrodes when an electric 
current is passed through the cell. Then the electromotive force of 
cells is studied both from a theoretical and a practical standpoint. 
Finally, the chemi(;al behavior of electrolytes is considered. 

When a material is subdivided into exceedingly small units (but 
larger than molecules) and spread through a liquid or other medium, the 
surface area is increased enormously, and the electric charges and the 
attraction for the solvent then become dominating factors and introduce 
important new phenomena. These relations are discussed under colloid 
chemistry. 

A brief introduction to the quantum theory and spectroscopy is neces¬ 
sary not only for the study of photochemistry but also for the study of 
many other branches of modern chemistry. 
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Molecules usually must be activated by the addition of energy before 
they can react chemically. One of the simplest ways in which they be¬ 
come aestivated is through the absorption of light. Therefore, the study 
of photochemistry is important not only in itself but also because 
of the information which it gives about the mechanism of chemical 
reactions. 

Rapid developments have occurred in our knowledge of the stnicture 
of the atom, particularly with respect to the nucleus. It has been shown 
that the atoms are composed of very dense positively charged nuclei 
surrounded by small negative electrons. The nuclei in turn arc corn- 
loosed of smaller units; protons, which are the nuclei of hydrogen atoms 
and neutrons, which have nearly the same weight as the hydrogen nuclei 
but no charge. 

Extraordinary advances have been made in breaking down these 
nuclei with neutrons and by bombardment with charged particles at 
very high voltages. These advances have led to the production of many 
new isotopes, to a broad extension of radioactivity, and to the pro- 
diK^tion of nuclear energy on a large s(*alc. 

Fundamental Units. The phenomena of chemistry and physics are 
concerned with matter at rest or in motion, with electricity, and with 
radiation. Marked progress has been made in understanding these 
phenomena by visualizing the primary units involved—the atom and 
the molecule of matter, the electron of electricity, and the photon of 
radiation. It has been found experimentally that there are G.02 X 10^^ 
molecules in a gram molecule or mole, and this number has become an 
important constant of physical chemistry known as the Avogadro con¬ 
stant. This constant enables one to predict from the behavior of in¬ 
dividual atoms, electrons, and quanta what will be the beha\dor of 
ordinary material. F'or example, the quantity of electricity called the 
Faraday, which will electrolyze a gram equivalent of ions, is obtained 
by multiplying the charge on the electron by the Avogadro constant. 
This constant, 6.02 X 10^^, is so large that it is difficult to visualize. 
Very few prac.tical operations can be carried out in chemistry which in¬ 
volve less than a millionth of a mole, but even a millionth of a mole con¬ 
tains almost a billion billion molecules. 

As far as possible in scientific work, measurements are expressed in 
terms of centimeters, grams, and seconds, and their derived units, that 
is, in the cgs system. 

Ergs, the fundamental units of energy, are based on the centimeter, 
the gram, and the second. The centimeter is defined in tenns of a 
standard meter bar and the gram in terms of a standard kilogram weight; 
both bar and weight are very exact standards kept in government lab- 
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oratories for reference. The second is defined by means of astronomical 
observations. 

Scientific Method. Chemistry and all other sciences are based on 
experimentally established facts. Wlien a number of facts have been 
collected and classified, we may draw inferences as to the probable be¬ 
havior of systems under conditions which have not been investigated. 
When a number of phenomena have been observed and studied with 
exact measurements, we can often develop a law which will predict the 
behavior of similar systems under different conditions. The law is not 
necessarily an expression of infallible truth but is rather a condensed 
statement of facts which have been discovered by experiment. It en¬ 
ables us to obtain facts which are needed without continued recourse 
to experiment. 

Natural laws may be discovered either by the correlation of experi- 
mentally determined facts, as we have just shown, or by means of a 
speculation as to the probable cause of the phenomenon in question. 
Such a speculation regarding the cause of a phenomenon is calkid an 
hypothesis. After an hypothesis has been subjected to the test of ex¬ 
periment and has been shown to apply to a large number of phenomena 
it is termed a theory. 

Usually science progresses by inductive reasoning from a few facets, 
follows with deductive reasoning based on the hypotheses, and, finally, 
tests by experimental measurements designed to prove or disprove the 
theoretical deduction. 

Many hypotheses are destined to be discarded when new facts and 
more precise data are obtained, but they fulfil a very necessary function 
in the development of science, A successful hypothesis is not necessarily 
a permanent hypothesis, but it is one wliich stimulates additional re¬ 
search, opens up new fields, or explains and coordinates previously un¬ 
related facts. The scientist needs imagination in creating new hy¬ 
potheses, but he needs also ingenuity and skill in devising experiments 
to test them and critical judgment in evaluating the results. 

The scientific method has been so effective and has made possible such 
an increase in commodities, transportation, communication, medicine, 
warfare, agriculture, industry, and most of the physical aspects of life 
that the scientists have come to have an importance they little envisioned 
in their humble search for facts and theories. With the availability of 
atomic energy they have come to realize that their findings have con¬ 
sequences which need to be as intelligently controlled out of the lab¬ 
oratory as within and on a major and world-wide scale. Their concerted 
efforts to educate public and governments in the need of such controls 
represents a new step in human responsibility at a most critical time. 
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THE GASEOUS STATE 

The Behavior of Ideal Gases. The gaseous state Ls characterized by 
the fact that the molecules are so far apart that they exhibit only slight 
attraction for each other, thus permitting the material to expand and 
fill completely a containing vessel of any size or shape. As a first ap¬ 
proximation, the physical behavior of a gas is not affected by the chem¬ 
ical nature of its molecules, and, thus, all gases respond in nearly the 
same way to the variables, pressure, volume, and temperature. 

In an ideal gas there is no interaction whatever between the molecules, 
and the (chemical energy of the gaseous material remains unchanged if 
the gas is expanded into a larger volume. 

The relation among the three variables, pressure, volume, and tem¬ 
perature, in an ideal gas is given by the simple gas law: 

pv = nRT (1) 

where p is the pressure, v is the volume, n is the number of moles of gas, 
T is the absolute temperature,* and R is a constant known as the gas 
constant and defined in the following section. 

In the special case where 1 mole of gas is taken, n = 1 and 

VV = RT (2) 

the capital V signifying the volume of 1 mole of the gas. 

This gas law is a mathematical formula which expresses the relations 
among pressure, volume, and temperature which have been found by 
experiment. It is shown in a later section, however, that, when the ex¬ 
perimental measurements are made with high accuracy or at high pres¬ 
sures, deviations from this simple gas law are found. 

The first experiments on which this law is based were performed by 
Robert Boyle in 1()()2 who found that at constant temperatures the 
volume of a gas decreases when pressure is applied and that it is in¬ 
versely proportional to the applied pressure, a fact which can be ex¬ 
pressed mathematically by the formula: 

h 

y — (temperature constant) 

V 

* T is used for absolute temperature; t for temperature on the centigrade scale. 
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where ki is a constant. This important relation between the pressure 
and volume of a gas is shown graphically in Fig. 1. The curve plotted 
here is a special case of a hyperbola, sometimes called a recipro(;al curve. 

In 1802 Gay-Lussac reported liis 
discovery of the relation between the 
volume of a gas and its temperature. 
In unpublished earlier work, Charles 
had found that certain gases expand to 
the same extent when the temperature 
is increased. Interpreted in modern 
terms this law states that at constant 
pressure the volume of a gas is directly 
proportional to its absolute tempera¬ 
ture, as given by the formula, 

V = k 2 T (pressure constant) 

and by Fig. 2, in which the direct pro¬ 
portionality between the two variables 
necessarily gives a straight line. The dotted line indi(^ates that many 
gases will liquefy at the lower temperatures and that the relationship 
applies only to material which remains as an ideal gas. 
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. 2. Volume of 1 mole of an ideal 
plotted against absolute tempt^ra- 
turc at constant pressure. 
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Fjg. 3. Pressure of 1 mole of an idtial 
gas plotted against absolute tempera¬ 
ture at constant volume. 



p (Atmospheres) 
(T=273.r) 


Fig. 1. Volume of 1 mole of an ideal 
gas plotted against pressure at con¬ 
stant temperature. 


If the volume is kept constant, it follows that the pressure of the gas 
is directly proportional to its absolute temperature as shown by the 

formula, p = (volume constant) 


and by the straight line in Fig. 3. 





THE GAS CONSTANT 


7 


The combination of Boyle’s law and the law of Gay-Lussac and 
Charles * leads, as shown in the appendix on page 671, to the expression 

pv — constant X T 

which is equivalent to the general expression for the behavior of an ideal 
gas given in equation 1. 

The Gas Constant. With reference to equation 2, 

pV = BT 

it has been found by many careful experiments, in which corrections are 
made for slight interactions between the molecules, that 1 mole (that is, 
1 molecular weight in grams) of an ideal gas occupies 22.414 liters at 
0°C or 273.16° K.t 
Then, 

pV 1 atm X 22.414 liters 
„_ 

T 273.16° 

= 0.08205 liter-atm degree"^ mole“^ t (3) 

It should be noted that the molar gas constant has the dimensions of 
energy per mole divided by temperature. The term pV is a form of 
energy because it involves a force acting through a distance. 

The pressure may be changed to dynes per square centimeter by mul¬ 
tiplying the barometer height, 76 cm of mercury, by the density of mer¬ 
cury, 13.595 at 0°, and the acceleration of gravity, 980.7 cm per second 
per second. The pressure in dynes per square centimeter multiplied by 
the volume in milliliters gives the work in ergs. Ergs in turn are con¬ 
verted into joules by dividing by 10^. 

Then, 

pV 76.00 X 13.595 X 980.7 X 22,414 

2^ _ _L__—_ 

T 273J6 X 10^ 

= 8.314 joules degr'ee"^ molc~^ (4) 

* The discovery of these laws and their combination are described by Roseman and 
Katzoff, J. Chem. Education, 11, 350 (1934), 

t C = (centigrade scale; K = absolute temperature scale. T°K = t° C + 273.16°. 
In this book as in much of the literature T° K is often taken as C 4- 273.1°. If 
the scakc is not specified, it is assumed that the centigrade scale is meant. 

t A negative exponent signifies division, whereas a positive exponent signifies 
multiplication. The expression degree"^ is equivalent to the expression “per 
degree.” 
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Joules may be changed into calories by dividing by the conversion 
factor 4.184 absolute joules per calorie. 

8.314 

R =-= 1.087 cal degree ^ mole ^ (5) 

4.184 

In calculations involving the gas laws it is usually convenient to ex¬ 
press R in liter-atmospheres; in electrochemical problems involving 
volts and coulombs R is best expressed in joules; and in thermochemical 
and thermodynamical problems R usually is given in calories. It is 
necessary to be thoroughly familiar with the different constants and to 
know which units to use in a specified problem and how to convert one 
into another. 

The Avogadro Law. According to Avogadro’s law proposed in 1811, 
equal volumes of gases at the same temperature and pressure contain 
the same number of molecules. This law provided a sure foundation 
for the determination of molecular weights, and it has played an im¬ 
portant part in the development of physical chemistry. The simple gas 
law, pV == RTj follows naturally from this law, because, if 1 mole of any 
gaseous substance contains the same number of molecules, and these, in 
turn, exert no specific influence on eacdi other, the relations involving 
volume, pressure, and temperature should be the same for all ideal gases 
and approximately the same for real gases. 

The actual number of molecules in a gram molecule or mole has been 
determined accurately in many different ways which are entirely in¬ 
dependent of each other, and the agreement is excellent. This number, 
6.02 X 10^^ molecules per mole (that is, per gram molecule) is called the 
Avogadro constant^ and it is a fundamental constant of physical chem¬ 
istry which has many important applications. The experiments on 
which the value of this constant is based are described in later chapters. 

Perrin determined the constant from observation of the random 
motion of small particles; Rutherford, from a determination of the charge 
on the alpha particle from radium; Boltwood and Curie, by direct count¬ 
ing of alpha particles and by measurement of the volume of helium re¬ 
sulting from them; and Planck, from an experimental determination of 
the constants of radiation. 

One of the most accurate values is based on Millikan’s classical oil- 
drop experiment in which the charge on the electron was determined. 

The best value* at present is 6.023 X 10^^ and is obtained from studies 
of crystals with X rays. 

*This value, together with the best values of other fundamental constants, is 
given on page 699. 
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The weight of a single atom or molecule is obtained by dividing th 
resi)e(dive atomic or molecular weight by the Avogadro constant. Fo 
example, the weight of an atom of hydrogen is 1.008/6.02 X 10^^ = 
l.()7 X g; and the weight of a molecule of hydrogen chloride i 

36.46/6.02 X 10^^ = 6.06 X lO'^^ g. 

Gas Density, and Molecular Weight. The density of a gas is define* 
in physical chemistry as the weight in grams of 1 liter. The densitie 
are useful in calculating molecular weights. According to Avogadro' 
law, it should be j^ossible to determine the molecular weight of a gaseoi] 
substanc.e by weighing a mole of the gas and comparing it with the weigh 
of a mole of some other gas of known molecular weight taken as a stanc 
ard. Since oxygen has been taken as the standard of atomic weights an 
assigned an atomic weight of 16, and since there are two atoms in 
molecule of oxygen the molecular weight of gaseous oxygen is taken as 
standard of 32. 

It has been found that at standard conditions, namely, at 0*^ an 
760 mm pressure of mercury, 32 g of oxygen occupies a volume of 22.41 
liters after correction for the deviation from the ideal-gas laws. To dc 
termine the molecular weight of a gas it is only nc'cessary then to find th 
weight of 22.414 liters of the gas at 0° and 760 mm of pressure and t 
make minor corrections for th(i departures of the gas from the behavio 
of an ideal gas. A mole of gas is too large to weigh accurately but j 
measurement may be made on a smaller quantity at any pressure an< 
temperature and converted to the weight of a mole under standard con 
ditions, using the simple gas law. 

For example, if g grams of a gas is taken instead of M grams {M bein, 
the molecular weight in grams), then, g/M represents the number c 
moles taken, wliich is defined in equation 1 as n. Then, 

pv = nRT =:—RT = ~ 0.08205T' (6 

MM 

In using this equation, since R is given in liter-atmospheres, it is neces¬ 
sary to convert the pressure p into atmospheres and the volume v int 
liters.* If the pressure is expressed in millimeters of mercury, the valu 
must be divided by 760. With this formula, any one of the quantities 
pressure, volume, and temperature, can be readily calculated when al 
the others are known. 

* In physical-chemical calculations it is always necessary to be sure that th 
quantitujs entering a formula are expressed in the correct unites. 



10 


THE GASEOUS STATE 


Example 1. Calculate the volume occupied by 10 g of carbon dioxide at 740 
mm pressure and 30° if it is assumed that the ideal-gas law holds. 


V 


gRT 

pM 


10 


X 0.08205 X 303.1 = 5.80 liters 


In the Regnault method for determining the molecular weight of a gas, 
a glass bulb is weighed when completely evacuated and again when filled 
with the gas. The volume is obtained by weighing it when filled with 
water. A second bulb of the same size is used as a counterpoise to avoid 
troublesome corrections for air buoyancy and moisture. Exact weigh¬ 
ing of large bulbs is difficult. 

The work of Baxter and Starkweather f is a classic example of the use 
of this method. These authors weighed five samples of gas in two dif¬ 
ferent 2-liter globes with an average reproducibility of 3 X of the 
weight of the gas content. 

The Victor Meyer method is convenient for the approximate deter¬ 
mination of mol(K;ular weights of subst.ances that can be weighed in the 
liquid state, thus avoiding the weighing of large vessels. A weighed 
quantity of licpiid in a glass bulblet is evaporated in an air-filled tube 
heated to a constant temperature. An equivalent volume of aii* is driven 
out and measured with a gas buret at known pressure and temperature. 


Example 2. In a Victor Meyer apparatus the evaporation of 0.0845 g of 
licpiid ethanol (CoHsOH) expelled 45.3 ml of air as measured in a iiiercuiry buret 
at 21.5° and 741 min. What is the molecular weight of ethanol calculated 
from these data? 


M 


pv 


0.0845 X 0.08205 X 294.0 


741.0 

760.0 


X 0.0453 


46.2 


The molecular weights calculated by equation G are usually too high 
(often by 1 or 2 per c(mt) because most gases show deviations from the 
simple gas law. More exact calculations can be made, as is shown pres¬ 
ently; but an approximate value of the molecular weight is sufficient to 
enable one to choose between the formula weight, obtained by chemical 
analysis, and some simple multiple of it. For example, even a rough 
determination is sufficient to distinguish among C3II5O, C 6 H 10 O 2 , or 
C'qHisOs. 

Behavior of Real Gases. Whereas the behavior of ideal or perfect 
gases is given exactly by the simple relation, pV = liT^ the behavior of 
most real gases, especially at high pressures or low temperatures, can be 
described only with more complicated formulas. 

t Baxter and Starkweather, Proc. Nail. Acad. Sci. U. S., 12, 703 (1926). 
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This situation is frequently encountered in the development of phys¬ 
ical chemistry. It is often necessary to start with the formulation of 
simple laws which apply strictly only to idealized systems; then, the 
actual systems are investigated and deviations from the ideal behavior 
measured and fitted by mathematical formulas; and, finally, the causes 
of the deviations are explained. 

Pressure-volume data for three common gases at 0° axe shown in 
Table I, where the i)ressure /> is given in atmospheres, and the volume 
V in litei's ocHuipied by 1 mole. If the gases w(U’e ideal and the simple 
gas laAV applic.able, the ])roduct of pnissure and volume should be equal 
at all pressures to 22.414 liters. The table shows that this product (pV) 
is far from being (constant and that it varies greatly for different gases. 
Even at 1 atm there is a slight dej)arture from the behavior of a perfect 
gas. 

TABLE I 

Pkessurio-Volume Relations of Gases at 0°^ 



ITydrog(^n 

GxygtTi 

Carbon Dioxide 

p 

V 

vV 

F 

vV 

7 

pF 

1 

22.428 

22.43 

22.393 

22.39 

22.262 

22.26 

50 

0.4634 

23.17 



0.04675 

2.338 

100 

0.2386 

23.86 

0.2075 

20.75 

0.04497 

4.497 

200 

0.12712 

25.42 

0.10234 

20.47 

0.04285 

8.570 

300 

0.09004 

27.01 

0.07184 

21.55 

0.04152 

12.46 

400 

0.07163 

28.65 

0.05887 

23.55 

0.04051 

16.20 

600 

0.05318 

31.91 

0.04736 

28.42 

0.03894 

23.36 

800 

0.04392 

35.14 

0.04207 

33.66 

0.03779 

30.23 

1000 

0.03837 

38.37 

0.03886 

38.86 

0.03687 

36.87 


^ Volume in liters; pressure in atmospheres. 


The influence of higher pressures is brought out clearly in Fig. 4 
where pF is plotted against pressure extending out to high pressures. A 
low value of pF indicates that the gas is more compressible. All gases 
show a minimum in a pF curve unless the temperature is too high. Hy¬ 
drogen and helium, which have very low boiling points, exhibit this 
minimmn only at temperatures much below 0°. 

The departure from ideal behavior is brought out still more clearly 
by plotting pV/RT against pressure, as is done for nitrogen in Fig. 5. 
The influence of temperature as well as pressure on the departure from 
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ideal behavior is then obvious. The values of pressure, volume, and 
temperature are determined eixperimentally. For a perfect gas pV/RT 
should have a value of unity under all conditions. The behavior of 
nitrogen is typical of all gases. It is more compressible than a perfect 
gas at low pressures and less compressible at high pressures; and the 
departure from ideal behavior becomes less at high temperatures and 
low pressures where the molecules are kept farther apart. 




Fig. 4. infiuenoe of high pressures on Fig. 5. Influence of high pressures on 
the product of pressure and volume for the quantity pVIRT for nitrogen, 

typical gases. 

The Critical Temperature. At sufficiently low temperatures a gas 
may be made to liquefy by applying pressure, thus reducing the volume 
and bringing the molecules close enough together so that the attractive 
force between them will be effective. All gases have been liquefied in 
this way. However, there is a temperature above which it is impossible 
to liquefy the gas no matter how great a pressure is applied. This tem¬ 
perature is called the critical temperature; and the minimmn pressure 
necessary to bring about liquefaction at the critic^al temperature is 
called the critical pressure. The volume occupied by a mole of gas or 
liquid at the critical temperature and pressure is called the critical 
volume. 

The significance of the critical temperature is shown in Fig. 6 in which 
pressure is plotted against volume for 1 mole of carbon dioxide at the 
several temperatures indicated on the graph. 

Lines on a graph which refer to a specified constant temperature are 
called isothermals. At 48.1° the pressure-volume curve is a reciprocal 
curve similar to that shown in Fig. 1 for an ideal gas. At 35.5° there is 
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a nick in the curve showing that in the neighborhood of a pressure of 82 
atm the gas is deviating considerably from the behavior of an ideal gas 
and the molecules are close enough to exhibit some attraction for each 



Volume in liters of one mole 

Fig. 6. Pressure-volume curves for carbon dioxide showing the critical temperature 
and pressure. Van der Waals’ calculation shown at W. 

other, thus making the over-all volume of the gas smaller than that of 
an ideal gas in which no such attraction exists. 

At all temperatures below 31.0° the curves exhibit theoretically hori¬ 
zontal sections as shown by isothermals at 21.5° and 13.1°. These hori¬ 
zontal lines indicate that an infinitesimal increase in pressure causes a 
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very large decrease in volume, owing to the fact that the gas is liquefying. 
At the right of the diagram gas alone is present, and the curves follow 
the simple-gas law approximately; at the extreme left liquid alone is 
present, and since the liquid is much less compressible than a gas, th(^ 
curve is steeper than that for the gas. Along the straight horizontal 
part of the curve both gas and liquid exist together. This region in 
which gas and liquid are coexistent is enclosed by the dotted line, the 
maximum point A of which gives the critical temperature, critical pn^s- 
sure, and critical volume. The wa\y line W is discussed on page 17. 


TABLP] II 

Critical Constants and Boiling Points of Gases 


Gas 

T’bp 

(-K) 

Tr 

(°K) 

7’bp'/7’, 

Pr 

(at.m) 

IV 

(ml/mole) 

(°K) 

KTc/v.Vc 

He 

4.2 

5.2 

0.81 

2.25 

61.5 

0.9 

3.08 

Ha 

20.4 

33.2 

0.61 

12.8 

69.7 

14.0 

3.05 

Na 

77.3 

126.0 

0.01 

33.5 

90.0 

63.2 

3.42 

CO 

81.1 

134.4 

0.60 

34.6 

90.0 

66.1 

3.54 

A 

87.4 

150.7 

0.58 . 

48.0 

77.1 

83.9 

3.35 

Oa 

M.l 

154.3 

0.58 

49.7 

74.4 

54.7 

3.42 

CII 4 

111.7 

190.2 

0.59 

45.6 

98.8 

89.1 

3.47 

NO 

122.1 

177.1 

0.(W 

64 

57.2 

112. 1 

3.97 

02114 

169.3 

282.8 

0.60 

50.5 

I2G 

103.7 

3.64 

HCl 

188.1 

324.5 

0.58 

81.6 

87 

162.1 

3.75 

C 2 H 2 

189.5 

308.6 

0.61 

61.6 

113 

191.3 

3.64 

CO 2 

194.6 

301.2 

0.64 

72.8 

94.2 


3.64 

H 2 S 

213.5 

373.5 

0.57 

88.9 


190.2 


CI 2 

238.5 

417.1 

0.58 

76.1 

123 

171.5 

3.64 

Nils 

239.7 

405.5 

0.59 

112.2 

72.0 

195.4 

4.12 

SO 2 

263.1 

430.2 

0.61 

77.6 

125 

200.4 

3.64 

n-CeHn 

342.1 

507.9 

0.67 

29.6 

367 

178.8 

3.83 

CCI 4 

349.9 

556.2 

0.63 

45.0 

276 

250.1 

3.68 

CaHfiOH 

351.6 

516.2 

0.68 

63.0 

167 

155.8 

4.02 

CeHe 

352.7 

561.6 

0.63 

47.9 

256 

278.6 

3.76 

H 2 O 

373.1 

647.3 

0.58 

217.7 

56.6 

273.1 

4.39 

n-CyHie 

371.5 

540 

0.69 

27.0 

416 

183.1 

3.95 

CH 3 COOH 

391.2 

594.7 

0.66 

57.1 

171 

289.7 

4.99 

n-CgHis 

397.7 

570 

0.70 

24.7 

490 

216.6 

3.86 

Hg 

630.0 

1735 

0.36 

1042 

40.1 

234.2 

3.40 


^ The melting points Tmp and ratios of boiling point to critical temperature T’bp/Tc 
given in these columns are not involved in the present discussions but are included 
for reference in a later chapter. 
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All gases give curves similar to those shown in Fig. 6 and exliibit 
critical temperatures below which it is possible to produce liquefication 
by application of sufficient pressure. 

In Table 11 the critical temperatures Tc, pressures pc, and volumes 
Vc are given for several of the common gases, arranged in order of in¬ 
creasing boiling jjoints. 

Several of the substaiK^es given in the table are liquids at room tem¬ 
perature, but they become gaseous at sufficiently high temperatures. 
Gases which are below tiieir (critical temperatures are often called vapors. 
I'he pressure-volume-temperature Halations are approximately the same 
for all gases, and, since at the critic^al temperatures the liquids become 
indistinguishable from th(^ corresponding gases, the p-V-T relations 
for all liquids should be the same if the litpiids are compared at their 
critical temperatures. That this i*elation holds a})proximately is st^en 
by examination of the last column where the value of RTc/pcVc i*^ found 
to be about 3.5 for many substances. With the exception of a few 
li(]uids such as water, ammonia, alcohols, and organic acids, which are 
abnormal as exi)lained in a later chapter, this value varies from 3 to 4 
over a range from 4° to ()30° K. 

Equation of van der Waals. Van dca* Waals in 1879 made an early 
attempt to introduce additional terms into the simple gas equation and 
thus give an expression ^vhich describes more exactly the behavior of 
real gases. An examination of Figs. 4 and 5 reveals the fact that at low 
pressures real gases may be more comj)r(^ssible than an ideal gas and 
that at high pressures they may be less (compressible. The tendency to 
be more compncssible is due to the fact that the molecukcs have some 
attraction for each other and tend to draw together. The tendency to 
be less compressible is pi’obably due to the fact that the molecules of the 
gas are less compressible than the gas itself, and the volume of the 
rnoleccukcs themselves becomes an appreciable part of the total volume 
when the pressure becomes high and the total volume small. 

Van der Waals put these ideas into a general ecpiation as follows: 

(p + ^“ 2 ) (^' - ^) = (7) 

The constant a expresses the fact that a force of attraction exists be¬ 
tween two molecules of the gas. The total forces exerted between two 
small neighboring regions of gas will depend on the number of mol¬ 
ecules in the region. The larger the volume holding 1 mole of gas, the 
fewer are the molecules in a given region and the less the attraction. 
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The attraction from one region then varies inversely as the volume, and 
in the other region it also varies inversely as the volume. The total at¬ 
traction between two small regions then is inversely proportional to the 
product of the two, that is, to 

Since the force of this attraction a/T^ augments the pressure in tend¬ 
ing to make the volume small, it is added to the term p. 

The term h is connected with the volume of the molecules themselves, 
and so it is subtracted from the total volume V to give an effective com¬ 
pressible volume. The volume h appears to have a value about four times 
the volume occupied by the molecules themselves if they are considered 
to be simple spheres. 

When V is large both h and a/V^ become negligible; and the van der 
Waals equation reduces to the simple gas equation, pV = RT. In gen¬ 
eral, all gases tend to become ideal at low pressures and approach the 
behavior given by the simple gas law, pV = RT. 

Van der Waals’ constants for a few additional gases are listed in 
Table III.* They can be calculated from physical-chemical measure¬ 
ments as shown later on page 18. 

TABLE III 

Van DEii Waals’ Constants 
Units: liters, atmospheres, moles, (k^f>;r(‘(‘,s absolute 


j 

Gas 

a 

(liter^ atm 
mole“‘^) 

b 

(liters 

mol(^~^) 

i 

Gas 

a 

(lit(T^ atm 
mole~^) 

b 

(liters 

mole~^) 

C 2 H 2 

4.390 

0.05136 

CO 

1.485 

0.03985 

NHa 

4.170 

0.03707 

CI 2 

6.493 

0.05622 

CeHe 

18.00 

0.1154 

H 2 

0.2444 

0.02661 

CH 4 

2.253 

0.04278 

HCl 

3.667 

0.04081 

CO 2 

3.592 

0.04267 

O 2 

1.360 

0.03183 

C 2 H 6 

5.489 

0.06380 

SO 2 

6.714 

0.05636 

C 2 H 4 

4.471 

0.05714 

N 2 

1.390 

0.03913 

He 

0.03412 

0.02370 

H 2 O 

5.464 

0.03049 

NO 

1.340 

0.02789 

NO 2 

5.284 

0.04424 


The values of a are given here in liter^ atm mole"^, but sometimes they are ex¬ 
pressed in cc instead of liters giving cm® atm mole“‘'^. The values of h also are some¬ 
times given in cm® per mole instead of liters j>er mole. 


Lange, ^‘Handbook of Chemistry,” Handbook Publishers, Sandusky, Ohio, 1941 
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Example 3. Calculate the pressure exerted by a mole of sulfur dioxide in 10 
liters at 100° using (a) the ideal-gas law and (6) van der Waals^ equatioix. 


(a) p = 

riRT 

1 X 0.0S205 X 373.1 ^ 

V 

10.00- - 

{b).p = 

RT 

a 0.08205 X 373.1 6.714 

- h 

~ ]0.()0 - 0.0504 100.0 


= 3.012 atm 


The attractive forces between molecules which gives rise to the term 
a/V'^ in van der Waals' expiation, is responsible not only for the devi¬ 
ations from tlie gas laws at ordinary pressures but also for the con¬ 
densation of gasc^s to liquids, foj- certain types of solubility, and for many 
physical and chemical phenomxma. It is electrical in character; for, al¬ 
though th(i molecailes are uncharged, they contain within them positive 
and negative parts which can induce electric charges in a neighboring 
molecule, and these charged parts of molecules then attract oppositely 
charged units in their vicinity and tend to bring the molecules closer 
together. 

Van der Waals’ expiation has been very su(a‘essful in expressing the 
])X3havix)r xif gases at atmospherix*. pressurx^ and up to a few atmospheres, 
but it is inadequate for calxnilating the propertix^s of gases under high 
pressures. It has bexm useful in the thexxretix^al studies of the behavior 
of gases. 

There is an interesting rxdationship between the van der Waals con¬ 
stants, a and 6, and the critical cxinstants pc? and Vc. Multiplying 
out the terms in van der Waals^ expiation 7 and rearranging in desceiixl- 
ing powers of F, we have 



This cubic equation has three possible solutions, each value x)f p giving 
three corresponding roxjts of V, The terms, a, 6, R, and T, are con¬ 
stants. This equation is shoAvn graphically by the dxittx^d line W on the 
21.5° isothermal in Fig. 0 where the three values are evident as three 
intersections B, C, and D on the horizontal line corresponding to a fixed 
value of the pressure. This dotted calculated line then appears to give a 
continuous transition from the gaseous phase to the liquid Rhase, but in 
reality the transitixin is abrupt and discontinuous, both liquid and vapor 
existing as indicated along the straight horizontal lines. This theoretical 
dottexl line DWCWB does not correspond to normal physical conditions; 
for example the slx)pe of the curve at C is positive, a fact which would 
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lead to the unnatural condition that an increase in pressure produces an 
increase in volume. However, it is possible to supersaturate the vapor 
and have pressures of gas in an unstable condition represented by the 
beginning of the dotted line DW, before the vapor has a chance to liquefy 
and bring the pressure down to that of the horizontal line. At the 
critical temperature (81.1° for carbon dioxide) all three values of V 
obtained by solving equation 8 take on real values, and all are the sarnc^ 
and ecpial to the critical volume. In terms of the graph the three values 
of V coincide in a point A, the critical volume. 

It can be shown by solving equation 8 (appendix, page 672) that 
a = ^PcVc^j that b = and that R ^ ^(VcVc/Tc), where pc, Vc, 

and Tc are the values at the criti(‘,al- point. In fact this is one of the ways 
of evaluating van der Waals^ constants a and b. 

If, in the equation of van der Waals, the values of p, F, and T are ex¬ 
pressed as fractions «, /3, and y of the corresponding critical values, then 
p = apc; V = /3Fo; and T = yT^, Substituting these values of p, F, 
and T into van der Waals^ equation 7 gives 

~ 

and, again substituting thi) values of a, 6, and R just given into this 
equation, we have 

(a + (3/J - 1) = 8t (9) 

In equation 9, sometimes called a reduced ecpiation of state, every' 
thing connected with the individual nature of the substance has van¬ 
ished, thus making it theoretically applicable to all substances in the 
liquid or gaseous state in the same way that the fundamental gas equa¬ 
tion is applicable to all gases, irrespective of their specific nature. This 
equation is only a rough approximation and does not apply at all satis¬ 
factorily to liquids. It is useful, however, in pointing out that, when 
nonidoal gases are compared, not at equal temperatures, but at tem¬ 
peratures which are equal fractions of their critical temperatures, some 
of the properties due to the specific chemical nature of the gas will dis¬ 
appear, and the comparisons of physical properties will be more signif¬ 
icant. 

Other Equations of State. An equation which gives the relations 
among the pressure, volume, and temperature of a gas is called an equa¬ 
tion of state. The equation of van der Waals is mathematically incon¬ 
venient to use in certain types of problems because it involves the solving 
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of a cubic equation. The following equation, developed by Berthelot, 
i.s useful at moderate pressures: 


iw = 7iRT 


1 + 


128 Pc T 





( 10 ) 


In this equation pc is the critical pressure and Tc the critical tem¬ 
perature (page 14). Inspection of the equation shows that, as T in¬ 
creases or as p decreases, it approaches the simple equation pv — nRT 
expressing the behavior of an ideal gas. The valiK^s of the ratio pv/RT 
calculated by means of this ecpiation agree (dosely with those deter- 
miruKl experimentally, i)rovided thc^ gases are rnuther associated nor 
dissociated and are sufficiently rcanoved frcan their liquefaction tem¬ 
perature and pr(\ssure. 

Other empirical equations of state * are necessary to meet the de- 
mancis for greater accuracy in industrial chemistry where catalytic rc^ 
actions are carric^d out under high pressure. They involve more con¬ 
stants and are more cumbersome to use. llie Beattic^-Bridgman ecjua- 
tion with live constants, givcai in the appendix on page 673, is among the 
more exact ecpiations for use at high pressures. 

Acicording to another ecjuation, known as the virial equation, the 
deviation from the behavior of an ideal gas at a given temperature is a 
function of tlie juessure as shown in the following equation. 

pV - RT + Bp + + (11) 


where the constants /i, C • • • are evaluated from experimental p-V-T 
data. The most important constant B can be connected with certain 
physical and chemical properties of the gas. This ecpiation is finding 
increasing application in both theoretical and practical work. 

The chart shown in Fig. 7 developed by Hougen and Watson f takes 
advantage of the simplifications introduced by expressing the tem¬ 
perature and pressure as fractions of the critical values and permits one 
to calculate easily the p-V-T relations for any gas when the critical 
temperature and pressure are known. It is particularly valuable for cal¬ 
culations at high pressures when other data for the equations of state 
are not known. In this chart the expression pV/RT sometimes called 
the compressibility factor, is plotted against the reduced pressure p/pc 
for different reduced temperatures T/Tc^ Large charts accurately 
drawn with more values of the reduced temperatures are available. 

* Woolsey, J, Chem. Educaiiorij 16 , 60 (1939), 

t Hougen and Watson, ^‘Industrial Chemical Calculations,’^ John Wiley & Sons 
New York, 1946. 
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0 ^ 0.3 0.4 0.5 0.6 0,7 0.8 1.0 2 3 4 6 6 7 8 9 10 20 

Reduced Pressure 

Fig. 7. Hougen and Watson cliart for calculating pressure, volume, and temperature relations r high pressures. 
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Example 4- With the Hougen and Watson chart, estimate the volume 
occupied by a mole of oxygen at —88° C and 44.7 atm. The critical temperature 
and pressure are found in Table II. 


T 

T'o 


273.1 - 88.0 
154.3 ~ 


1 . 20 ; 


Pc 


44.7 

49.7 


- 0.90 


From the chart, jjV/RT = 0.80. 


V 


0.80 X 0.08205 X 185.1 
44.7 


0.272 liter 


The dillerent e(juatioiis of state are compared in Table IV. 


TABLE IV 

pV/RT FOK XlTROCiFN AT 1000 ATMOSPHERES 


T(‘m})craturc 

Observcnl 

Ideal 

V^an der Waals 

Berthelot 

Hougen and 
Watson Chart 

o^c 

i 

2.0632 

l.fKlOO 

2.426 

0.731 

2.10 

50° C 

1.9285 

1.0000 

2.1S2 

1.071 

1.95 


The decision as to Avhicli eciuation of state should be used depends on 
the amount of data available and the purpose of the stud3^ If one de¬ 
sires to fit the data with great accuracy over large pressure ranges the 
virial equation is recommended liecause of its flexibility. Such an equa¬ 
tion is really a condensed summary of the data. It rciquires a different 
set of constants for each temperature and it becomes very cumbersome 
for practical application. The Beattie-Bridgman equation, with five 
or six adjustable constants, is useful for practical purposes since it can 
be made to fit the data with reasonable accuracy over a considerable 
temperature and pressure range, but often it is not exact beyond 200 
atm. 

For preswsures up to a few atmospheres very satisfactory results are 
obtainable with the equation of van der Waals or Berthelot if the critical 
temperature and pressure are known. The Hougen and Watson chart 
gives very good results even up to pressures of several hundreds of at¬ 
mospheres. 

Exact Molecular Weights. When values of the molecular weights 
more exact than those obtainable by the simple gas-law calculation are 
necessary, detemiinations may be made at lower and lower pressures. 
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usually by the Regnault method. The deviations from the simple gas 
law become less at the lower pressures and approach zero, but serious 
experimental difficulties are involved in weighing a large vohune of gas 
at a low pressure. Precise measurements of densities at several low 
pressures can be used to determine the atomic weights of the elements 
which make up the molecule, with an accuracy as great as that obtain¬ 
able by chemical analysis. This method is called the method of limiting 
densities. 

As the pressure decreases, the volume increases, and the weight per 
liter decreases. The density d defined by g/v decreases; but the ratio of 



Fig. 8. Determination of molecular weight by extrapolation of density/piessure to 

zero pressure. 

demsity to pressure d/p or g/vp should remain constant if the gas is jier- 
fect, since pv is constant and the total weight g remains unchanged. For 
ordinary gases, however, the ratio of density to pressure is not constant 
but decreases as the pressure decreases, as shown in Fig. 8. 

For permanent gases it has been found that practically a straight line 
is produced when d/p is plotted against p at pressures below' 1 atm. The 
straight line is extrapolated beyond the region of experimental measure¬ 
ments until it intersects the Y axis where p = 0. The intercept can be 
obtained mathematically from the data without graphing. Gases which 
liquefy at fairly high temperatures show greater deviations, and the 
straight-line relation does not hold. More complicated mathematical 
formulas may then be necessary for the extrapolation.* 

Since the deviations from the ideal-gas law approach zero as the 

I'l 

* Birge and Jenkins, J. Chem. Phys,, 2, 167 (1934). 
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pressure is reduced, the exac;!. molecular weight M is given by the equa¬ 
tion, 



where (d/p)o is the ratio of density to pressure extrapolated to zero 
pressure. 


Example 5. Calculate the molecular weight of methyl (chloride and the 
atomi(^ weight of chlorine from the following data, having given the atomic 
weights of carbon and hydrogen: 


Pressure, 

atmospheres 

1 

2 

3 

1 

2 

1 

'3 

1 

4 

Density at 0°, 
grams per liter 

2.3074 

1.5263 

1.1401 

0.75713 

0.56660 


The extrapolated ratio of density to pressure at 0° is 2.2528 as shown in Fig. 8. 

Then M = 2.2528 X 0.0820,54 X 273.16 = 50.495. 

If we subtract from 50.495 the atomic weight of carbon, 12.010, and three 
times the atomic weight of hydrogen, 3.024, a value of 35.461 is obtainediior the 
atomic weight of chlorine. The accepted value is 35.457. 

Kxac^t molecular weights can be obtained with the help of Berthelot\s 
equation or otlnu* suitable equations of state, and they are sufficiently 
accurate to be used for the calculation of atomic weights over limited 
ranges. 


Example (>. Calculate the atomic weight of nitrogen from the fact that the 
density of nitric oxide, NO at 0° and 760 mm is J .3402 g per liter. The critical 
constants are 177.1° K and 64 atm. 

Calculating the molecular weight M by Berthelot\s equation gives 


iw mvr r V ^ 'p)\ 


d vTc, 


(1.3402)(0.082054)(273.16) 
i X 1 


1 + 


9 1 177.1 
128 64 273.16 


, 177.1^ 

' 273.162 


)] 


- 30.039[1 ~ 1.08 X 10-3J = 30.005 


The atomic weight of nitrogen — 30.005 — 16.000 « 14.005. The accepted 
atomic weight of nitrogen is 14.008. In calculations of this type when the 
correction term is small, it is sufficient to calculate the correction term approxi¬ 
mately with a slide rule. 


Abnormal Densities. The molecular weights of a great many sub¬ 
stances have been determined by measurements of the density of the 
gas. Generally, they agree with the molecular weights obtained from 






injL \jiaj51^jUUD r>JLAXiii 


the sum of the atomic weights. Difficulty^ however, was cncouiitcrec^ 
with a few substances whose molecular weights seemed al^normal. The 
experimental results were in error, Avogadro’s hypothe^sis was not 
universally applicable, or some new phenomenon was entering in. This 
situation arises frequently in the development of science. Exceptions to 
a general law are found, and for a time the fate of tlie whole law is un- 
(‘-ertain. More exact experiments or slight corrections (su(*.h as wen', 
showm for the gas law) may save the law, or perhaps it may have to be 
discarded or modified. In these cases the difficulty was traced to the 
fact that some of the gases dissociated or broke down into smaller units 
or that tlu'y associated into multiples of the molecular weight. 

The molecular weight of sulfur below 500° * (corresponds to the formula 
Ss; at 1100 ° it correspemds to S 2 ; and at intermenliate temperatures it 
may correspond to S 4 or 8 ^ or a mixture of the various forms. Iodine 
gives T 2 fr( 7 m 200 to 600°; ]>ut at 1400°, and above, it has half th(‘ density 
and corresponds to monatomic molecules. At interm('diate temperatun's 
all densities bictween these two vaiu(\s c^an be detained. Arsenic oxide, 
aluminum chloride, phosj)horus chloride, ammonium chloride, and var¬ 
ious other substances dissociate in a similar manner, particularly at high 
temperatures. 

Decreasing molecular weights at higher tcanperatures are due to dis¬ 
sociation of the molecules into smaller molecules. Since the original ma¬ 
terials are obtained on cooling, the bneaking down into parts must bc' 
reversible. One of the (earliest substan(c(\s to be studied in this con¬ 
nection was ammonium (chloride. It was suspected that the low molec¬ 
ular weight was occasioned by the reaction. 

NH4CI ^ NII 3 + IIC4 

the ammonia and hydrochloric acid at the high tempe^rature occupying 
twice the volume of ammonium chloride vapor and giving half the 
density, when dissociation was complete. This interpretation was 
proved to be correct wffien it was shown that the heated vapor contained 
an alkaline gas NH3 and an acid gas HCl whi(ffi could be separated by 
fractional diffusion through a porous plug of solid ammonium chloride. 
The gas diffusing through the plug turned litmus paper blue. It is shown 
on page 28 that gases of low molecular weight diffuse more rapidly than 
those of high molecular weight. 

Use is made of these experimentally measured densities in calculating 
quantitatively the extent of the dissociation of the heavier molecules 
into lighter ones, as shown on page 259. 

* As already explained, centigrade scale is meant unless otherwise specified. 
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The Kinetic Theory. According to the kinetic theory, the molecules 
and atoms of any substance are in a constant state of motion at all tem¬ 
peratures above absolute zero. When heat is supplied to any material, 
for example, by contact with a waimt^r body, by a chemical reaction, or 
by absorption of radiation, the molecules move faster, and the temper¬ 
ature rises, unless {)rovented by some other heat-absorbing process. The 
molecules are restricted in their movement by attractive forces which 
hold them near a fixed position in solids and, to a lesser extent, in liquids, 
so that the motion corresponds to a molecular vibration rather than to 
a flow of matter. As the temperature increases, the vibrations in the 
solid or liquid become more vigorous juntil finally the kinetic energy of 
the fastest-moving molecules is sufficient to cause the molecules to break 
away from the other' molecules and enter the gaseous state—that is, the 
substance vaporizcis. 

The mokicules in the gas thus formed do not vibrate in the neighbor¬ 
hood of a point as they did before, but they are completely separated 
from each other and move in sti*aight lines with an average velocity 
which inci’eases as the teniperatui*e of tire gas inen^ases. The volume 
occupied by the molecules of the gas themselves is much smaller than the 
volume of the containing vessel which they fill, and, accordingly, a 
molecule moves for considerable distances before it collides with one of 
its neighbors. The average distance through which the molecules move 
between collisions is called the mean free path. 

The combined effect of the impacts of the molecules on the walls of 
the containing vessel accounts for th(^ pressure exerted by the gas. When 
these walls are moved outward by a gas and the gas expands against an 
external pressure, it does work at the expense of the kinetic energy of its 
molecules. If the gas is insulated, this loss of kinetic energy will slow 
down the motion of the mole(mles and prodm^e a cooling effect, but, if 
it is in good thermal contact with its surroundings, heat will flow in and 
offset the loss of kiiK^tic energy so that the temperature remains con¬ 
stant. 

The molecules of a gas undergo an enormous number of collisions with ' 
other molecules, and their direction and velocity is constantly changing 
in a random manner. The distribution of velocities in a group of mole¬ 
cules has been determined mathematically by Maxwell and Boltzmann 
and used in a number of different calculations, as discussed later on pages 
368 and 678. In the present chapter the kinetic theory is used with 
simplifying assumptions to develop a simple equation which is important 
in describing the quantitative behavior of gases. 

Referring to Fig. 9, we may imagine that in this cube, which has a 
length of I centimeters, there are n molecules each having the mass m. 
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The temperature of the gas remains constant. We will assume that the 
molecules are very small compared with the distances between them, 
that there are no forces of attraction between the molecules, and that 
the collisions of the molecailes with each other and with the sides of the 
box are perfectly elastic (that is, that no energy is used up inside the 
molecule by rearrangements of its parts). The molecules are moving 
with widely different velocities but w(^ may take one velocity as char- 
a(‘teristic of all the molecules at the specified tem- 
perature of the imaginary experiment. We might 
I [ take the average velocity, bet it will be remembered 

] ^ A froin experiments in pliysics on the resolution of forces 

- A that it is more significant to use the root-mean-square 

_velocity. In the present case the root-mean-square 

^ velocity is the square root of 1/nth of the sum of the 

Fig. 9. Imaginary scpiares of the individual velocities of all the n 
rube used in the i^olecules. 

dc rivatiou of th< ^ result of their collisions with each other insid(‘ 
kinetic equation, yo 

= the box, the molecules will be moving sometimes in 

one direction, sometimes in another; since these di¬ 
rections may be resolved along three different axes at right angles to 
each other, it may be supposed that one third of the molecules are 
moving always in the direction perpendicular to the wall A. 

Considering the collisions of molecules with a molecule will strike 
A every 21 centimeters as it moves back and forth across the box. If 
its velocity is u centimeters per second, it will collide u/2l times per seo 
ond with A. Since the collisions are perfectly elastic, the molecule will 
rebound with velocity — u, having suffered no loss in kinetic energy. 
Since momentum is defined as the product of mass and velocity, the 
momentum before collision is 7nu and after collision is —mu; so that the 
change in momentum per collision per molecule is 2mu. There are u/2l 
collisions per second; so the change in momentum per molecule per sec¬ 
ond is m\i?/I. The total change in momentum per second for the n/3 


molecules which can collide with A is 


; this represents the average 


force on A, since force may be defined as the change in momentum per 
second. Pressure is force per square centimeter, and so the pressure p 
on the area Ay or Py is 

force n mvP 1 
V =-^ 


(13) 





THE KINETIC THEORY 


2' 


But the vx)lume v of the box is P, and we have 


n mu^ 


p = - 

(14; 

3 V 


pv = \nmu^ 

(15: 


This is the fundamental equation of the kinetic theory of gases whicl 
finds frequent application in physical chemistry. It is not restricted t( 
gases in a cubical vessel, because any vessel ma.y be considered to b< 
made up of a large number of small cubes for each of which this deriva 
tioii applies. It must be remembered, however, that the equation appliei 
stricitly only to ideal gases in which there is no attraction between th( 
molecules and no internal loss of energy on collision. It can be applied 
however, with fair accuracy to most real gases. 

Equation 15 may be rewritten in the form, 


py =z = I total kinetic energy 


( 16 : 


since the kinetic energy of a moving body is ^mu^. Inasmuch as the 
kinetic energy of the molcH^ules depends on the temperature, it will re¬ 
main constant at constant temperature. According to (xpiation IG thei 
pv is constant at constant tempei-ature—and we have thus derivec 
Boyle^s law. 

An expression may be deduced also from the fundamental kinetic 
equation which is equivalent to Avogadro^s law. 

For one gas, 1 

pv — ^riimiUi^ 

and for another gas of different molecular weight, 


so 


pv = \n 2 m 2 U 2 


(17) 


At the same temperature the kinet ic energies are assumed to be equal 

= \m2U2 ( 18 ) 


If equation 17 is divided by equation 18, several quantities cancel out, 
and we have 

ni = n2 (19) 


This equation shows that, at equal temperatures, pressures, and volumes, 
the number of molecules in each gas is the same—provided that the gases 
are ideal and that the conditions assumed in the derivation of equation 
15 apply. 



28 


THE CUSEOUS STATIC 


Velocity of Molecules. If the fundamental kinetic equation is solved 
for u and mn is taken ecjual to the molar weight M for one mole, wc have 


u = 



( 20 ) 


Exani'ple 7. What is tlie root-rnean-square velocity of a molecule of hydrogen 
at0°? 


u — 



4 


3 X 8.314 X 273.1 X 10^ 
~ 2.016 


1.84 X 10^ cm sec~^ 


In this calculation R is taken in ergs per degree per mole in order to have 
consistent units in the cgs (centimeter-gram second) system. 


It is seen that on the average a hydrogen molecule at 0"^ travels at a 
rate faster than a mile per sec.ond, but it travels only an exc(^edingly 
short distance before colliding with another molecule and starting off in 
a different direction. 

This derivation, like all those depending on the relation j)V = RT, is 
exact only for perfe(‘t gases. Even if the expression / mu is used, 

the answer still may b{‘ erroneous (perhaps to about 1 per cent) bcicause 
in the derivation an ideal gas was assumed with no attraction between 
the molecules. 

Relative rates of diffusion and molecailar weights may be estimated 
from the fundamental kinetic equation. Since the density d of a gas is 
ecpial to the mass divided by the volume, d ~ innlY\ 


u = 



( 21 ) 


If the pressure and temperature of two different gases are the same, the 
ratio of the root-mean-square velocities ui and U 2 may be calculated 
from the two densities, di and ^ 2 , or from the molecular weights, Mi 
and M 2 , as shown by equation 20: 



Under certain conditions the times required for two gases to flow 
through a small aperture are inversely proportional to the velocities of 
the molecules and, hence, directly proportional to the square root of the 
molecular weights. The proportionality is exact if the cross section of 
the aperture is small compared with the average distance through which 
a molecule travels before colliding with another molecule. At ordinary 
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pressures this distance is so small that the conditions are no longer 
satisfied and a correction tei-rn is required, unless both gases happen to 
be of the same type—both diatomic, for example. 
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PROBLEMS 

1. What pressure does a concc'iitration of 1 mole per JiU'i of an ideal gas give in 
millinK^ters of mercury at, (a) 25“ and (b) 1000°? 

Ans, (a) 18,590 mm. (b) 79,344 mm. 

2. How much does a liter of octane gas CgHis weigh at 150° and 1 atm pressure? 

Ans. 3.289 g. 

3. How many grams of ammonia will oc<‘upy the same volume at —25° as is 

occupi(id by 5 g of oxygen at 25° if the pressure is th(i same? A?is. 3.2 g. 

4. Estimate the tons of carbon dioxide' over a square mile of tlui earth's surfaejc 

if tli(,‘ at inospheric pressure is 760 nun and the air contains 0.03 of one per cent of 
carbon dioxide. ♦ Ans. 8850 tons. 

5. A certain hydrocarbon is found to have a vapor density of 2.550 g per liter at 
100° and 760 mm. Chtmiical analysis shows that the substance contains one atom 
of carbon to one atom of hydrogen. What is its molecular formula?* 

Ans. CeHe. 

6. Calculate tlic^ preissure exeirOnl when 1 moU' of w.at(*r is heated in a volume of 

10 liters to a h'lnperat ure of 150°, using {a) tlu' simple gas law and {b) van der Waals’ 
equation. Ans. (a) 3.47 atm. (b) 3.43 atm. 

7. Using van der Waals’ equation, calculate' the pressure exerted by 1 mole of 
CO 2 at 0° which has a volume of {<i) 1 liter, (b) 0.0.5 liter, (r) Repeat the calculations 
at 100° and 0.05 lifer. Ans. (a) It).82 atm. (6) 1620 atm. (c) 2740 atm. 

8. The density of ammonia in grams per liter was determined at various pressures 

by weighing the gas in large glass bulbs. The values of dfp {d = density in grams 
p(T lit(;r, p = pn^ssure in af mosplK^res) at 0° were as follows: 0.77169 at 1 atm, 
0.76773 at | atm, 0.76585 at ^ atm, 0.76383 at atm. Wliat is the limiting value 
of density p(?r pressure at, z(‘ro pressure, as determined graphically, and what is the 
molecular w(dght of ammonia? If the atomic weight of hydrogen is taken as 1.008, 
what is the atomic weight of nitrogen? Ans. 14.008. 

9. Calculate tlic^ temp(*rature at which the root-mean-square velocity of a nitrogen 

molecule is the same as that of a helium molecule at 27°. Ans. 2102° K. 

10. A 6-t,o-l mixture by volume of neon and argon is allowed to diffuse through 
a small orifice into an evacuated space. What is the composition of the mixture 
which first passes through? Ans. 10.6 per cent A and 89.4 per cent Ne. 


11. A mixture of 0.1 g of hydrogen and 0.2 g of nitrogen is to be stored at 760 mm 
pressure and 25°. What must the volume of the container be, if it is assumed that 
there is no interaction between nitrogen and hydrogen? 
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12. A l-lit(^r flask containing an organic vapor at 25° is evacuated to 0.0001 mm 
(of mercury). Plow many molecules remain in thcj flask? 

13. (a) How many grams of air are tlu^re in the atmosphere surrounding th(‘ earth, 
if it is assumc'd ihat ih(' (;art,h is a sphere with a diameter of 12 million meters and 
that the atmospheric pn'ssure is 760 mm everywhere on the surface? 

( 6 ) How many mol(‘s of air are there in the total atmosphere, if it is assumed that 
th(* averag(' molecular w(iight of air is 28.8? 

(r) I low many rnok^culc's of oxygen an^ there in the earth’s atmosphere, if one 
fifth of the air by volume is oxygen? 

14. What pr(‘S 8 ur(i will b(' generated if 100 g of methanol CH 3 OH is evaporated 
at 100 ° in an evacuat'd ve.ssf^l having a volume of 2 liters? 

15. A ccTtain liciuid is w(‘igh(‘(l out in a Victor Mc^yer apparatus and vaporized. 
The weiglit of lifjuid is 0.110 g, th(^ pressun^ 737 mm, and the temperature 25.0°. 
If the voluiiK^ of displac('d air, colh^cted ov(‘r m(‘reury, is 22.5 ml, what is the molecular 
weight of the substanc(^? 

16. A certain organic compound w('ighing 0.716 g gave a volume of 242.6 ml when 
vaporized at 200° and 750 mm. What is the molecular formula of th(‘ substance if 
chemical analysis shows that it must bt* CsHgO or somt^ multiple of this formula? 

17. Th(' following values for the d(‘nsity of nitrogen at, 0° have been n'ported by 
Baxter and Starkweather: 

Pressure in millimeters 760 506.67 253.33 

Demsity in grains per liter 1.25036 0.83348 0.41667 

Calculate the atomic weight of nitrogen. 

18. (a) Clive the van der Waals formula for n moles of gas instead of 1 mole. 

(h) Calculate' the pn^ssure (exerted by 453.6 g (1 lb) of chlorine in a 10 -liter flask 
at 100 °, using the ideml-gas law. 

(c) Heptiat the calculation, using van der Waals’ equation. 

(d) llepe^at. the calculation, using Bcrthelot’s equation. 

19. Calculate from the Hougen~Wat,son chart the volume of 453.6 g (1 lb) of 
chlorine at. 17.65 at.m and 100 °, and compare the result, with tht' data of Problem 18. 

20. Calculate the root,-mean-square velocity of (a) carbon tetrachloride molecules 
and ( 6 ) ammonia molecuh's at 100 °. 

(c) How much longer will it take for a milhmole of carbon tetrachloride vapor to 
diffuse out of a small opening than a millimole of ammonia? 

(d) How much longer will it take for a milligram of ammonia to diffuse out of a 
small opening than a milligram of carbon tetrachloride vapor? 


21 . One liter of a gas is contained in a balloon at 25° and 1 atm pressure. If the 
gas is heated to 45°, what must be the applied pressure in ord('r that the volume 
remain constant? 

22. How many molecules of sulfur dioxide are contained in a liter: 

(a) at 1 atm pressure and 25 °? 

(5) at 1 atm pressure and 1000°? 

(c) at 1 mm pressure and 25 °? 

(d) at 1 mm pressure and 1000 °? 

23. In a Victor Meyer experiment 0.2350 g of a liquid is vaporized, and the volume 
of displaced air measured over water in a gas buret is 40.2 ml at 23.0° and 730 mm. 
Since the air in the buret has become saturated with water, it is necessary to subtract 
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the vapor pressure of the water, which is 21.0 mm, from the total pressure. What is 
the molecular weight of the vaporized material? 

24. Convert van der Waals' constant a as given in Table III for ammonia into: 

(a) cm® atm mole“^. 

(b) dyne (;m^ mole~^. 

(r) Convert the corresponding constant h into cm^ mol(j~^. 

25. Four hundred milliliters of an organic vapor weighed 0.5220 g at 27°, and 750 
mm. Chciinical analysis gave carbon 37.52 per cent; hydrogen 12.56 per cent, and 
oxygen 49.90 per (Hint. What is the formula of the organic substance? 

26. The ratio of tlui weight of 1 liter of ethyl chloride to thci pressure in atmos¬ 
pheres at three different pnissures at 0° is as follows: 2.9002 at 760 mm, 2.8919 at 
475 mm, 2.8863 at 285 min. Calculate the moUicular weight of tithyl chloride and 
the atomic weight of chlorine by the nuithod of lirniling densities, taking the atomic 
weights of carbon and hydrogen as known. 

27. The weight of a (iortain evacuat(‘d vessel is found to incTciase 0.2500, 0.5535, 
and 0.5268 g wh(*n oxygtui, chlorine, and a (iompound of oxygen and chlorine, resi^c- 
tively, are s(‘parat(ily admitted into the vess(d under tlui same conditions of tempera¬ 
ture and pnvssure. Cahmlate from tla^se data aloia* th(^ molecular weights of chlorine;’ 
and th(^ oxides of chlorine. What can you say from these data rc'garding the numbei 
of atoms in the chlorine mol(‘cule? 

28. Calculate the number of grams of hydrogen in a vc'ssel of 500 ml capacity 
when hydrogem is forced in at 100 atm at 200° using (a) simjile gas laws, {h) Berthelot 
ecjuation, (c) Hougen-Watson chart. 

29. At what- temp(?rature will the velocity of carbon dioxide ecpial the vedocity 
of oxygen at 0°? What is this vedocity? 

30. It takes 30 minutes for the j)r(\ssure of a (H'rtain evacuated v(‘ssel of 1-litei 
(Hipacity to rise from 0.001 mm to 0.003 mm by knikagc* of air through a pinhole in the 
glass. How long will it. take' for chlorine at the sana^ hanperature and external 
pn^ssure to leak in and i‘ais(‘ the j)ressur(^ from 0.001 mm to 0.003 mm? The average 
molecular weight of air is 28.8. 


31. Cahnilat-i* the volume of 100 g of metham^ at 0° and 100 atm using (a) ideal-gas 
laws, (b) van der Waals’ eejuation, (r) Btu*thelot’s cciuation, ((/) 11ougen-Watson chart. 

32. (a) Using the H()ug(3n-Watson chart, (estimate the volume of a vess<;l necessary 
to hold 1000 g of octane, n-CgHis at 354° undt^r a pressure of 50 atm. 

(b) How is this chart to be intc^rpreted if 1000 g of octane is placed in this ves.sc3l 
under 50 atm pressure at 183°? 

33. A glass bulb fftteJ with a stopcock was evacuat-(‘d and found to wc^igh 46.8542 
g without correcting for the buoyancy of the air. When the stopcock was opened 
and dry air was allowed to fill the bulb, the; w(‘ight increased to 47.0405 g. Th( 
barometric pressure was 745 mm of Ilg, and the temperature was 27°. 

(а) Calculate the total volume of the bulb from the known molec^ular weight of 
air, 28.8. 

(б) Calculate the wi'ight if the bulb were filled with dry h3rlrog(3n at this tem¬ 
perature and pressure. 

34. A temperature scale using an ideal-gas thermometer is defined by taking the 
melting point of mercury as zero and its normal boiling point, as 100°. Calculate 
the nonnal boiling point of water and the absolute zero on this scale. Mercury 
boils at 356.9° and freezes at —38.87°. 
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35. Using the data of Problem 17, determine the limiting value of d/p at zero 
pressure and the atomic weight of nitrogen, not. by graphing, but by calc.ulation, 
using the method of least squares. 

36. Calculate the pressure ncicessary to compress 1 mol(i of CO 2 to a volume of 
0.200 liter at a temperature of 50° using (a) the gas law: pv ~ riRT; (b) th(^ B(;atti(.‘- 
Bridgman equation (appendix, page 673). The constants for CO 2 ar(‘ as follows 
when p is expressed in atmospheres, V in liters per mole, and T in dc^grees Kelvin: 
Ao - 5.0065; a - 0.07132; Bo = 0.10476; b - 0.07235; c = 6.600 X 10^ 

37. Ordinary carbon contaiiLs 98.9 per cemt of carbon with a mass of 12.00 and 
1.1 per cent of an isotope of carbon w'ith a ma.ss of 13.00. By a c(‘rtain physical- 
chemical operation (page 630) the concentration of this isotope' is increased from 1.1 
to approximately 2.0 per ce'iit. It is plannt'd to dc'termine the exact, percentage of 
this heavier isotope by mc'asuring the density of carbon dioxide with a gas-density 
balance. If this concentration of 2 per cent must b(' known to oiu^ part in 500 for 
the experiment planned, how accurately in parts jx'r million must, tlu^ gas d('nsity 
of the CO 2 be measured? To what fraction of a degree must, tlu* t('mi)erature bt^ 
known at about 25° and to what fraction of a millimeter must the. pressure be known 
at about 740 mm in ord('r to achieve' this accuracy? 
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ATOMIC AND MOLECULAR FORCES 

In the preceding discussion of gases, it became clear that the attrac¬ 
tion between atoms and molecules varies considerably, and it was 
evident that information regarding these forces would be helpful in 
making physical-chemical predictions. In the present chapter some of 
the underlying principles of atomic and molecular structure are pre¬ 
sented so that they may find applications in the subseqvumt study of 
physical-chemical phenomena. 

All matter is composed of chemical compounds or mixtures of chem¬ 
ical compounds which in turn are composed of 96 different kinds of 
elements. The units of these 3lements ire the atoms, each atom weigh¬ 
ing 1/6.02 X of the atomic weight. These atoms possess a com¬ 
plicated structure consisting of an extremely dense positively charged 
nucleus surrounded by light negative electrons in definite energy levels. 
The nucleus also is complex and is made up of protons, which are the 
niu^kd of hydrogcai atoms, and neutrons which have nearly the same 
weight as tlie protons but possess no electric charge. The number of 
protons in the nucleus determines the positive charge on the nucleus, 
and this, in turn, is equal to the number of extraiiuclear electrons in the 
atom. This number is defined as the aUmiic nuviher. The theories and 
the experimental foundation for the structure of the atom and the 
nucleus are given in Chapter XXI. 

The Periodic Table. Hydrogen is the lightest atom with a nuclear 
charge of one and one extraiiuclear electron, and uranium is the heaviest 
naturally occurring element with an atomic number of 92. The heaviest 
atom is curium with 96 positive charges on the nucleus surrounded by 
96 electrons. All the other elements have atomic numbers between one 
and 96. These electrons are arranged in shells around the central nucleus 
of the atom, the number in each shell being limited by the rules of the 
quantum theory, discussed on page 576. 

The maximum number of electrons in the first shell is two; the max¬ 
imum in the second shell is eight; and larger encircling shells are limited 
to 18 and 32. Attempts have been made to visualize these shells of 
electrons as cubes with eight comers, or as a series of elliptical orbits in 
which the electrons travel. However, these pictures are incomplete and 
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unnecessary. The limitations of the number of electrons in a given shell 
lead to the familiar periodic table of the elements given on page 665, 
where the atomic numbers are shown. The atomic number of an element 
determines its position in the periodic table, and its chemical properties. 

Hydrogen has one extranuclear electron, and helium has two. d'he 
first group can include only two electrons, and so lithium with three 
electrons has to start a new shell with its extra electron. Beryllium with 
an atomic number of 4 has four electrons, two of which are used in filling 
the first shell and two of which go into the second shell. Boron has three 
in the second shedl; and carbon four, etc. 

Neon with an atomic number 10 has the two positions in the first shell 
and all eight positions in the second shell occupied. Its outermost sh(41 
is complete; and the next element, sodium, with an atomic number 11, 
has to start a third sh(4l with om' electron. Magnesium with an atomic 
number 12 has two electrons in the first shell, eight electrons in the sec¬ 
ond, and two in the third shell. In similar manner, as the elements in¬ 
crease in atomic numl^er, the electrons fill up the shells and then start 
to fill the shells farther rc'moved from the nuclei. 

The number of electrons which can be readily moved determines the 
valence and many chemical properties. The alkali metals, lithium, so¬ 
dium, and potassium, are alike in having one electron in the outermost 
shell which can be easily removed, and they are similar in tlunr chemical 
properties. Beryllium, magnesium, and calcium each have two elec¬ 
trons in the outermost shell, whereas fluorine and chlorine each have 
seven electrons in the outermost shell. The grouping of like elements 
in the periodic table is thus traced to the similarity in electron arrange¬ 
ment. The rare gases with completed shells are stable. Elements with 
only one electron in the outermost shell may lose that electron and tend 
to simulate the rare gas of next lower atomic number, w’hereas elements 
with nearly complete rare-gas configurations tend to attach more elec¬ 
trons and simulate the rare gas next higher in atomic number. The for¬ 
mer elements have metallic properties, whereas the latter elements have 
iionmetallic properties. In sodium, where there is no tendency for the 
atoms to gain electrons, electric, conductance is good; but in sulfur, 
where an atom may tend to complete its quota of eight electrons by at¬ 
taching two more to complete its shell, electrons cannot migrate and the 
electric conductance is very slight. 

In the larger shells with 18 or 32 electrons there may be several dif¬ 
ferent possible electronic arrangements of nearly equal energy; hence, 
the positive valence is variable. Moreover, the ions may be colored 
when the possible electron displacements involve energy differences so 
small that they correspond to the energy of visible light. 
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Electron Theory of Valence. The combination of atoms to give a 
variety of molecules is of fundamental importance in all chemical re¬ 
actions and biological processes. In later chapters the laws which govern 
chemical equilibrium and reaction rates are studied, and it will be seen 
that the course of a chemical reaction can be predicted with fair accu¬ 
racy when a sufficient number of factors are known. 

A simpler method of presenting the facts of chemical combination is 
desirable. It is necessary for the chemist to know which combination 
of atoms are stable and which are not. The permissible ways in which 
atoms (;an go together to form compounds have been handled in a very 
satisfactory manner by the rules of valence in which carbon is given a 
combining x)ower or valence of 4, hydrogen of 1, oxygen of 2, and so on. 
Much of the success of chemistry and particularly organic chemistry has 
been due to this simple concept. 

However, these valence rules are unsatisfyingly empirical and often 
inadequate. Attempts have been made to put the concept of valence on 
a more fundamental basis and to make it more widely useful. The the¬ 
ories of the electron pair and the octet and mathematical approaches 
based on the (luantum theory (which are discussed in Chapter XIX on 
page 576) have been the result. The more general and accurate theories 
are complicated, and one must choose between simplicity and accuracy. 
For many purposes the older idea of valence hooks is sufficient, but the 
electron pair and, to a limited extent, the octet are useful, particularly 
in organic chemistry.* 

The fCirces that hold atoms together in organic molecules and in sub¬ 
stances like nitrogen and hydrogen differ from those which are found in 
inorganic compounds and in electrolytic solutions. The distinctions 
between these two different types, the nonpolar and the polar compounds, 
will be stressed many times. The polar compounds involve chiefly 
electrostatic forces, giving rise to heteropolar bonds or ionic linkages. 
The nonpolar or homopolar bonds or electron-pair bonds involve an ^ ^ex¬ 
change energy'^ understandable on the basis of quantum mechanics. 
It is not to be thought, however, that atoms are held together exclusively 
by one type of bond or the other. In most linkages between atoms both 
electrostatic attraction and exchange energy binding are operating. 
There are all gradations between linkages that are predominantly homo- 
polar and those that are predominantly heteropolar, so that complete 
quantitative treatment is not yet possible. 

These two different types of binding were correlated and the concept 

* Pauling, *‘The Nature of the Chemical Bond,” Cornell University Press, Ithaca, 
N. Y., 1939; Johnson, in Gilman's ‘‘Organic Chemistry,” John Wiley & Sons, New 
York, 1940, Chapter 19. 
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of valence was amplified by the hypothesis of the electron pair proposed 
by G. N. Lewis in 1916. According to this hypothesis there is a definite 
tendency for electrons within a molecule to go together in pairs. The hy¬ 
pothesis is in agreement with the quantum theory. 

The tendency of electrons to go in pairs is almost universal, so uni¬ 
versal, in fact, that only a few molecules containing an odd number of 
valence electrons are known. When these odd molecules do exist, they 
are abnormal. They tend to associate, and they are usually colored. 
Nitrogen dioxide and triphenylmethyl are examples. 

In the hydrogen molecule 14 per cent of the attraction is due to elec¬ 
trostatic forces and 86 per cent to homopolar or electron-pair binding, 
but in most molecules the relative importance of the two types of at¬ 
traction is not known quantitatively. The presence of these two t.ypes 
of binding in unknown ratios is a serious handicap in the quantitative 
application of these concepts. 

Another rule for the arrangement of electrons within a molecule, the 
octet hypothesis, has been proposed by Lewis,* by Kossel, and by 
Langmuir. According to it, there is a tendency for eight electrons to 
group around each atom in a molecule. There are exceptions, and they 
make this rule less significant than the rule of the electron pair. 

These hj^potheses may be illustrated with lithium fluoride. Lithium 
has one electron in its outermost shell, and fluorine has seven. The lith¬ 
ium atom tends to lose its one valence electron in the outermost shell, 
becoming a lithium ion with one positive charge, and the fluorine atom 
tends to gain an extra electron, becoming a fluoride ion with one n(‘gative 
charge. Both tendencies are satisfied by a transfer of an electron from 
the lithium to the fluorine. This electrostatic or ionic type of linkage 
can be broken apart by dissolving the compound in certain solvents. 
Lithium fluoride, for example, separates almost completely into lithium 
ions and fluoride ions when dissolved in water. The energy required to 
pull these ions apart is partially offset by the energy released when the 
ions combine with the solvent. 

Other examples are given by the following equations, in which the 
numbers of electrons in the outermost shell are indicated with dots. 

Thus: 

Li- + .F: = Li:F: = [Li]+ + [F]" 

# • • • 

H- + -Cl: = H;C1; = [H]+ + [Cl]" 

Li- + -H - Li:H = [Li]+ + [H]- 

* T^ewis, J, Chem. Phys.j 1, 17 (1933); “Valence and the Structure of the Atom,” 
Chemical Catalog Co., New York, 1923. 
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A covalent bond or homopolar bond, represented with two dots for 
the electron pair, is the same as the valence bond of organic chemistry. 
The following equations and formulas illustrate the covalent bond: 



II- + -H = H:H 



:C1- + -Cl: = :ci:Ci: 


H 

:C1: 

;0: - 

H:C:H 

:C1:C :C1: 

:0:C1:0: 

ii 

:C1: 

:(): 

Metharu? 

Carbon tetrachloride 

IVrclilorate ion 


It is interesting to note that these views of valence account satis¬ 
factorily f(jr th(3 fa(T that a hydrogen atom will combine with an atom of 
negative chlorine, with an atom of positive lithium, or with another 
atom of hydroge]). 

Double bonds and triple bonds can be represented by the sharing of two 
pairs or three pairs of electrons, as shown by ethylene and acetylene. 

II H 

H:C>.:C:II H:C:::C:H 

Ethylene Acetylene 

In an elaborated electron theory not only the positions of the electric 
charges or polarization are important but also their mobility or polar¬ 
izability. Both these quantities can be given roughly in terms of values 
assigned to pairs of atoms and atomic groups; but the influence of struc¬ 
ture and of solvents affects the behavior also. 

There is a special type of covalent bond, called a coordinate covalent 
bond, in whicli both electrons of the electron pair are contributed by the 
same atom, thus: 

X- + - y = x:y (normal covalenc}^ 

x:-\- y = x:y (coordinate covalency) 

This type of linkage is recognized among organic and inorganic mole¬ 
cules as giving rise to special properties. An example is given among 
the boron compounds 


H 

:F; 

H;F; 

11; N: 

-f B:F: = 

= H: N: B: F: (coordinate covalency) 

U 

:F; ” 

H;F: i 
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The concept of resonance is useful, and it can be measured quantita¬ 
tively. Resonance exists when nuclei are arranged in a molecule in such 
a way that, by the rapid shifting of electrons from one position to an¬ 
other, two or more different structures can exist in which the energies are 
nearly the same. Thus there are several different ways in which the 
benzene ring can be drawn. For example, it may have different arrange¬ 
ments of alternating single and double bonds, or it may perhaps be drawn 
with six single bonds in the ring and the other valence bonds stretching 
directly across the center of the ring. Other structures are also possible. 

By rapidly oscillating between the various positions, the ele(itrons can 
give to benzene some of the i)roperties expected from each of these struc¬ 
tures. When such a situation exists, the energy of formation is in¬ 
creased, more energy is re(iuired for decomposition, and the molecules 
possessing resonance have an increased stability. This fact exj)lains why 
benzene and the aromatic compounds, in general, are so stable. 

The existence of resonance and the extent of the resonance energy 
may be determined by comparing the abnormally low heat of reaction 
with the normal value calculated from the sum of the parts of the mole¬ 
cule. Another test for resonance is obtained by comparing the distance 
between atoms in the molecule with the normal interatomic distance of 
the bond as obtained from electron diffraction patterns (page 85). If 
there is resonance in a molecule, the distance between atoms in the 
resonance structure will be less than the normal distance found in other 
molecules. Molecules containing conjugated double bonds, that is, 

(—C==C—C=C—), are particularly favorable for the rapid movement 
of electrons and the formation of a molecule with resonance. 

Another concept in the electron theory of valence is that of the hydro¬ 
gen hand* which in special cases attracts two atoms so strongly that it 
appears to act as a bond between them. The hydrogen atom is unique, 
owing to the fact that, when its electron becomes detached, only the 
nucleus of very small diameter is left. In no other element can the atoms 
acquire nuclear dimensions by the loss of a single electron. The hydro¬ 
gen nucleus is so small that apparently it can attract two strongly 
negative atoms. 

The formation of HF 2 "" ion, the fonnation of double molecules of or¬ 
ganic acids, and abnormal behavior in some liquids and solutions can be 
explained on the basis of hydrogen bonds. 

Electrostatic Attractions. As already stated, electrostatic attrac¬ 
tion is important in holding atoms together in crystals, molecules, and 

* Lassettre, Chem. Rev.y 20 , 259 (1937); Rodebush, Chem, Rev.f 19 , 59 (1936); 
Pauling, ^The Nature of the Chemical Bond,^* Cornell University Press, Ithaca 
N. Y.. 1940. 
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loose intermolecular complexes. Even in essentially homopolar bonds 
some of the force holding the atoms together is electrostatic in nature. 
Electrostatic attraction applies not only to ions but also to dipoles and 
induced dipoles. An ion is an atom or group of atoms with a definite 
electric charge caused by the addition or removal of electrons. A dipole 
is a molecule in which the positive and negative charges are equal but 
arranged in'such a way that part of the molecule is predominantly pos¬ 
itive and another part predominantly negative so as to give an electrical 
unbalance. The magnitude of the total effect in the molecule is meas¬ 
ured quantitatively by the dipole moment (page 86). Water is a good 
exami)l(i of a substance which has a large dipole moment. Induced 
dipoles are produced by the proximity of a charged part of a neighbor¬ 
ing molecule. They are present in most substances, but they show up 
more j)rominently in a substance like helium where the other forces arc 
absent. Although helium has no charge and no dipole moment, it still 
contains a positive nucleus and a negativ’^e electron which induces a 
charge in a neighboring molecule. Tliis attraf^tion of the induced dipoles 
is very small in helium but is responsible for its lic^uefaction at very low 
temperatun^ 

There are six different combinations of these three different types of 
electrostatic binding. Examples are known of each type. It must be 
realized that there is no sharp distinction between types and that fre¬ 
quently several of these interactions are involved simultaneously. 

Ion-Ion. The attraction between sodium and chloride ions is an ex¬ 
ample of this ionic type of binding. lonic^ bindings are much stronger 
than most homopolar bonds. The separation of the nuclei plays an im¬ 
portant part. Thus, a hydrogen ion or a sodium ion is held much more 
tightly to a fluorine ion than to an iodide ion. 

Dipole-Dipole. When two unit dipoles are aligned head-on, thus 
(—h)(—h), considerable energy is required to pull them apart to in¬ 
finite distance. When they are surrounded by a liquid of high dielectric 
constant, the energy required is considerably less. This dipole attrac¬ 
tion leads to association of liquids such as water and the alcohols and 
polar substances. The association involves an indefinitely large number 
of units and is different in character from double molecules such as are 
formed in the association of the organic acids. Substances which have 
very low dipole moments can, nevertheless, possess an appreciable at¬ 
traction. Thus, although carbon tetrachloride has a dipole moment of 
zero, this refers to the net moment of the whole molecule; there are pos¬ 
itive and negative parts of the C"—Cl bond, that is, bond moments, 
which result in the mutual attraction of C—Cl bonds on adjacent mole¬ 
cules. 
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Many of the loose chemical compounds found in mixtures of liquids 
are held together by this dipole interaction. 

Induced Dipole-Induced Dipole. Although quite general, this type of 
attraction is frequently so small in comparison with the other types of 
attractions that it is unnoticed. It is the small attractive force which is 
responsible for the liquefaction of helium at very low temperature. 

Ion-Dipole. 1"his type of attraction is very important because it is 
responsible for the solubility of electrolytes in water. 

Ion-Induced Dipole. Certain complex ions ar(» produced by the at¬ 
tractive force existing between an ion and a dipole induced in a neighbor¬ 
ing molecule. In the reaction, 

1“ + I2 = 13“ 

part, at least, of the energy of combination is due to this ion induced- 
dipole attraction. 

Dipole-Induced Dipole. The solubility of helium and the rare gases 
in water is due to this type of attraction. If there were no attraction l>e- 
tween helium and water there would be no reason to expect solubility. 
In fact, there is evidence for the formation of an argon hydrate; and 
a crystalline hydrate of butane is known. 

It is possible to treat these electric attractive forces semiquantita- 
tively * as well as qualitatively, using simple formulas which involve 
distance apart of the two attracting units, dielectric constant of the 
solvent, and other factors. 
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PROBLEMS 

1. Write the following structures in terms of the (*lectron theory of valence; {a) 
Perchlorate ion C 104 “; {h) sulfat^e ion SO 4 ; (e) phosphati; ion PO 4 ; (d) cupric 
ammonium ion Cu"^ ^ ^NHa. 

: 0 :^ 

Ans. (b) ;0:S:0: 

2 . Write the following reaction in txTms of the electron theory of valence: (a) 
F,,++ _ Fe+++ -F electron; ( 6 ) Zn + S Zn.S; (c) C2H4 + CI 2 CalliCls; 
<,l) CjTIf, + 2CI2 C2H4CI2 + 2 I 1 C 11 . 

.4?i8. (o) :Fe++ -> :Ft!+‘''++ electron. 

3. Repnisent tlu^ following (‘lamiiral compounds on the basis of the (‘l(‘ctron 
theory of vahmee: (a) II 2 ; ib) Lill; (e) CH 4 ; (d) HCl; (e) CI 2 . 

4. Sodium dichloioaeetaUs CHCl 2 C()ONa, dLssocnates into dichloracetate ion 
and sodium ion wluui dissolvcMl in water. Write the structure for this compound 
on the basis of the (dectron theory of valence, and state which bonds are homopolar 
t)onds and which an*, heteropolar. 

5. Indicate with sketcdies how a hydrogem bond miglit be formed in (a) ethanol 

on 

C 2 H 6 OH, (6) ac(dic aend CHaCOOH, (r) nitrophenol C 6 n 4 <^ 

^NOz 

6. Draw several benz('ii(^ rings containing six carbon atoms each with four valen- 
ci(\s, two of which hold th(! ring together and the third of which is atta(;hed to a 
liydrogen atom. Each carbon atom has one valence hd’t over, and these may form 
double bonds among any three pairs of atoms. Show that there ani six difftirent 
ways ill which the three' extra bonds can be drawn, including alternating double 
bonds. The presencti of th(\s(‘ several different possible structures results in resonance 
and gives to benzene its stability. 

7. Give illustrations of the interactions involving ions, dipoles, and induced 
dipoles. 
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THE CRYSTALLINE STATE 

Properties of Solids. In solids thero are strong forees which hold 
together the atoms and molecules, thereby giving the solids fixed shape, 
rigidity, and mechanical strength. These forces are of several different 
kinds which produce a widci difference in the physic^al pi‘oi)erti(^s of the 
solids, as observed, for example, in crystalline solids and amorphous 
solids. 

Amorphous solids such as pitch or glass may be regarded as super¬ 
cooled liquids in which the force of attraction holding the molecules 
together is so great that the material is rigid. Crystalline solids are those 
in which the atoms are arrangexi in some definite order constantly re¬ 
peated. The binding force in this case may be due to an electric 
attraction between positive and negative ions in tho crystal as in the 
case of sodium chloride; to the existence of clnmiical bonds in whicli the 
atoms are held together by valence bonds in continuing structures, as in 
the case of diamond; or to attraction between molecules arranged in 
definite order, as in the case of solid carbon dioxide. 

The crystalline and the amorphous solids differ in several respects. 
A pure crystalline material usually has a sharp melting point. It re¬ 
mains solid up to a definite temperature and then melts to the liquid 
state at a temperature only slightly higher. Wlien an amorphous solid 
is heated, it gradually softens and becomes mobile over a wide range o^ 
temperature without undergoing a sharp change from solid to liquid. 
The surfaces of an amorphous substance do not, in general, exhibit 
definite recurring faces at definite angles, such as are often displayed by 
crystalline solids. The regular internal arrangement of the units of a 
crystalline solid lead to the formation of definite patterns when X rays 
are passed through them, as will be explained shortly. Although amor¬ 
phous solids also give rise to the diffraction of X rays, the phenomenon 
is much less pronounced. 

The properties of a crystal such as tensile strength, elasticity, heat 
conductance, electric conductance, rate of transmission of light, and 
rate of solution may be different along the different axes of the crystal; 
and such a crystal is called anisotropic. An isotropic crystal is one 
which has the same properties in all directions. The characteristic 
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color patterns of anisotropic crystals with polarized light (discussed on 
page 71) are used for identification, particularly in the microscopit 
examination of chemicals and minerals. 

Use can be made of the fact that the rate of solution of an anisotropic 
crystal is greater in one direction than in another. The surface is etched 
by the addition of nitric acid or picric acid or other chemical solvent in 
such a way as to bring out characteristic patterns. In solids which are 
mixtures of dilTerent chemical substances etch figures are brought out 
by chemical reagents which attack the materials at different rates and 
give valuable information concerning the heat treatment and previous 
history of a metal. It is usually desirable to grind and polish the metal tc 
give a very smooth siirfac^e before examining it with a microscope. Thit 
technique has been helpful in proving with photomicrographs that a 
piece of metal came from a i)articular source. That strains set up in a 
solid can lead to different behavior is shown by the fact that numben 
stamped in a piece of metal and filed smooth can often be reconstructed 
by a careful etching process. 

Different cluanical substances often have crystal forms which are verj’ 
much alike. If they have the same crystal form and nearly identical 
angles, they are said to be imviorphous. Usually they are similar in 
ch(*mical composition, as, for example, the various alums such as 
Al 2 (S 04 ) 3 -K 2 S 04 -241120, Al2(S04)3'(NH4)2S04-24 H 20 , or Cr 2 (S 04 ) 3 - 
Na 2 S 04 *241120. One of the best tests for isomorphism consists in 
placing a crystal of one substance in a supersaturated solution of the 
other. If the crystal continues to grow in the same form, the two sub¬ 
stances are isomorphous. Unless the form and crystal angles are very 
closely the same, the crystal will not continue to grow in perfect shape 
in the solution of the new substance. 

The size and perfection of crystals depends to a large extent on the 
rate at which they are formed. The slower the rate of crystallization, 
the more perfect is the crystal, because the atoms or molecules have 
more time to find their proper positions in the crystal lattice. Great 
progress has been made during the past few years in growing large and 
perfect crystals. The purified salt is melted in a large pot which is then 
allowed to cool very slowly at a definite automatically controlled rate. 
In this way sodium chloride, silver chloride, potassium bromide, lithium 
fluoride, and other salts have been prepared in large transparent pieces 
several inches in diameter which are valuable for optical work. 

Crystal Forms. Chemical compounds exist in a great many different 
crystal forms, depending on the type of binding force, the kind of atomic 
grouping, the relative size of the different ions or atoms, and many other 
factors. Many thousand different crystals are known, distinguishable 
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one from another by shapes, angles between faces, and X-ray diffrac¬ 
tion patterns. In spite of the great variety of crystal forms, a given 
chemical compound or mineral will always exhibit the same angle 
between two given faces at a given temperature. This law was dis¬ 
covered first by Steno in 1669. It provides an excellent means for the 
identification of materials by the determination of the ciystalline 
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Fig. 10. The six crystal systt'iiis. 

properties. Large crystals may be measured directly; small crystals 
obtained by evaporating a solution may be examined with a microscope; 
and all crystals may be studied by measuring th(? diffraction of X rays 
when passed through crystals or reflected from them. 

The large number of different crystals may be reduced to several 
general types which, in turn, can be referred to three or four axes and 
classified into six different fundamental systems, as shown in Fig. 10 
and described in the following paragraphs: 

In the regular or cubic system there are three axes of equal length 
intersecting at right angles in space. 

The tetragonal system also contains three axes intersecting at right 
angles, but two are equal in length, and the third is either longer or 
shorter. 
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In the hexagonal system there are three axes of unit length, all in the 
same plane and intersecting at angles of 60°, and a fourth axis, either 
longer or shorter and perpendicular to the plane of the other three. 

In the rhombic system the three axes of unequal length all intersect 
each other at right angles. 

In the monoclinic system there are three axes of unequal length, two 
of which intersect at right angles, while the third axis is perpendicular 
to one and not to the other. 

In the triclinic system there are thi-ee axes of unecpial length, no two 
ef which intersect at right angles. 



Fkj. 11. Tiit(Tsection of u plane on the crystal axes indicating the calculation of 

Miller indices. 

A crj^stal face may be described in terms of an angle which it makes 
with a reference plane, or it can be described more usefully for theoretical 
studies by giving its intercepts on the three standard axes, X, F, and Z. 
In the simplest systems the A" and Y axes make right angles with each 
other in a horizontal plane as in any system of rectangular coordinates. 
The third axis Z is vertical, being perpendicular to both X and Y and 
passing through their intersection. The system commonly used for de¬ 
fining crystal faces in terms of their intercepts on the A, F, and Z axes 
was proposed by Miller in 1829. Unit distances along these axes are 
called a, 6, and c, respectively, and Miller indices are described as the 
reciprocals of the intercepts on the axes in terms of these unit distances. 

The application of the Miller indices to a rhombic crystal in which 
all the axes are at right angles is indicated in Fig. 11 which shows the 
crystal axes, A, F, and Z, mth a plane cutting the A axis at 2a, the F 
axis at 5, and the Z axis at |c. The intercepts are 2, 1, and \ \ their 
reciprocals are §, 1, and 2; and the Miller indices are written L 2, 4. 
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The reciprocals of the intercepts are multiplied by an appropriate nun 
ber so that no fractional numbers remain, the relative values of th 
intercepts being unaffected by the multiplication. The faces of crystal 
are usually of su(;h a nature that the indices are small numbers: 1, 2, 3, ^ 
etc.; or, if they are parallel to the axis, they cut it at oo and the Milk 
index is zero. 

In case the A", F, and Z axes do not intersect at right angles, it i 
necessary to specify the angles as well as the intercepts. 

X Rays and Crystal Structure. Important information concernin: 
tlie arrangement of the atoms and molecules within crystals has bee 



Fiq. 12, Laue X-ray diffraction pattern. 


obtained from the measurements of the transmission and reflection c 
X rays. X rays are radiations having wave lengths of the same orde 
of magnitude as the distance between atoms in crystals, and, accord 
ingly, it is possible to obtain interference of X rays in crystals. Follovt 
ing a prediction of Laue in 1912 that the regularly arranged atoms of 
crystal should act as a three-dimensional diffraction grating, Friedric! 
and Knipping passed small beams of X rays through crystals and ob 
tained on a photographic plate a large number of points arranged in i 
symmetrical pattern around the central point, which was caused by th 
undeviated beam. An X-ray picture of magnesium oxide is given i: 
Fig. 12. 
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Patterns such as this can be interpreted by building up, mathemati¬ 
cally, crystal models in space. The distance between the atoms is ad¬ 
justed arbitrarily along the dilTerent axes until it is possible to obtain a 
calculated pattern of interference which is identical with that obtained 
on the photographic plate. 

The reflection or Bragg method of X-ray analysis gives results that 
are easier to interpret than the Laue transmission method, because in 
the Bragg method the crystal can be regarded simply as a series of 
atomic planes spaced at definite intervals, extending inward from the 
surface and acting as interfenmee planes in much the same way that a 
stack of thick glass plates would reflc^ct a beam of visible light. Such a 
bundle of plates will reflect incident light only at certain definite angles, 
which depend both on the thickness of the plates and the wave length 
of the light. 

A simple relation exists between the wave length of the X rays, the 
distance between atomic planes in the crystal, and the angle of reflection. 

Figure 13 gives the cross section of a crystal in whic.h the horizontal 
lines represent a scries of identic.al planes of atoms or ions, each sep¬ 
arated by the distance d. The plane ABC is drawn perpendicular to 
the incident beam of j)arallel monochromatic X rays, and the plane 



IjMN is drawn perpendicular to the reflected ray. The incident beam 
is arranged to hit the surface of the crystal at such an angle 6 that all 
the light is in phase at the two planes ABC and LMN, that is, the dis¬ 
tance between the two along a ray is a whole-number multiple of the 
wave length X. 

It can be shown that the angle of reflection is equal to the angle of 
incidence. The lines RF and RG are drawn perpendicular to the beams, 
and it can be seen that the ray BSM travels farther than the ray ARL 
by an amount equal to FS + SG. ^ This extra distance is equal to a 
whole number n of wave lengths because the angle 6 is such that the 
light at LM is in phase with the light at AB, 
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Then, 

Furthermore, since 

and 


FS+SG == n\ 

FS SO 
sin d = — = — 
d d 

fS = SG = d sin e 
n\ = 2d sin 6 


( 1 ) 


( 2 ) 


This is an important equation which gives the relationsliip of the 
distance between atomic or ionic planes in a crystal and the iingle at 

which the reflected radiation has a maxi¬ 
mum intensity. Similar calculations can 
be made for the reflection from otluir 
crystal planes lying deeper in the crystal 
lattice. If the rays strike the crystal at 
angles other than 6, the extra distance 
FS + SG will be such as to give frac¬ 
tional parts of a wave length, and thcax* 
will be interference of the light refl(M*t(‘d 
from the different cTystal planes, whidi 
will result in a weakening of the inten¬ 
sity of the reflected light. 

The reflection corresponding to n = 1 
is called the first-order reflection, the 
reflection corresponding to n = 2 is the 
second-order reflection, and so on. Fach 

Fici. 14. X-ray spectrometer. successive order exhibits a wider angle 

and weaker intensity. 

The maxima are found by rotating the crystal so as to change the 
angle 6 at which the X-ray beam strikes the surface. If the X rays are 
incident on the face of a crystal for which d is known, the value of X for 
the radiation used may be determined by measuring the angles at which 
the reflections of maximum intensity occur. On the other hand, if the 
wave length of the incident radiation is known, it becomes possible to 
determine the spacing of the atomic planes of atoms or ions within the 
crystal. 

The intensity of reflection of X rays at various angles can be deter¬ 
mined by the blackening of a photographic plate, or, more accurately, 
with an X-ray spectrometer using an ionization chamber as shown in 
Fig. 14. In this instrument a beam of X rays, generated as described 
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on page 621, passes through a filter at A and is rendered parallel h 
means of two narrow slits B and B', After passing through these slit 
the rays are reflected from one of the faces of a crystal C, which 
mountc^d as a reflection grating on the table of the spectrometer; an 
the reflected beam then passes through a slit D and enters an ionizatic 
chamber where its intensity is measured. 

The ionization chamber contains two electrodes, E, E\ connected 1 
a high-voltage battery V through an electrometer G, the space betwee 
the electrodc^s being filled with sulfur dioxide or other gas which is easi] 
ionized by X rays. 

In the absence of X rays or other ionizing rays, the gas between tl 
ele(*>trod(\s acts as an insulator, and no current flows through the ele 
trorneter; but, when X rays pass through the gas, they form ions whic 
are drawn to th(^ (electrodes, tiius producing a current. The magnituc 
(3f the ek'ctrometcer deflection depcends on the number of ions forme 
whicJi, in turn, is a measure of the intensity of the X rays. The ciystj 
at the center iind the iemization chamber attached to it are rotate 
around the spectrometer table and the electrometer deflections ai 
i-ecord(Hl at ea(;h setting of the table. The deflections are then plotte 
against the angle of rotation to obtain the angles at which maximu] 
reflection occurs as shown later in Fig. 18. 

Cubic Lattices, The regular system is the simplest of the cryst, 
systems, and so it is explored here in some detail. From a visual exan 
ination of sodium chloride it is evident that sodium chloride belongs 1 
the cubic or regular system, with three ecpial axes all at right angles, b\ 
there is a possibility of three different cubic lattices as shown in tl 
following figures. The simple cubic, shown in Fig. 15, has eight stru 
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Fig. 15. Simple cubic lattice. 


tural units, represented by black dots, one at each of the comers of 
cube. These structural units might be charged ions, atoms, or molecule 
and the arguments for deciding that they are ions in the case of sodiu 
chloride will be presented a little later. The face-centered cubic latti 
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shown in Fig. 16 has 14 ions, one at each of the eight corners and one at 
the center of each of the six faces. 

The body-centered cubic lattice shown in Fig. 17 has nine ions, one 
^t each of the eight corners and one in the center. 

Through the use of X rays it is possible to establish the distances 
:)etween the different sets of planes in a given cubic (crystal and to de¬ 
termine to which of the three types the crystal belongs. 




Fig. 16. Face-oenU^rtHl (’ubic lattice. 


In the simple cubic lattice shown in Fig. 15a, the (100) planes cut the 
f axis and are parallel to the Y and Z axes. In Fig. 156, the (110) planes 
ut obliquely across the A" and Y axes but cut the Z axis at infinity, 
hat is, they are parallel to the Z axis. The Miller indices for such a 
ilane are (110), as already explained. In Fig. 15c, the planes cut 
bliquely across all three axes, intercepting each at the same distanc.e 
rorn the origin and giving the Miller indices (111). The distance 
►etween (100) planes, is obviously the leiigtli of a face or 1. The 



Fig, 17. Bc)dy-c(int,er(*(l cubic lattice. 


erpendicular distance between the (110) planes, duo, is half the diag- 
nal of a face, a/2/2 or l/v"^- The perpendicular distance between 
le(111)planes, diii,isl/\/3, a fact which is demonstrated geometrically 
n page 673 of the appendix. 

In the face-centered cubic lattice additional (100) planes can be 
assed through the black dots representing the crystal units as shown 
i Fig. 16a by vertical shading. They pass vertically through the 
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center of the front and back faces, and the distance between planes, 
diooy is now | on the assumption that dioo for the simple lattice is 1. 

An additional set of (110) planes parallel to the first set can be passed 
through the face-centered cubic lattice, as shown in Fig. 166. These 
additional planes with vertical shading include the units in the centers 
of the front and side fa(!es and come midway between the planes of the 
simple cubic latti(H\ The distance between planes then is one half as 
great as it is in the simple cubic lattice, and ^^110 is I X l/\/2- The 
(111) planes of the simple lattice already pass through the centers of all 
the fa(;(is of the face-centc‘r('d lattice, as shown in Fig. 16c, and no new 
planes can be introducexl. The distance between planes, dm, is then 
the same as in the simple lattice, namely, 

In the body-centered cubic lattic.e additional (100) planes parallel to 
the first planes can be passed through the units in the centers of the 
cube, as indicated with vertical shading in Fig. 17a. These new planes 
arc halfway betwecai the planes of the simple lattice, and djoo — 
The (110) i)lanes, as shown in Fig. 176, already pass through the unit in 
the center of the cube, so that no new planes are possible. The value of 
duo is then the same as it was in the simple cubic lattice, namely, l/\/2. 
The (111) planes, as shown in Fig. 17c, do not pass through the central 
units; and it is possible to insert another set of parallel planes through 
these units midway between the (111) planes of the simple lattice, as 
indicated with opposite shading. The distance l^etween planes then is 
half as great, and dui == 2 X 1/v^T 

The ratios of the distances betwecai the three different sets of planes 
in the three different types of cubes can now be summarized. 

Simple cubic lattice: 


dioo*’duo‘diii — 1 




1 


1:0.707:0.577 


Face-centered cubic lattice: 


(3) 


dion:diio:diii = ^ ' ^ ^ ^ :0.707:1.155 (4) 

Body-centered cubic lattice: 

It will now be shown how X rays can be used to determine which of 
these possible structures a crystal actually has. 
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Crystal Lattice of Sodium Chloride as Determined with X Rays. 

The angles through which X rays are reflected from sodium chloride 
with maximum intensity are shown in Fig, 18. These measurements 
were obtained with a spectrometer such as that shown in Fig. 14, using 
a palladium target in an X-ray tube whicih gives two X rays differing 
slightly in wave length. The X ray used in the (calculations is shown in 
full lines, the other in dotted lines. Three diffenmt spectra are obtained 
by mounting the crystal in the spectrometer in different ways and 
arranging to have the X rays reficHcted from the (100) plane, th(i (110) 
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Fig. 18. X-ray njflection from sodium chloride'. 


or the (111) plane. The ordinates give the intensities of ionization as 
measured by the electrometer deflections, and the abscissas give the 
degrees through which the ionization chamber is turnc^d starting from 
a point in line with the slits. These angles must be divided by 2 to ob¬ 
tain the angle 6 of reflection from the crystal, because the crystal fac(^ 
itself is inclined toward the incident light, and the angle of reflection is 
equal to the angle of incidence. The first-order reflections for the 
planes are found to occur at spectrometer readings * (ff 11.8°, 16.8°, 
and 10.4° for the (100), (110), and (111) planes, respectively, corre¬ 
sponding to values of 6 of 5.9, 8.4, and 5.2. 

Taking the ratio of the sines of these angles, we have 

sin5.9°:sin8.4°:sin5.2° = 0.103:0.146:0.091 = 1:1.42:0.88 
and, since 

nX 
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it follows that the corresponding values of d should be in the ratio of 
the reciprocals of these numbers; that is, 

1 1 

dioo * 10‘di 11 = 1 I-r-== 1 i0.704il.l4 

1.42 0.88 

# 

But we have already seen that, for a face-centered cubic crystal, 




1 : 


V2-V/3 


= 1:0.707:1.155 


Therefore, the fundamental space lattice of a crystal of sodium chloride 
must be face-center(‘d because the agreement between experimental 
determination and theoretical calculation is so close. 

In this calculation only the first-order reflections were used, where 
11 — 1. Higher-order reflection maxima corresponding to values of 
n of 2 and 3, (^t(;., are obtained also, and in the (100) plane in rock salt, 
shown in Fig. 18, there is a first-order spectrum at 11.8, a second order 
at 23.7, and a third order at approximately 3(>.3, each becoming pro¬ 
gressively weak('r. 

If we take half of these angles, 6 = 5.9°, 11.85°, and 18.15°, and 
sin :sin ^^3 = 0.103:0.205:0.312 


These numbers are very close to the theoretical ratios, 1:2:3, for the 
first, s()cond, and third orders. 

The ratios of the sines of the angle of maximum reflection from the 
different planes establishes the fa(d- that the crystal lattice of sodium 
eliloride is face-centered cubic, but a comparison of the intensities of 
the first, second, and third orders gives additional information. The 
structural units of the sodium chloride crystal might be sodium chloride 
molecules, or there might be two separate lattices of atoms penetrating 
each other, the one consisting of sodium atoms or ions and the other 
consisting of chlorine atoms or chloride ions. If the lattice were made up 
of sodium chloride molecules, all units of the lattice would be the same, 
and the intensities of the X-ray reflec^tions would always decrease pro¬ 
gressively from first- to second- to third-order reflection, as is the case 
with the (100) reflections. It may be noted, however, in Fig. 18 that 
for the (111) reflections the first order at 10.4° is weak, the second order 
at 20.8° is strong, and the third order is missing. This fact leads to the 
requirement of the two interpenetrating lattices shown in Fig. 19, and 
evidence will be cited presently to show that these interpenetrating 
lattices are composed of ions rather than atoms. 
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The radius of the sodium ion is 0.9G A and that of the chloride ion is 
1.83 A. As a general rule, the negative ions in crystal lattices are found 
to be larger than the positive ions. The square connecting chloride ions 
is drawm in Fig. 19, showing the face-centered lattice of the chloride 
ions. Similar squares, each containing five chloride ions, could be drawn 


% 



Fia. 19. Crystal laitico of sodium chlo¬ 
ride; small splieres sodium ions; larger 
spheres chloride ions. 


on an}^ part of the faces. A simi¬ 
lar square is drawn with dotted 
lines for the sodium ions, and it is 
evident that such squares, each 
containing five sodium ions, (^an 
be drawn anywhere on any of the 
faces showing the face-centered lat¬ 
tices of the sodium ion lattice. It is 
to be noted that these lattices ovei- 
la}) by half the length of the faese, 
so as to give an interpenetrating 
lattice in which the corners of the 
sodium cube always come halfway 
between the corners of the chlorides 
cube and the corners of the chlo¬ 
ride cube come halfway between 
the corners of the sodium cube. 


A furthe^r examination of Fig. 19 shows that the (111) planes (which 
cut diagonally through the cubes in both horizontal and vertical }^lanes) 
include only sodium ions or only chloride ions in a single plane. It may 
be remembered that the maximum in X-ray reflections occurs when the 
angle of the spectrometer is so adjusted that the paths between succes¬ 
sive layers of ions are equal to one wave length of the reflected radiation. 
If the rays are reflected from the (Ill) planes at such an angle that the 
rays from successive planes of chloride ions differ in path length by a 
whole number of wave lengths, the rays coming from successive sodium 
ion planes, which are spaced equally between them, will then differ by 
half* a wave length and cause interference. The interference would be 
complete except for the fact that the chloride ions are 50 per cent heavier, 
and, owing to the larger number of electrons in each atom, the X-ra}^ 
reflections are more intense. The reflections for the first-order reflec¬ 


tion should then be weak. For the second-order spectrum where n = 2, 
at 2O.8°(0 = 10.4), however, there is a difference of a whole wave length 
between the rays from the chloride arid sodium planes, so that there is 
no interference, and the reflection maximum is intense. The third- 
order spectrum again corresponds to a difference of a wave length and 
a half between the two sets of reflecting planes, and this interference, 
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combined with the fact that the third-order spectrum is naturally 
weaker, leads to its practical disappearance. 

The fact that in the (ill) reflections the second-order maximum is 
more intense than the first-order reflection, as shown in Fig. 18, indicates 
that the sodium chlorides lattice is composed of two interpenetrating 
lattices of sodium and of chloride. The second-order reflection, how¬ 
ever, should not be greater than the first order in the case of the (100) 
planes which jire parallel to the sides nor in the case of the (110) planes 
which are verti(*.al planes cutting the bottom plane diagonally. In 
these planes there are e.(j[ual numbers of (chloride and sodium ions, and 
the alternation between chloride and sodium planes found in (111) 
planes does not exist. Figure 18 shows that the abnormally greater 
intensity for the second order does not occur in the (100) and (110) 
planes. 

This interpretation of lattices is supported by further observations on 
potassium chloride and potassium bromide, which also crystallize with 
face-centered cubic lattices. In ]:)otassium chloride the first- and third- 
order reflections from the (111) planes are entirely missing, as would be 
expected from the fact that potassium and chlorine are so nearly of the 
same atomic weight and number of electrons that intcu’ference is com- 
]fl('.te. Potassium bromide, however, with unlike atomic weights', gives 
a definite but weakened maximum for first-order reflections from the 
(111) plane. Its second-order reflection, of course, is more intense be¬ 
cause there is no interference. 

In the sodium chloride lattice each sodium ion is surrounded l)y six 
chloride ions and each c^hloride ion by six sodium ic^ns. Thus, if the cen¬ 
tral chloride ion is chosen in the square on the face of Fig. 19, it is seen 
that in this plane it is surrounded by four sodium ions. If another plane 
is passed through its center at right angles to the front face, there w^ould 
be one sodium ion in back and one in front (if the lattice were com¬ 
pleted), in addition to the toj) and bottom ones alnuidy included in the 
first plane. The total number of sodium ions surrounding each chloride 
ion is thus seen to be six. There are no individual NaCl molecules in 
the sodium chloride crystal. In fact, the concept of molecules is not 
applicable to this type of crystal lattice. If the term molecule is applied 
at all, it might be used with reference to the whole crystal. Some types 
of crystals, however, as in the case of solid carbon dioxide, do have groups 
of atoms like molecules for the units of their crystal lattices. 

Lattice Units in Crystals. The crystal structure of sodiimi chloride 
has been worked out in detail to illustrate the use of X rays in deter¬ 
mining the type of lattice. In general, the analysis of the structure of 
a crystal involves assignment to a particular type of symmetry, cal- 
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culation of the distances in the lattice structure, and dctennination of 
the number of atoms in a unit cell. There are 280 different symmetry 
groups to which the crystal may belong, and the decision as to tlie cor¬ 
rect structure is based on the angles of X-ray reflections and the relative 
intensities. 

The particular crystal stru(*,ture which will b(^ taken by a given el(^- 
ment or compound depends j)artly on the size of the ion and on th(' 
charge of the nucleus, that is, the atomic number as described on page 
621. The ions may be composed of single atoms or of groups of atoms. 
There are different standard types of structure for elements where all 
atoms are the same and for compounds such as AB, AB 2 y AB^j and 
others. 

The three types of cubic crystals, simple, face-centered, and body- 
centered, were shown in Figs. 15, 16, and 17, and an example of inter¬ 
penetrating face-centered cubic lattices was shown in Fig. 19. A few 
other typical unicells are showm in Fig. 20. Several of these units should 
be stacked up along the three axes in space in order to bring out the full 
character of the lattice. 

The cesium chloride (CsCl) type of lattice consists of two interpene¬ 
trating simple cubic lattices. Each cube of eight (.‘hloride ions has at its 
(;enter a cesium ion, and, likewise, each cube of eight cesium ions has 
at its center one chloride ion. The result is a lattice structure with each 
ion equidistant from eight other ions of the opposite charge. 

The zinc sulfide (ZnS) lattice is somewhat like the sodium chlorides 
lattice in that it consists of tAvo interpenetrating face-centered cubic 
lattices. The crystal strin^ture of the diamond is of the same lattice 
type except, of course, that all the atoms of the whole lattice are of the 
same kind. P]ach carbon atom is surrounded by four other carbon 
atoms in the tetrahedral arrangement for carbon familiar in organic 
chemistry. Four tetrahedrons of the crystal lattice meet at every car¬ 
bon atom, except at the surface, making a continuous lattice, so that 
^he crystal may be regarded as one large molecule. 

In the cuprous oxide (CU 2 O) arrangement, the oxygen atoms are 
arranged on a body-centered cubic lattice, and the cube can then be 
divided into eight smaller cubes, each touching the central atom at 
one comer. The copper atoms are arranged on a lattice which pene¬ 
trates the oxygen lattice so that the copper atoms come at the centers 
of the alternate small cubes. 

The rutile (Ti02) lattice illustrates the tetragonal lattice in which 
only two of the axes are of the same length. 

The close-packed hexagonal lattice is another example of a lattice 

ir* ’tn ^ 4 - 74- ■» ri rt.Vv4- -I Vv«T ITkl r«* 4" l-^ nr' £3-lV TAt’l o 



LATTICE UJNITS IN CRYSTALS 


67 


having equilateral triangles as bases. Seven atoms are placed at the 
top and bottom hexagons thus formed, and three additional atoms are 
placed in the centers of alt.ernate prisms. Hexagonal close packing 
is one of the stable w[iys in which hard spheres can be forced close 
together. The structure is similar to that in which three spheres touch 
to form a triangle; a single sphere is jalcxl on top, then another group of 
three, and so on. Tims, alternating layers of three and one are built 
up. This structure is found in several metals. 



Ti02 Hexagonal close-packed CO2 

Fig. 20. Some tyjncal crystal lattices. 


The units of a cryst al lattice are not necessarily atoms or monatomic 
ions. They may be molecules, as, for example, in carbon dioxide (CO 2 ), 
whore a carbon atom is joined firmly to two oxygen atoms and placed 
at the eight corners and at the centers of six faces of a cube. The forces 
holding these molecular crystals together are very weak. The carbon 
dioxide crystal, for example, is stable only at low temperatures, and, 
when it vaporizes, the atoms in a given molecule stay together as a 
unit. IVIany of the low-melting organic compounds are of this molecular 
type. In the ionic* lattices, such as sodium chloride, there is no union 
to form molec^ules in the crystal. 

Still another type of lattice, not shown in Fig. 20, is represented by 
calcium carbonate, sodium nitrate, and other salts. Three oxygen 
atoms are closely held by carbon atoms, giving carbonate ions which 
occupy definite positions as units in the crystal lattice. The calcium 
ions fill UD the remainder of the lattice. A carbonate ion does not *‘be- 
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long^^ to a given calcium ion, but three particular oxygen atoms belong 
definitely to a given carbon atom. 

Binding Forces in Crystals. There are two fundamentally different 
types of attractive forces which hold atoms firmly together and several 
types of weaker forces which hold molecules together, as explained in 
Chapter III, the ionic or electrostatic attraction giving rise to heter- 
opolar bonds and the electron-pair bonding or exchange energy giving 
rise to homopolar bonds. 

Many crystals, including all the crystalline salts, give electrically 
conducting liquids when melted or dissolved, and it is natural to assume 
that the ions which produce this electric conductivity actually existed 
as charged ions in the crystal lattice. This view is supported by ade¬ 
quate experimental evidence.* Although the X-ray amalysis of crystal¬ 
line sodium chloride proved that the sodium and chlorine exist as sep¬ 
arate units, it did not permit a distinction between their existence as 
neutral atoms or as charged ions. However, the absolute distance 
between units in the crystal lattice has been determined by X rays and 
compared with the radius of the atom and the radius of the correspond¬ 
ing ion as determined by other means. It has been found that in sodium 
chloride and crystalline salts, in general, the distance between ions in 
the lattice corresponds to the ionic radius rather than to tlie atomic 
radius. 

Another convincing argument for the ionic lattice of certain crystals 
depends on the lattice energies as determined from the heat of forma¬ 
tion and heat of evaporation. The energy recpiired to separate the units 
in the crystal lattice agrees with that calculated on the assumption that 
the units arc ions which are held together by electrostatic forces. Still 
another argument depends on measurements of the magnetic susceptibil¬ 
ities of the crystals. Since the magnetic effect is considerably greater 
for ionic bonds with their transferred electrons than for covalent bonds, 
it is possible to determine the type of binding which exists in the crystal. 
Measurement of most of the simple crystalline salts indicates that ionic 
binding is present. Other lines of evidence which indicate the ionic 
type of binding include measurements of light absorption and dielectric 
constant. 

Although the heteropolar and homopolar bonds account for many 
crystals and for the formation of chemical compounds from atoms, 
the additional concepts of electrostatic attraction mentioned in Chap¬ 
ter III are needed to explain the attraction which exists between mol- 

* Friedman and Shuler, in J. Chern. Education, 24, 11 (1947), have summarized 
the experimental evidence for the ionic structure of such crystals, making use of 
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ecules. This intermolecular attraction due to dipole attraction account 
for the liquefaction of gases and for the formation of many crystals 
particularly those which have low melting points like the carbon dioxid 
shown in Fig. 20. 

Structure and Properties of Crystals. Many of the properties o 
crystals can be predicted from classification of the crystal lattice an( 
the type of binding. The geometrical arrangements obtainable froii 
the crystal lattice have been discussed earlier in the chapter; now th 
lattice forces give additional information. There are four main type 
of crystals as follows: 

1. The ionic ty})e with electrostatic binding is common in man; 
salts. Sodium chloride is a good example. The ions of opposite charge 
ar(i held together with strong forces which can withstand considerabl 
thermal agitation. ^Fhe crystals then are strong and possess fairly higl 
melting points. The el(H‘trostatic attraction appli(^s only to adjaceii 
and oppositely charged ions. There is no fix(‘d directed force of attrac 
tion. The crystal planes will strongly resist any tendency to slip pas 
each other, but, if sufficient external force is ai)plied to move the plane 
slightly so as to displace the positive-negative ion positions, the fore 
may be greatly weakened. Accordingly, although the ionic crystal 
are strong, they are apt to be brittle. They have very little elasticit; 
and cannot easily be bent nor worked. 

2. The honiopolar type of crystal with electron-pair bonds is ver 
strong and hard and possesses a very high melting point. Diamond 
and zinc sulfide are examples of this type. The valence bonds are fixc( 
and rigid, and large external forces are necessary to overcome th 
attraction which each atom has for all its neighboring atoms. As ii 
the case of the ionic crystals, there are no larger groups of atoms tha 
differ from the fundamental units of which the lattice is made, so tha 
the whole crystal may be regarded as the molecule. 

3. The metallic type of crystal has atoms all of the same kind, and i 
is possible for atoms to move around slightly. Accordingly, the metal 
can be bent and worked. Although they are often less hard than th 
two preceding types, they are strong and much better able to withstand 
mechanical and thermal strains. In the metallic crystal the electron 
are held loosely, and as a result the crystals are good conductors c 
electricity. 

4. The molecular type of crystal has a lattice which consists of mol 
ecules held together by weak dipole interaction or van der Waals’ forces 
Examples are carbon dioxide, carbon tetrachloride, argon, ice, and mos 
organic compounds. Because the lattice forces are weak, the crystal 
are soft and possess comparatively low melting points. Most of th 
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substances which have to be cooled below room temperature in order 
to crystallize are of this molecular type. 

In addition to lattice force and lattice type, ionic size is important 
in interpreting the behavior of crystals. In the larger atoms the outer 
electrons are situated farther from the positive nuclei of the atoms and 
are more easily removed and, thus, recpiire less energy for ionization. 
Again, the structural pattern of the lattice is profoundly influenced by 
the size of the atoms and ions. For example, in crystals of the rutile 
type of lattice is formed when the ionic radius of A is 43 per cent of that 
of B; but, when it is 67 per cent, the crystal lattice is of a different type. 
The density and strength of metals and other mat('rials are closely con¬ 
nected with the type of crystal lattic^e. 

The face-centered and the hexagonal clos(vpa(;k(Ml crystals give 
arrangements of greatest dcaisity with the atoms closest tog(‘ther. If 
a pile of hard spheres of the same diameter is (H)mpressed into the 
smallest possible space, the packing is likely to follow one of these two 
arrangements. The elements, which have but one kind of atom, usually 
tend to crystallize in these forms. 

In isomorphous crystals one ion can replace another, but such a dis¬ 
placement is possible only when the crystal lattices an^ of the same type 
and the ionic radii arc of approximately the same magnitu(l(\ 

The great difference between graphite and diamond can be understood 
in terms of the crystal lattice. In diamond every (;arbon atom is equi¬ 
distant from four other carbon atoms, and the crystal is hard and per¬ 
fect. Graphite has hexagonal networks in sheets resembling benzene 
rings of organic chemistry. The distance's b(‘tween atoms in the planer 
is 1.4 A, but the distances between theise atomic layers is 3.41 A. In 
two directions, then, the carbon atoms are tightly held as in the diamond, 
but in the third direction the force of attraction is much le^ss. This gives 
a stmcture such that one layer can slip over another. The crystals are 
less perfect and flaky, and yet the material is not wholly disintegrated 
under mechanical rubbing. It is excellent then as a lubricant. Other 
lubricants are also found to have a layer crystal structure. 

Determination of the Wave Length of X Rays. Measurements of the 
diffraction of X rays by crystals can be used in a qualitative manner, as 
already described, to establish the type of lattice for a given crystal. 
They can be used also to determine quantitatively the distance between 
planes when the wave length of the X rays is known; and, conversely, 
they can be used to determine the wave length of the X rays from the 
distance between planes when these can be determined independently. 

The distance between planes can be calculated from physical dimen¬ 
sions of the crystal and a knowledge of the number of ions which are 
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associated with each unit of the crystal lattice. In the case of the face- 
centered cubic lattice of chloride ions, each of the ions at a corner of a 
cube supplies a corner ion for seven other cul)es; that is, each corner 
ion is shared by eight cubes stacked together so that only one eighth of 
eacdi belongs exclusively to one unit cell. There are eight such corner 
ions, each c.ontributing an eighth of its mass to the unit cell so that on 
the average thei-e is one ciiloride ion for each unit cube of the chloride- 
ion lattice. Each unit cube of the chloride lattices also has one ion on 
each of its six faces which is shared by an adjacent cube so that half of 
the six ions, or three, can be attributed to a given cube. On the average 
then, each unit cube of the chloride ion lattice has 1 + 3 or 4 chloride 
ions associated with it.* By the same reasoning, each of the unit cells 
of the sodium-ion lattice also is associated with four sodium ions. 

The density of sodium chloride is 2.163, and, accordingly, a mole 
oc.cupies 58.45/2.163 or 27.0 cm'^. According to the Avogadro con¬ 
stant, it contains 6.02 X chloride ions. Four of these ions are 
associated with each unit cell of the chloride latticje, so that there arc 
(6.02 X 10^^)/4 unit cells, and the volume of each is 


27.0 

6.02 X 10-'^ 


= 179 X lO"^*^ cm^ 


4 


The length of one edge of the unit cube of the chloride lattice is found 
by extracting the cube root of 179 X lO”^"^ or 5.64 X 10”® cm. The 
same length can be calculated also for the unit cell of the sodium-ion 
lattice. 

Since the interpenetrating lattices of the chloride and sodium ions 
occnipy the same over-all crystal volume, the distance between (100) 
i:)lanes will be half the length of a unit cube of the chloride or sodium 
lattices; that is, (5.64 X 10~®)/2 or 2.82 X 10“® cm. 

Turning now to equation 2, substituting this value for d, and using 
the angle of the first-order reflection from the (100) plane shown in Fig. 
18, we have 

n\ = 2d sin d 

IX = 2d sin 5.9° = 2 X 2.82 X 10~® X 0.103 
X = 0.581 X 10~® cm 

Xrays are expressed in angstroms, one angstrom A being equal to 10”® cm. 
The wave length of the X rays generated by the electron bombardment 

* This number of chloride ions in the chloride lattice unit is not to l>e confused 
with the number of sodium ions surrounding a single chloride ion discussed earlier. 
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of the palladium target at a given voltage in these experiments is thus 
shown to be equal to 0.581 A. The same value can be calculated using 
the measurements obtained with the maximum intensities reflected 
from the (110) or the (111) planes with either the first-, second-, or 
third-order reflection. Once the wave length of the rays has been de¬ 
termined, it is possible, with the help of the relation nX = 2d sin to 
calculate the distance between planes of any other crystal for which 
angles of maximum reflection have been determined. 

The wave lengths of X rays can also be determined by diffraction of 
X rays from ruled gratings, if the angles of incidence 6 and reflection </> 
are very small, that is, less than 1°. Then, 

n\ = d(cos 6 — cos (t>) 

where d is the distance between the lines mechanically ruled on the face 
of the grating. After wave lengths have been obtained in this wa}^ the 
calculation given in the preceding paragraphs can be reversed to give 
Avogadro’s number. In fact, the value of Avogadro’s number now 
considered most accurate is obtained by application of this procedure 
to calcite crystals (CaCOa). 

X-Ray Analysis of Crystalline Powders. In the Bragg method of 
X-ray analysis, a movable ionization chamber and a large mountcHl 
crystal were used to determine the position and intensity of the reflec¬ 
tion maxima. Sometimes a strip of photographic film is substituted for 
the ionization chamber. It is then necessary to rotate the crystal by 
some type of clockwork mechanism so that the planes of the crystal 
lattice are sure to be set at the proper angle during part of the time in 
order to record the maximr in the reflection. Instead of reflecting X 
rays from a single large crystal, it is convenient to pass the X rays 
through a large number of small crystals oriented in random directions, 
as proposed originally by Hull and by Debye and Scherrer. The beam 
of X rays then gives lines on a photographic plate which are spatted at 
distances determined by the characteristics of the crystal lattice from 
which they have been reflected. Some of the small crystals will be 
oriented so as to give maximum reflections from the (100) planes, and 
others will give reflections from the (110) and the (111) planes. Many 
of the crystals, however, will not lie in the proper directions to give 
these reflection maxima, and they will give rise to interference of light 
reflected from the different layers and will not register on the photo¬ 
graphic plate. 

The powder method is very simple, and it has the advantage that only 
a few milligrams of crystalline material is needed for a measurement. 
Typical powder X-ray spectrograms obtained by Professor M. L. Jack- 
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son and Mr. R. P. Pennington of the University of Wisconsin are showi 

in Fig. 21. 

Applications of X Rays. Figure 21^ is a spectrogram of precipitatec 
calcium carbonate and R is a spectrogram of a powdered calcite crystal 
The fact that they are the same proves that the calcite is calcium car 
boriate and that the chemically prepared calcium carbonate has thi 



Fiu. 21. X-ray powder spectra. A. Precipitattid calcium carbonate. B. Calcite 
(7. Gibbsite. D. Clay solvated with water. E. Clay solvated with glycerol. 


crystal lattice of calcite. The presence of more clearly defined diffrac 
tion lines in Fig. 21A than in B indicates that the calcite structure wa 
somewhat distorted in the process of grinding into powder. 

Figure 21 C is a spectrogram of crystals taken from the soft interio 
of bauxite. It shows that the formula for bauxite AI 2 O 3 *21120 is onb 
an approximation for a physical mixture of gibbsite AI 2 O 3 • 3 H 2 O witl 
less hydrated material. 

Figures 21 D and 21E illustrate the use of X rays in studying the be 
havior of certain clays of interest in the study of soils. They are com 
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plex aluminum silicates with a layer lattice capable of holding an adsorp¬ 
tion layer of water or polar organic compounds between the layers. 
Figure 2\D shows the clay treated Avith water and E treated with glyc¬ 
erol. Although some of the lines are identical, others undergo interi’er- 
ence, depending on the magnitude of the initial spacing, a fact which is 
helpful in studying the adsorptive properties of these clays. 

In organic chemistry the long chains and benzene rings which have 
been used in structural formulas now find exf)erimental sup})ort from 
the data of X rays. As more CTT 2 groups are added to a chain, the 
length of the (crystal unit irua'eases approximately 1.3 A for each carbon 
atom, but the cross section remains lu^arly (constant. The hydrocarbon 
Cl 711 . 36 , example, has a length of 24.3 A in the crystal lattu^e, whereas 
the hydrocarbon C^ 3 rJl 72 has a length of 47.7 A. 

Crystals which have only a slight degree of symmetry are difficult 
to interpret Avith X rays, because the crystals are poorly formed and 
the planes ill defined. In the examination of organics compounds and 
crystals containing light elements it is desirable to use soft X rays |)ro- 
duced with a target of copper or other light metal, because tlu^ X rays 
produced by targets of heav^^ metals are too pen(4rating. 

X-ray absorption varies AAith the density of tlu^ absorbing solid. A 
dense object leaves a shadoAv on a photographic^ plate or fluon^sccuit 
screen. Tliis property is utilized in the seating of brokcai bones, tlu^ 
extraction of teeth, the removal of bullets, the exploration for abnormal 
groAAd/hs, and the examination of the chest for evidenc^c^s of tuberculosis. 
The detection of smuggled diamonds, the search for stray metallic ob¬ 
jects in food products, and the examination of oranges for frost injury 
before packing are among the many miscellaneous uses to Avhich X rays 
are put. 

Many metallurgical operations can noAv be studied more scientifically 
through the use of X rays. Different crystal forms produced by different 
heat treatments are readily recognized. Iron carbide in molten iron, for 
example, when cooled sloAvly, shows lines Avhich are not present AAffien it 
is cooled rapidly. A given alloy or material can be standardized by 
means of X rays, the desired product always giving the same pattern. 

Parts of machinery and special metals Avhich are critically important, 
such as propellers for airplanes, driving shafts for engines, valves for 
corrosive liquids, and metal parts for large dams, are examined with 
X rays to insure the absence of structural flaws such as internal frac¬ 
tures or blowholes in castings. 

Even material which is not ordinarily classed as crystalline may be 
tested Avith X rays, for example, fibers, rubber, shellac, cellulose com¬ 
pounds, and asbestos. A photograph through a pinhole with monochro- 
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matic X rays gives concentric rings for powders and symmetrical arcs 
for fibers. 

In mineralogy and in chemistry the X-ray spectnim of an unknown 
material serves as an excellent means of identification, because the X-ray 
sp(xdra are recorded for most of the miru^rals and compounds, and a 
comparison can b(^ easily made. The presence of imj)urities is easily 
det(H‘ted also ])y additional liru^s on the photographic, plate, and the per¬ 
centages of these impurities can be estimated by (comparing the intensi¬ 
ties of the liiKss with a series of spectrograms taken under identical 
(conditions but containing known amounts of the impurity. The X ray 
is finding important application also in soil analysis, because it gives 
important information easily and cpiickly concerning the mineral con¬ 
stituents whicch are present. 

X-ray analysis has also b(H‘n of great help as a research tool in inor- 
gani(? (cheemistry. Yor example, in the study of the new man-made ele¬ 
ments, neptunium, plutonium, curium, and americcium, it was possible 
to establish quickly the purity of compounds and the (clK'inical composi¬ 
tion \vith exceedingly small amounts of material and without destroying 
the samples. 
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PROBLEMS 

1. A certain crystal fac(^ interce})ts the A" axis at. |a, the Y axis at b, and th(^ 

Z axis at. |-c. What are t he Milk'r indices of this face? Ans. 4, 2, 3. 

2. In the reflection of X rays of wave length 0.643 A by a certain (Tystal, first.- 
order maxima for the (100), (110), and (111) fdanes arc obtained when 0 is 7° 41', 
5"’ 26', 13" 34', respectively, (a) What are the values of dioo, dno, and rim, and (6) 
what type of lattice' has this crystal? 

A718. (a) dioo = 2.40 X 10“® cm. {h) body-centured cubic. 
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3. Potassium bromide has a lattice which is equivalent to a face-eent(Ted cubic 

lattice, and the edge of the unit, cube is 6.54 A. The unit, contains the equivalent ol 
4 ions of each kind. What is the density of the crystal? Ans. 2.83. 

4. Cesium bromides crystallizes as if it were a body-c,ent.t;red cubic. In the Bragg 

spc'ctrometer using X rays of 0.576 A a first-order maximum for the (100) plane i.^ 
obtained at an angle of 6 of 7° 43'. What is the? interplanar distance c/ioo? The 
length of the unit cell is 2 X dioo, and it contains the ecjuivalent of one molecule of 
CsBr. What is the* density of thci cesium bromide? A us. 4.49. 

5. The Miller indices of three faces of a cubic crystal are (100), (010), and (001). 

(a) What an' the intercc'pts of the', three* faces? 

{b) 8k(‘tch the crystal showing t,hese three facies. 

6. Potassium CTystallizes with a body-cc'ntc'n'd cubic lattice. The (h'lisity is 
0.85(>0 g per cubic eH'ntime't/er. Calculate the distances (a) betwee'n (UXl) planes, 
{b) betw(i('n (110) plam'S and (c) betw(*en (111) planes. 

7. Calcium oxide was examined with X rays having a wave length of 0.576 A. 
First-order maxima were obst'rved for the (100) plane at 0 = 6° 54', for the (110) 
plane at 9® 52', and for the (111) plane at 6° 00'. What- are tlu* valu(\s of dioo, r/no, 
and dm, and what typt* of lattice doc's this crystal have? 

8. A substance crystallizes in a form like that of sodium chloridt*. Its density 
is 1.984 g j^er milliliter and its molecular weight is 74.56. What is the kuigth of the 
edge of a single cc'll? 

9. The crystal unit cell of MgO is a cube 4.20 A on an edge, h^ach cell contains 
the equivalent of 4 atoms of magnesium and 4 of oxygc'ii. What is the density of 
crystalline magnesium oxide? 

10. Copper is a face-centered cube in crystalline form, with the dimensions a — 
b — c = 3.608 A. Calculate its density. 

11. The diamond has a crystal lattice which is face-centered cubic, and there are 
8 atoms in a unit cell. Its specific gravity is 3.51. What possible reflection angles 
could be found for the diamond crystal from the (100), (110), and (111) planes with 
an X-ray beam of w’ave length 0.712 A? Reflections hsve been observi^d at ^loo — 
23° 40', ^^110 = 16° 20' and = 10° 0' with maximum intensities. Do these data 
indicate a first-, second-, or third-order reflection? 

12. Metallic iron investigated with monochromatic X rays from an unknown 
source at 20° gave; first-order n'flection maxima when $ == 11° 36', 8° 3', and 20° 26' 
in the (100), (110), and (111) plant's, re.spectiv(‘ly. At 1100° the maxima occurred 
when 0 = 9° 8', 12° 57', and 7° 55'. 

(a) What do these results show concerning tw^o crystalline modifications of iron 
which are stable at these tw^o tenifx^ratures? 

(b) Calculate d^x) for the 20° form. The density of iron at 20° is 7.86. 

(c) Calculate the wave length of the X rays us(*d. 

(d) What is the density of iron at 1100°? 
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PHYSICAL PROPERTIES AND MOLECULAR STRUCTURE 

A physical propcirty, such as molecular weight, which depends on the 
numl)er and kind of atoms in the molecule is c.alled an additive property. 
A physical ])roperty, such as the optical rotation of light, which de¬ 
pends on the particular arrangement of atoms within the mol(Maile is 
(*,ailed a cot institutive property. A great many physic.al-chemical prop¬ 
erties are additive in ixirt and constitutive in part. The prediction of 
physical properties from the known constitution is valuable from both 
a practical and a theoretical vicnvpoint. Likewise, these physical prop¬ 
erties are useful in identifying chemical substances and deciding cjnes- 
tions of their molecndar structure. 

The rigid bonds wliich liold organic molecules together make definite 
constitutions possible, whereas the mobility of ions in solution prevents 
a definite spatial structure. This chapter, therefore, is conccirned 
chiefly with the materials of organic chemistry. 

Refractive Index. The extent to which a beam of light is bent or re¬ 
fracted when it passes from one substancci into another depends on the 
relative number of atoms in the two substances which are in the path 
of the light (that is, on the concentration), on the kind of atoms, and 
on the arrangement of atoms vdthin the molecules. Accordingly, the 
refractive index, which is a quantitative measure of this refraction of 
light, may be used to determine concentration of materials, to establish 
the identity and purity of a chemical compound, or to ascertain the ar¬ 
rangement of atoms within the molecule. 

Wlien a beam of light passing through one substance strikes the sur¬ 
face of a second substance, the direction of the beam is changed. The 
angle of incidence i is the angle which the oncoming beam makes Avith 
a line perpendicular to the surface which separates the two substances, 
and the angle of refraction p is the angle which the diffracted beam, 
traveling in the second substance, makes with reference to a line per¬ 
pendicular to the surface. The index of refraction n is then defined by 
the equation, 

sin i 

n =- 

sin p 

67 


(1) 
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The index of refraction can be defined also as the ratio of the velocities 
of light in the two substances. Usually the refractive index given in the 
tables refers to the index of refraction measured when th(i light emerges 
from the substance into air. Bec.ause the refractive index of air itself 
changes with the temperature, pressure, and humidity, the absolute 
refractive index has been established as the ratio of the velocity of light 
in a vacuum to the velocity of light in the given medium. The ordinary 
refractive index measured in air can be converted into absolute refrac¬ 
tive index by multiplying by the refractive index of air, which is about 
1.00029 under standard conditions. 

The experimental measurements of refraclivt^ index is one of the 
easiest and most ac(;urate measurements of physical chemistry. It (;an 
be determined easily to two parts in 10,000 under laboratcny conditions 
where the temperature is carefully controlled. In making a refractivc'- 
index measurement, the beam of light is usually passed from air through 
the solid or licpiid mcxliiim lacing measured and th(in through a glass 
prism and out into the air again. The refra(div(^ index may be (calcu¬ 
lated from the angle through which a telescope must be turned in order 
to p)i(;k up the emerging beam on a (cross-hair. The angle nH'asured 
includes the refracction at the li(|uid-*glass interface', and at the glass-air 
interface, so that a calculation (sho\\7i in the appemdix on page 674) is 
necc'cssary to obtain the mfractive index of the licpiid against air. 

In some refractometers the angle of the emerging light beam is read 
on a scale whicch is calibratexl not in degrees l)ut directly in rc'fractix^e 
index—a procedure justifi(cd by the fact that the refractive index of the 
glass prism against air is a constant. 

The index of refraction de})ends (jn the wave length of the light em¬ 
ployed, the ]*efraction for the i*ed being kess than that for the violet light. 
The wave length of the light us(xl in measuring the refractive index n is 
recorded as a subscript. Measurements of the refractive index are 
often referned to the U line of sodium, 5893 A, but sometimes the green 
mercury line at 5401 A, or the lines of the hydrogen spectrum !!«, H^, 
or Hy are used as the source of light. The temperature at whicch the 
measurements are made is indicated by a superscript. Thus the symbol 
nj) refers to the refractive index measured at 25° with sodium light. 
Monochromatic light is used for th(^ greatest precision, but white light 
may be used if a compensating prism is adjusted so as to eliminate any 
color fringe. Because the angle of refraction changes with the wave 
length to a different extent for each substance, it is necessary to adjust 
such a compensator for every substance measured. 

The refractive indices of several different substances are given in 
Tables I and IL 
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TABLE 1 


Refractive Indices with Different Wave Lengths of Light 


CDiniJouiid 

Formula 

^,20 1 

7ijD 

< 

uf. 


Thcnardite 

NH. 2 SO 4 


1 .464 

1.474 

1.485 

Tridyniitc 

Si()2 


1.4f)<* 

1.47 

1.473 

Formic acid 

Clhih 

1.37137 

1.36927 

1.37643 

1.38041 

Ethyl bromide: 

CilhUr 

1.42386 

1.42113 

1.43046 

1.43595 

Boiizonc 

Crdir, 

1.50144 

1.49663 

1.51327 

1.52361 

AniliiK' 

C 0 H 7 N 

1.58629 

1..57948 

1.60434 

1.62074 

n-Pro[)yl alcohol 

CldlsO 

1.38543 

1.38345 

1.39008 

1.39378 

Nitrobc'nzc'no 

C;dl5N02 i 

1.55291 

1.54593 

1.57124 



^ In n^fractivc index the supcTseript specifiers the tenixierature. 


Molar Refraction. The refraciiv(‘ index of a fluid varies with tem¬ 
perature and pressure as the number of molecules in the path of the 
light is changt^d, but the specific refraction r is quite independent of 
these variables. On the basis of the electromagnetic theory of light, 
Lorenz and Lorentz have shown that 


1 - 1 
^ d 71^ +2 


(2) 


where n is the refractive index and d the density. The molar refraction 
is (*qual to the siiecific refraction multiplied by the molecular weight. 

Example 1. The refractive index of ally! alcohol at 20° is 1.41345, the 
density at 20° is 0.8540, and the molecular weight is 58.078. Calculate the 
molar refraction. 

M(rr ~ 1) _ 58.078 (1.413452 - 1) 

^ “ dl/r + 2) ~ ()~8540 (1.413452 -{- 2) 

58.078 X 0.99784 _ 

“ 0.8540 X 3.99784 


The refractive index at 20°, the specific refraction, and molar refrac¬ 
tions are given for several common liquids in Table II. 

The refraction of light is an additive property, but it is also partly 
a constitutive property depending on the structural arrangement of 
the atoms within the molecule. The molar refractions of a large number 
of organic and inorganic compounds have been detennined, and it has 
been found that many atoms and groups of atoms always contribute 
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the same definite amount to the molar refraction of any compound in 
which they are found. Thus, in a homologous series of aliphatic com¬ 
pounds a difference of CH 2 in composition always produces a difference 
of 4.618 in the molar refraction. The molar refraction of hexane, 

TABLE II 
Molar Refractions 


Compound 

Formula 


^20 

riy 


Carbon tetrachloride 

CCI 4 

1.4573 

0.1724 

26.51 

Acetone 

(CHalzCO 

1.3571 

0.2782 j 

16.15 

Benzene 

CfiHe 

1 .4979 

0.3354 

26.18 

Ethanol 

C 2 H 5 OH 

1.3590 

0.2775 

12.78 

Toluene 

CellsCHa 

1.4929 

0.3350 

30.92 

Chloroform 

CHCI 3 

1.4420 

0.1780 

21 .25 

Acetic acid 

CH 3 COOH 

1.369S 

0.2154 

! 12.93 

Ethyl acetate 

CH 3 COOC 2 H 5 

1.3701 

0.2527 

22.25 

Water 

H 2 O 

1.3328 

0.2083 

3.75 


CeHn, is 29.908, and, by subtracting from this value six times the effect 
of the CH 2 group, it is possible to obtain the atomic; refraction of the 
hydrogen atom, namely, 1.100. Thus, 

29.908 - (6 X 4.618) 

-^-i == 1.100 

2 


From these data the atomic refraction of (;arbon is readily calculated, 
thus: 


4.618 - (2 X 1.100) = 2.418 


Again the atomic refraction of bromine is obtained by subtracting the 
atomic refractions of two carbons and five hydrogens from the molar 
refraction of ethyl bromide. 

The atomic refractions are affected by the structural features. For 
example, the molar refraction of BrH 2 C — CH 2 Br is 26,966 and the 
molar refraction of BrHC = CHBr is 26.499.* If the atomic refrac¬ 
tions of the hydrogen and bromine atoms are subtracted, the value for 
C — C is 4.836, and for C = C it is 6.569. Since the two carbons to¬ 
gether have a value of 4.836, it follows that a double bond between 
carbon atoms contributes an additional 1.733 to the molar refraction. 

* The experimental values available in the literature give 27.0 and 26.3. 
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Table III has been built up in the manner just indicated, averaging 
the results for a large number of compounds. 

TABLE III 
Atomic Refractions 


Group 

Mro 

Group 

Mru 

i 

CH 2 

4.618 

Cl 

5.967 

H 

l.iOO 

Br 

8.865 

C 

2.418 

I 

13.1K)0 

Doubhi bond (C---C) 

1.733 

N (pji-aniines) 

2.322 

Triple bond (C^C) 

2.398 

N (sec-amines) 

2.499 

() (c,arb(jnyl) (---'-C=-()) 

2.211 

N (t(Tt-amines) 

2.840 

0 (hydroxyl) 1 -O—II) 

1 .525 

—C^N 

5.459 

0 (clhers) (R—0—R) 

1.643 




This table is useful in determining the structure of molecules as it 
enables one to select the atom or group of atoms with the proper stmc- 
tural features so that the sum of the atomic refracitions will add up 
to give a total which is ecjual to the experimentally determined molar 
n'fraction. 


Example 2. A substance having the analysis CsHeO might be either acetone 
CHa II H 

\ II 

CO or allyl alcohol C—C— C —OH. Determine which of these two sub- 

/ Mi 

CHa H H H 

stances it is from the fact that the molar refraction Mr^ is 16.974. 


Acetone 

3 carbons — 7.254 

6 hydrogens = 6.600 

1 carbonyl oxygen = 2.211 


16.065 


Allyl Alcohol 

3 carbons = 7.254 

6 hydrogens = 6.600 

1 double bond (C—C) = 1.733 

1 hydroxyl oxygen = 1.525 


17.112 


Since the experimental!}^ determined molar refraction agrees with that cal¬ 
culated for allyl alcohol, the substance is allyl alcohol rather than acetone. 


Rotation of Polarized Light, Ordinary light can be plane-polarized 
by passing it through a Nicol prism or a ^Tolaroid^' film with the result 
that the electromagnetic vibration of the transmitted light is confined 
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to a simple plane. A Nieol prism (consists of a crystal of doubly refract¬ 
ing Iceland spar cut and cemented in such a way that one of the rays 
is refracted to one side and the remaining one which passes through is 
plane-polarized. Polaroid films are made by incorporating into a trans¬ 
parent plastic a large number of small crystals of a compound, such as 
an iodide of quinine, whicli possesses the property of double refraction, 
and orienting them all in one direction. 

When certain optically active substances are placed in a beam of 
polarized light, the plane of polarization is rotated ('ither to tlu^ right or 
to the l(Tt and the extent of this optical rotation is measun'd (juantita- 
tively in a polan'rnetcr, the principle of which is shown in Fig. 22. 



FicJ. 22. Diagram showing the prin(‘i})lt' of polarimotiT. 


A beam of monochromatic light is passed through a Xicol prism or 
other means for producing plane-polariz(‘d light; thence, through a tub(‘ 
containing the optically active inat(*i-ial; and, finally, through a second 
Nicol prism. Wlu'ii these prisms are pla(‘ed at right angles with no 
optically active material intervening, the only light passc^l by the 
first prism is stopped by the second, and the rear field apixiars dark. 
When optically active material is introdu(‘ed, however, the light aj)- 
pears again, and the second prism must be rotated in oixler to preveuR 
the passage of light). The number of degrees through which the second 
prism must l)e rotated, in order to stop the beam of polarized light, is a 
measure of the optical rotation. For dextrorotatory substances it is 
necessary to rotate the n^ar prism to the right; for levorotatory sub¬ 
stances it must be turned to the left. It is difficmlt to know when the 
second prism has been rotated just far enough to allow the minimum 
passage of light, and, accordingly, a reference is used to improve the 
accuracy. An additional Nicol prism or a thin sheet of optically active 
material is placed behind the first Nicol prism so as to intercept half the 
field and give a slightly different degree of rotation. When th(i back 
Nicol prism is crossed with the unobstructed half of the light from the 
first Nicol, the other half of the field is lighter, and, when it is crossed 
with the obstnicted half, the unobstmeted half becomes lighter. A 
sharp and reproducible reading is obtained when the second Nicol 
prism is turned so that both halves of the field are equally illuminated, 
and the line of demarkation between the two disappears. 

The extent of the optical rotation depends on several factors, including 
the nature of the substance; the length of the column through which the 
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light passes; the concentration, in case the material is dissolved in a 
solution; the wave length of the light; and the temperature. Accord¬ 
ingly, it is helpful to employ a term in which the number of these varia¬ 
bles is reduced. Fulfilling these requirements is the specific rotation 
defined by the following equation, 

[all = — (3) 

V 

where a is the observed rotation in degrees, I is the length of the path in 
decimeters * of optically active material through which the light passes, 
and g/v is the number of grams of optically active material g in v milli¬ 
liters of volume. For solids or liquids g/v is simply the density; for 
solutions it expresses the (concentration of active material. The wave 
length is recorded as a subscript. The yellow D light of the sodium arc 
or the intense green light of the mercury arc is usually used in polari- 
metric measurements. The temperature t does not greatly affect the 
specific rotation; sometinu's it is nccordcxl as a superscript, but, if the 
temj)erature is not recorded, room temperature or about 20° is assumed. 

I'he specific rotations are useful for the rapid and a(ccurate analysis 
of optically active materials, as indicat(cd in the following example: 


Example 8. An aqueous solution of maltose containing 13 g in 100 ml was 
examined in a polarimeter having a cell 20 cm in length and found to have a 
rotation of 34°. What is the specific rotation of maltose? Another solution of 
maltose gave a rotation of 42.5° in a cell 10 cm long. What is the concentration 
ill grams per liter? 




34 X 100 
'2 X 13 


130.8° 


42.5 X 1000 
1 X 130,8 


325 


Optical Activity and Molecular Structure. Optical activity is found 
most often in compounds which contain a carbon atom attached to 
four different atoms or groups of atoms. Such a carbon atom is called 
an asymmetric carbon atom, one of the simplest examples of which is 
lactic acid indicated in Fig. 23. 

The compounds which rotate the plane of polarized light to the right 
in a clockwise direction as viewed in a polarimeter are called dextro- 

* It would be better to express the length in centimeters, as is done with most 
other physical-chemical properti(‘s, but the tables and the liUjrature record specific 
rotation using decimeters. 
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rotatory, and those which rotate it to the left in a counterclockwise 
direction are called levorotatory. 

The molar rotation M[afx is obtained by multiplying the specific rota¬ 
tion by the molecular weight il/.* Tlie molar rotation of sucrose 

(sugar) is M X Ob.43° in dilui-e solutions in water and the molar rotation 
of d-glucose is M X 52.48°. If tlie dexti-o and levo forms o(a*ur togetlier 
in ecpial arnount,s in the same solution, the two rotations offscd- each other, 
and no optical activity is observed. Such a mixture is called a rarcmic 
mixture. As a matter of fact, almost all mat(TiaJ wliich is cajxible of 
exhibiting optical activity is found in the racemic form wlu'n produc(*d 

H H 

I I 

CH 3 — C — COOH COOH — C — CH, 

I I 

OH OH 

Levo Dextro 

Fig. 23. Structure of levo- and d(^xtrolactic acid. 

in the laboratory. In synthesizing lactic acid, for example, there is 
equal probability of olitainiiig either the dextro or levo form, and the 
same numbers of molecules of each aro formed. 

Although the dextro and levo forms have nearly the same physical 
and chemical properties, except for the rotation of polarized light, they 
can be separated. Microorganisms sometimes will destroy one form 
more rapidly than the other. For example, a certain mold growing in a 
racemic mixture of tartaric acid will thrive at the expense of the dextro 
acid and leave the pure levo acid. Other microorganisms, or rather the 
enzymes which they contain, may consume the levo form and leave the 
dextro. Alost optically active organic compounds are obtained from 
some plant or animal product or some fermentation process in which 
slight differemee in one of the growth processes, such as solubility or 
rate of reaction, ma}’' be involved. In a second method of separating 
dextro and levo optical isomers, the racemic mixture is allowed to react 
chemically with an optically active material which gives products 
having slightly different solubilities. Optically acjtive alkaloids have 
been used for separating the d and I forms of acids. Another method 
of separating racemic mixtures has been reporteci in which one compo¬ 
nent is preferentially decomposed photochemically through the use of 
circularly polarized ultraviolet light. 

Sometimes the two optical isomers crystallize out in crystal forms 
which are alike except that one crystal form is the mirror image of the 


In the older literature these molar rotations are divided by 100. 
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other. They ean then be separated by hand picking, as was done first 
by Louis Pasteur in his brilliant researches on the optical activity of 
tartaric acid. 

The magnitude of the rotation is, in part, connected with the relative 
masses of the atoms or groups of atoms surrounding the central asym¬ 
metric carbon atom, and some regularities occur in homologous series. 
The specific rotation of some solutes is the same in different solvents, 
but usually it vari('.s in a manner which is specific for each solvent and 
solute. Apparently some loose comlnnation with the solvent at certain 
parts of the molecule changes the rotation. Ionization of the optically 
active molecule usually k'ads to a marked change in the specific rota¬ 
tion. 0])ti(^al activity is not restricted to the asymmetric carbon atom; 
it has been observed in compounds containing asymmetric atoms of 
nitrogen, sulfur, tin, cobalt, and other elements. Moreover, it has been 
observed in certain types of organic compounds which contain an un- 
symmetj’ical grouping but no asymmetric atom. 

Crystals exhibit two diff(*rent ty])es of optical activity. In some 
crystals, as, for example, in sugar, the mokaailes themselves arc opti¬ 
cally active. In others, as, for exam])le, in quartz, the crystal rotates 
the i)lane of polarized light by virtue of a spiral arrangement of the units 
in the crystal lattice. 

Absorption of Light. The mechanism })y which light is absorbed by 
molecules is discussed more fully in (.Chapters XIX and XX, but it may 
be stated here that absorption of light in the visible and ultraviolet 
regions of the spectrum involves the displacement of electrons within 
the molecules. Absori)tion in the infi*ared re^gion where the wave 
lengths are longer involves the displacement of atoms. According to 
the cpiantum theory, a beam of light is com})osed of many units of radia¬ 
tion called photons. The energ 3 '' of one photon is called a quantum of 
energy, and it depends on the wave length of the light, the quantum 
being large in the ultraviolet, of lesser energy in the blue, and still less 
in the red and infrared. However, all the photons in monochromatic 
light of a given wave length have the same energy. 

There are only certain displacements of electrons or atoms within 
the molecule which are permissible according to the quantum theory, 
and, wlum the photons in a beam of light passing through a given mate¬ 
rial happen to have about the same energy as the energy required to 
bring about a permissible change witliin the molecule, there is a definite 
probability that the photon will be absorbed and its energy consumed 
in effecting the displacement inside the molecule. 

When white light or polychromatic light containing many different 
wave lengths is passed into a substance, some of the light may be ab- 
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sorbed, the rest being either transmitted or reflected. A substance 
appears colored because part of the light is absorbed. For examph^, a 
solution of copper ions appears blue because, when white light is passed 
through it, the red and yellow light is absorbed, and only the blue is 
transmitted to the eye. The colored light, transmitted or reflected, can 
be measured by passing it through a spectrometer and spreading it out 
into a spectrum by means of a prism or grating. 

In some cases where tliere is discontinuous absorption, the light will 
appear as narrow lines of light which are images of the slit of the spec¬ 
trometer. In most cases the absorption is continuous, and the bright 
light transmitted extends over a e-onsiderable range of wave lengths 
giving bands instead of lines. Dark regions in the spectrum show that 
light corresponding to those particular wave lengths is absorbed. An 
examination of the character and intensity of the absori)tion spc^ctniin 
is a method widely used for the identification and determination of tlu^ 
absorbing material. 

Absorption in the ultraviolet is measured with the photographic 
plate; absorption in the visible is readily dei<(H‘te(l cather with the eyc^ 
or with a photographic; plate.* Infrared radiation doc's not affect ihv 
eye, or the common photographic plate, or the ordinary })hotoel('ctric 
cell, and so the absorption spectrum is dc'termiiied witb a sensitive 
thermopile which absorbs the heat rays and converts them into ek'c- 
tiicity which is measured with a galvanometer. Near-infrared radi¬ 
ation can be measured with specially sensitized photographic platens. 
(tIo-ss prisms and lenses are satisfactory for visible light, but quartz or 
fluorite C'aF 2 is generally used for the ultraviolet, and rock salt or potas¬ 
sium bromide for the infran'd. The apparatus must be transparent to 
whatever light is being used. 

The wave length of light is measured in angstroms. One; angstrom,! A, 
is one hundred millionth (10“^) of a centimeter. 

Light is described also in wave miml)ers which are; exi)ressed in recii)ro- 
cal centimeters. For example, ultraviolet light of 2500 A, has a wave 
length of 2.5 X 10~^ cm and a wave number of 1/(2.5 X 10~’0 or 
40,000 reciprocal centimeters. Strictly speaking, the wave lengths used 
in calculating wave numbers should be measured in vacuum, and, if 
desired, the wave length measured in air can be convertcHl to wave 
length measured in vacuum by multiplying by 1.00029 which is the 
refractive index of air. 

* Apparatus and methods of spectrometry are described in “Exp(;rim(;iital Physical 
Chemistry,by Daniels, Mathews, and Williams, McGraw-Hill Book Co., New 
York, 1941. 

t The millimicron, m/u, which is 10~^ cm, is a unit of wave length equal to 10 A. 
General practice is tending toward its elimination. 
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The frequency of light, obtained by multiplying the wave number by 
the velocity of light, 3 X 10^^ cm sec~^\ is important in photochemistry 
(page 597) and in calculations of energy. 

The percentage of light transmitted at a given wave length may 
be measun^d in different ways. The spectrum may be photographed 
with a spectrograph, and the blackening of the plate indicates the wave 
lengths at which light is transmitted. In this way it is easy to determine 
at what wave k^ngths absorption bands occur. The plate is calibrated 
for wave k^ngths by compaiison with a spectrum of known wave lengths, 
such as mercury or iron spec^trum, taken with the same spectrograph. 
Over a limit(‘d range of exposure, the blackening is directly propor¬ 
tional to the amount of light striking the plate, and an estimate of the 
intensity of light transmitted at a certain w^ave length can thus be 
mad(‘.. The blackness may be compared directly with an adjacent 
exposure on the same plate produced in the same length of time by a 
beam of light whose intensity has been reduced by a definite measured 
amount using a S(H‘tor wheel, Nicol prisms, or a wire screen. Also, the 
densit}^ of the spectrogram may be determined quantitatively by pass¬ 
ing a narrow l.)eam of light along the plate and measuring with the help 
of a photoekictric cell or thermopile the light absorbed by different parts 
of the plate. 

The use of photocells in absorption measurements is increasing 
ra])idly in popularity. The deflection of a sensitive galvanometer con- 
n(H‘t('d to a photoelectric cell or 
photovoltaic cell is directly pro])or- 
tional to the light transmitted, and 
it is not necessary to make a photo¬ 
graph of the spectrum. The light 
may be divided into short spectral 
regions b}^ means of filters or by 
j^risms or gratings and the per cent 
transmission determined for a nar¬ 
row band of the spectnim. 

Th(i principle of such an instru¬ 
ment is shown in Fig. 24. A t)eam 
of light is passed through a narrow^ 
slit onto an optical grating A, from 

which it is reflected through a cell C containing the solution, and thence 
to the photo(?ell D which is connected to the galvanometer. The per¬ 
centage of light transmitted is calculated by dividing this deflection I 
by the deflection /q, obtained wdien cell B containing the solvent is slid 
along into the path of the light, displacing the cell C. By turning the 



Frj. 24. Spectrophotometer for meas¬ 
uring the at)sorption of light at different 
wave lengths. 
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screw the grating is turned so as to pass any desired wave length through 
the cell. In this way the transmission ///q may be determined for the 
different wave lengths, and the spectrum may be mapped. When the 
desired absorption band is locaited, the instmment may be set for this 
wave length and the transmission determined for different concentra¬ 
tions of absorbing material. The positions of the absorption bands and 
lines serve for identification and for criteria of purity, wlau'eas the per¬ 
centage transmissions serve for (piantitative analyses of the amount of 
material present. 

Emission spectra of volatilized metals and (compounds are readily 
obtained using an arc, a si)ark, or a flame, and these are valuable in 
qualitative and (luantitative analysis. In quantitative estimation of 
the amounts of material, it is miccssary to compare the blackening of 
the i)late with the blackening prodiua^d by known amounts of the 
standard substance volatilized and activated undei’ identical condi¬ 
tions of current and volt age. 

Lambert’s Law. It was states! that the extent of the absorption 
depends on the probability that the energy of the quantum will be 
transferred to the molecule where it can effect a chemical reaction or 
where it is dissipat(H.l eventually as heat. It depends also on the num¬ 
ber of molecules in tlu^ path of the light. This probability is ex})ressed 
mathematically by the proportionality constant k' in the fomiula, 

dl 

= _/c' dJ (4) 

w^here I is the intensity of light, that is, the number of photons per second 
per square centimeter hitting the surface, and dl is the change in light 
intensity produced by absorption in a very thin layer dl of the absorbing 
material. A large value of this proportionality constant k' indicates 
that the material is very absorbing. The value of k' varies with the 
wave length of light. 

At a given wave length the intensity / of transmitted light after the 
beam has passed through I centimeters of the absorbing medium is 
related to the initial intensity 1^ by equation 5, which is obtained by 
integrating * equation 4 between the limits /q when Z — 0, and I at 
length Z. 

/ 

Int- = -k'l (5) 

/o 

* Details of this simple integration are given in Daniels’ “Mathematical Prepara¬ 
tion for Physical Chemistry,” McGraw-Hill Book Co., New York, 1928, page 132. 

t In signifies loge; log signifies logio; 2.303 log x * log, x. 
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Beer’s Law. The intc'nsity of transmitted light is affected by a 
change in tlie concentration of absorbing material as well as by a change 
in the thickness of the absorbing material. If the length of the absorb¬ 
ing (;ell is fixed, Beer's law gives the relation, 

dl 

( 6 ) 

where c is the coiu'entratiori, expressed in moles or grams per liter. Usu¬ 
ally equations 4 and 0 are combined giving the Beer-Lainbert law, 

/ 

In— = —klc 

or, in exponential form, 

I = he-'^^ (7) 

wh('re k is called the absorption coefficient. 

The equation is su(‘h that a straight line is produ(‘ed when the log¬ 
arithm of the fraction of light transmitted, I/Io, is plotttMl against the 
concentration of absorbing material when the same absorption cell is 
used so that the length I is constant. 

Equation 7 may be written with logarithms to the base 10, as 

/ 

log — = -Ek (8) 

bo 

w here E is known as tla^ e.vlinetioti eoeffieient. Wlien I is in ems and c is 
in moles per liter, the resulting molar extinction (coefficient is sometimes 
given the s\unbol e. 

K.xmnpte 4 . When a 1.9-cm absorptioji cell was used, the absorption of blue 
hght by bromine dissolved in carbon tetrachloride w’as found to be as follows: 

Con c(aitration of Br 2 (r) in 

mokis per liter 0.0054G 0.00350^ 0.00210 0.00125 0.00066 

Transmission (///o) 0,010 0.050 0.160 0.343 0.570 

Calculate the molar extinction coefficient c. 

In Fig. 25, log I/Iq is plotted against concentration, and the constant € is 
calculated from the slope of the line and the thickness of the cell to be 193. 

What per cent of the incident light would be transmitted by 2 cm of a solution 
containing 0.00155 mole of bromine per liter of carbon tetrachloride? 

log 4 = - = -193 X 2 X 0.00155 = -0.599 = 1.401 

b = 0.252 
bo 



80 PHYSICAL PROPERTIES AND MOLECULAR STRUCTURE 


Tliat is, 25 per (*eiit of the is transniitterl, inifl 75 per cent is absorbed, neg¬ 
lecting the amount reflected. 



Fig. 25- Graph showing the transmission of light, as a funcUon of the absorbing 

material. 

The amount of light absorbed, Ay is equal to the difference between 
the incident light and the transmitted light. Thus, 

^ = /■(>-/ = /o(l - r-'-') (9) 

In this calculation the reflected light is ignored, but it may be estimated. 
It amounts to about 4 per cent when a perpcmdicular beam of light goes 
from air to glass or glass to air. 

The absorption of light is widely used now for measuring quickly and 
accurately the concentration of a colored material. 

The transmission of light can measured visually by (comparing 
the intensity with the intensity of light after passing through a known 
standard solution in a colorimeter. 

In a colorimeter the depth of a known standard solution is adjusted 
until the intensity of transinitted light just matches, according to the 
eye, the intensity transmitted by the unknown solution being anal,yzed. 
The concentration is readily calculated from the depth of the solutions 
and the concentrations of the standard solution. 

Analysis by the absorption of light has many advantages. It is quick 
and accurate and can be carried out without disturbing the material or 
withdrawing a sample. Although it is limited to colored substances, it 
must be remembered that most substances are colored in the ultraviolet 
and infrared. Applications in these fields are now receiving attention. 
In fact, the quantitative analysis of complex mixtures of organic com¬ 
pounds in the cracking of petroleum is now done effectively with the 
help of absorption spectra at different wave lengths in the infrared. 
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Absorption and Chemical Structure. The absorption of light may be 
used not only for di^termining the concentration of the colored sub- 


stanc(i but also for identifying it. The 
spectroscope is very widely used for 
analysis by emission spectra, but it 
is used also for absorption spectra. 
Many ions, dy('s, and other (colored 
organic*, and inorganic sulistances havc^ 
ciiaracteristie. absorption s]>ec.tra. A 
ketoiK' group (==('=0), for examine, 
absorbs between 3000 and 4000 A, 
depending on tlie adjacent groujis, 
and again in the infrared at 58,000 A. 

The absorption of light by a solu¬ 
tion changes with the t hickness of the 
layer and with the c*.oncent.ration in a 
manner which is characteristic for 
eaclj al)Sorbing material. Sometim(‘s 
the spcHd-rum is photographed at a 
number of diffenait thi(‘kn(^sses or at 
a number of different conccaitrations, 
and the i*egion of alisorption gradually 
narrows as the solution is diluted. 
The wav(' Ic'ngt-h of t he last part of t he 
absorption band to fade out is charac- 
t-eristic. of the absorbing material. 

It is often possible to predict the 
absor}3tion spectra of organic com- 
jiounds from a knowledge of the 
structure and the influence of substi¬ 
tuted groups. Likewise, the absorp¬ 
tion spectra are heljiful in deciding 
(questions of chemical constitution. 
Several spectra, plotted in different 
ways, are shown in Figs. 26, 27, and 
28.* 

Figure 26 gives the absorption 
spectrum throughout the visible of 
the intensely colored compound which 
is produced when a solution of ferrous 
iron is mixed with a certain dioxiine.* 



Fig. 26. Absorption spectrum of 
compound formed with ferrous iron 
and a dioxime. Numbers 0.4 to 4 
indicate parts per million of iron in 
solution in a cell 1 cm thick. 

This colorimetric test is a very 


Griffing and Mellon, Anal, Cheni.^ 19, 1018 (1947). 
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sensitive method for testing for ferrous iron, one part per million giving 
a large change in the amount of light transmitted. 

Figure 27 gives an excellent absorption spectrum of chlorophyll from 
green leaves showing the two components, chlorophyll A and chloro¬ 
phyll B, with slightly different absorption maxima. This spectnim is 
adapted from one by Zcheile * obtained with a spectrometer provided 
with a photoelectric^ cell. 



Figures 28a and b are taken from an investigation on vitamins by 
Ewing, Vandenbelt, and Kamm.f The absorption spectrum of a vita¬ 
min obtained from biological sources and dissolved in hexane is shown 
in Fig. 28a. Several different pure organic compounds suspected of being 
the effective vitamins were then examined in the same spectrograph, 
but only the compound 2,3-dimethyl-l,4-naphthoquincme gave a spec¬ 
trum closely resembling that of the vitamin. The similarity of the spec¬ 
trum of this ccjmpound, shown in Fig. 286, to that of the vitamin was 
instrumental in showing that this compound is the vitamin Ki. Then 
biological tests proved that this deduction was correct. The curves in 
Fig. 28a and b are given as extinction coefficients E at different wave 

♦ Zcheile, J. Phys, Chem.y 88 , 95 (1934). 

t Ewing, Vandenbelt, and Kamm, J. BioL Chem.y 131, 345 (1939). 
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lengths in angstroms, using a 1 per cent solution in hexane in a cell 1 cm 
thick. The smaller absorption in Tig. 28a shows that the vitamin was 
not completely pure or that the molecular weights were different. 




Wave lengrth A 

(b) 


Fkj. 2S, Absorptioti spcctiurn (a) of vitamin Ki f)htaiiied from biological sources 
companjd with absorption spectrum {h) of 2,3-dimethyl-1,4 naphthoquinone. 


The Parachor. It has been shown that the refraction, rotation, and 
absorption of light are easily meastirable (juaiitities which are useful in 
deciding questions of molecular structure. The determination of den¬ 
sity may be used also. The molar volumes of organic liquids at their 
critical temperatures, that is, at the temperature at which the liciuid is 
indistinguishable from the corresponding gas at high pressures, as ex¬ 
plained on page 12, should offer possibilities for significant comparison. 
When the gram-molecular weights of different substances are taken, it 
is clear that the comparison involves equal numbers of molecules. It, 
has been found that the volume of atoms and groups of atoms in organic 
compounds at the boiling point can be approximated by taking the sum 
of the atomic volumes. There is some theoretical basis for this relation, 
because it is shown on page 182 that the boiling temperatures of non¬ 
polar liquids are roughly equal fractions of the critical temperatures. 
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Much more accurate results are obtained, however, if the molar 
volumes are compared not at their boiling points under atmospheric 
pressures but at temperatures at which the licpiids have the same surf acre 
tension. Sugden * developed a relationship which he based partly on 
the observation that when the surface tensions are equal some of the 
differences in specific; properticrs of different liquids tend to disappear 
and partly on a relation pointed out by McLeod that the surface ten¬ 
sions of many liquids are proportional to the fourth power of the dif- 
fc^rence between the dcmsities of the liquid and the vapor. According 
to this relation, the molar parachor P of Sugden is defined as follows, 

M , 

p = --7" no) 

D-d 

where 7 is the surface tension dc'fiiicMl on page 184, M is thc‘ molcnailar 
weight, D is the density of the liquid, and d is the density of the satu¬ 
rated vapor, all measured at the same tempc;rature. The density of 
the vapor may be neglected when the vapor pressure is low. dlie 
molar parachor P is the sum of the atomic parachors, just as the molar 
refraction is equal to the sum of the atomic; refractions, and the values 
for the atomic values are obtained in a similar manner by aveT*aging 
many differcait molar values and taking differencc;s. In the molar 
parachors the structural features i)lay a i)art so that the physical meas¬ 
urements can be usckI in h(;lping to decide (piestions of molec;ular struc¬ 
ture. A summary of the values is givcai in Table IV. 

TABLE IV 


Atomics and Structural. Parachors 


c 

4.S 

Br 

68.0 

Doubk' bond 

23.2 

H 

17.1 

I 

91.0 

Triple bond 

46.6 

0 

20.0 

N 

12.5 

5-in(^mbered ring 

8.5 

Cl 

54.3 

S 

48.2 

6-membered ring 

0.1 


C=C 

/ \ H 

Example 5. Parachlorotolueiie CIC 6 H 4 CH 3 or Cl—C C—CH has 

\ ^ H 

C—C’. 

H H 

a surface tension of 32.24 dynes per centimeter at 25°. Its density at this tem¬ 
perature is 1.065. 

* Sugden, J. Chem. Soc,y 126, 1177 (1924); Parachor and Valency,” George 
Routledge and Sons, London, 1930. 
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Negleotiiis the density of the vjipor ;it this tem{K*ruture, what is the value of 
the parachor? 

What is the value calculated from the atomic and structural parachors? 

/^uic. = 54.3 + (7 X 4.S) + (7 X 17.1) -f (3 X 23.2) + (1 X 6.1) - 283.3 


The parachor seems to give (juite accurate results in correlating 
structure with the physical properties of organic compounds.* 

Electron Diffraction.! Tlie arrangements of building units within 
cjystals hav(i boon clc\‘irly j*evealed by means of the diffraction of X 
rays, as already descrilx'd. A beam of electrons generated in a vacuum 
between two chargeal plates (as in a radio tube) has many of the i)rop- 
erticis of a Ix^am of light of very short wave length (pag(^ 590). These 
(ilectrons, when moving at liigh uniform v(docitit?s, are deflected by the 
nuclei of atoms, and the extent of the deflections permits a calculation 
of the arrangement of atoms and the distance between the atomic nuclei. 
Space models are constructed whic.h a(U‘.ount for the observed deflec¬ 
tions in a mannei* similar to that by which space models are constructed 
for interpr*eting the I.aue photographs obtained from the diffraction of 
X rays. More direct methods of interpretation are also available.$ 

The X rays are very penetrating; the electron beams at. lower volt¬ 
ages are but slightly penetrating. The X rays, then, are suitable for 
studying tlu^ structure of crystals and solids and liquids, but the elec¬ 
tron diffr’action is morcj suitable for studying gases and adsorbed gases 
and surface layers. The arrangement of atoms and ions in the crystals 
detei-niines the ciystal lattice, whereas the arrangement and distance 
of atoms in the individual mokxaik^s of a material in the gas phase give 
the molecular structure. This determination of the distance and angles 
between atoms in a mokxaile is now finding important applications in 
the calculation of chemical equilibria and reaction rates and in many 
other fields. 

In carrying out measurements on molecular stmeture the electrons 
at a very uniform voltage of 40,000 volts per cm in a vacAiuni are shot 
out of a small pinhole at a photographic plate about 10 cm away. A 
stream of vapor of the substance to be studied is passed at a low pres¬ 
sure (10~‘'’ mm) across this space. Short exposures of about a second 

* Quayle, Owen, and Est(\s, J. Am. Chem. Soc., 60, 2716 (1938); also later papers, 
t Broekway, Rev. Modem, Phys.^ 8, 231—266 (1936); Clark and Wi)ltliuis, J. Chern. 
Education^ 16, 64-74 (1938); Pirenne, ^‘The Diffraction of X-Rays and Electrons by 
Free Molecules,” Cambridge University Press, Cambridge, 1946. 
t Pauling and Brock way, J. Am. Chem. Soc.j 67, 2684 (1935). 
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each and subsequent development of the plate give rings of varying 
intensity, depending on the positions of atoms within the molecule. 
The diameters of the rings of different intensities are measured and used 
to decade which of many possible spatial arrangements of the atoms is 
the correct one. 

Figure 29 is reproducc'd from an electron-diffraction photograph of 
hexamethylbenzene prepared by Dr. A. J. Stosick at the Gates C'hemical 

Laboratory of the C'alifornia Insti¬ 
tute of Technology. 

One other example of the use of 
these dilfrac^tion patterns in molec¬ 
ular structuie may be cited. 
Ghemicad evidence shows that in 
l,2-(lichlor(3ethylc‘ne the two car¬ 
bon atoms arc^ joined by a double 
bond A\’ith one hydrogcai and cme 
chlorine atom attaclied to eac^h 
carbon. If it is assumed that all 
the atoms lie in a plane, there are 
two possiI)ilities: in the cis form 
the twc^ chlorine atoms lie on the 
same side of the carbon double 
bond; and in the trans foiin they 
lie on opposite sides. The dis¬ 
tances between the two chlorine atoms will be diffei*ent in the two forms. 
Elec^tron diffraction patterns show that in the cis isomer of dichloroethy- 
lene the distance is 3.22 A, and in the trans isomer it is 4.27 A. Models 
of these two molecules are shown in Fig. 34 on page 94, and the radii 
of some of the common elements of organic chemistry as determined by 
electron diffraction are given in Table VI on page 92. 

Dipole Moments. Nonpolar or electrically symmetrical molecules 
tend to give nearly perfect gases or ideal solutions, with properties which 
are proportional to the number of molecules present. The simple laws 
of physical chemistry involving surface tensions, heats of vaporization 
and solution, additive volumes, and other phenomena apply much 
better to the nonpolar substances than to the polar. Thus, polar or 
electrically dissymmetrical molecules form gases which are not ideal 
and liquids which are associated. 

Molecules are composed of positively and negatively charged par¬ 
ticles in such numbers that they are neutral as a whole. In polar 
molecules there is a finite distance of separation between what may be 
termed the centers of gravity of the positive and negative electricity, 
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and the polarity of a molecule becomes less as these centers of gravity 
in a molecule approach each other. When placed in an electric fitjld 
a polar molecule will tend to orient itself in such a way that the positive 
part of the molecule points toward the negative electrode and the nega¬ 
tive part points to th(^ positive electrode. The force required to orient 
the molecule will depend on the magnitude of the charges and on the 
distance between them. The dipole moment p is described as thc^ product 
of the electric (charge and the distance between the two average centers 
of positive and negative electricity. It serves as a useful quantitative 
measure of the extent to which a molecule is polar. 

Experimental measurements of this dipole moment have become 
of great importance in studying the structure of molecules, because 
they measure the electrical dissymmetry in molecailes. Thus, they 
provide information concerning tlie shape of a molecule. Moreover, 
solubility and the properties of solutions, the deviations from simple 
gas laws and ideal solutions, and iho. influence of solvents on reaction 
rates and e(iuilibrium (constants probably can be interpreted more 
(luantitatively through rneasunmciiits of dipole moments. 

The measurement of the dipole moment is complicated by the fact 
that all molecules, whether polar or nonpolar, possess the property of 
becoming polarized when placed in an electric field. Even those non¬ 
polar molecules whose electric charges are uniformly distributed, as in 
,H 2 or CXd 4 , acquire a positive charge at the i)art which is nearest the 
negative electrode and a negative charge at the part which is closest to 
the positive electrode. This induced molar polarization is sometimes 
called distortion polarization jPd, whereas the other, permanent polari¬ 
zation is called orientation polarization P^. The latter quantity is the 
more significant in physical chemistry. It can be deteiinined from 
measurements of dielectric constants in two different ways—by deter¬ 
mining the diek^ctric constant in the gaseous state at several tempera¬ 
tures, or by determining the extent to which the substance in the dis¬ 
solved state in a solution of a nonpolar solvent contributes to the dielec¬ 
tric constant of the solution. By extrapolating the measurements of 
dielectric constant to infinite dilution, a value is obtained which cor¬ 
responds to a situation in which the molecules of solute are so far apart 
that they do not induce electric charges in each other. The first method 
is more accurate and simple in theoretical treatment but less convenient 
in experimental procedure. The quantitative relations follow. 

The dielectric constant e measures the relative effect of the medium 
on the force with which two oppositely charged plates attract each 
other. The dielectric constant of a vacuum is taken as unity, but for 
Dractical purposes the dielectric constant of air is nearly unity. The 
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dielectric constant of a liquid or p;as is d(?terniined * readily by measur¬ 
ing the electric capacitance of a capacitor when (impty and when filled. 
The force attracting the two f)lates of the capacitor depends on the size 
of the plates, the distance Ix^tween the plates, the medium between 
them, and the quantity of electricity which they hold. In the same 
capacitor the size and distance of the plates are (constant, and the ratio 
of forces, that is, the dielectric constant e, is equal to the ratio of charges 
of electricity. Then, 


where Cx and C^ir refer to the electric capacitances of the capacitor 
when filled with the medium being measured and with air. 

The molar polarization P of a substance can be calculated from its 
experimentally measured dielectric constant e using a formula developed 
by C/lausius and Mosotti on the l)asis of theories erf electric ciiarges 
induced by charge plates. This formula may be taken as a definition of 
Pj thus, 

6 — I i\i 

( 12 ) 


€ — 1 

P =-X 

C + 2 


M 

d 


where M is the molecailar weight and d is the density. It may be notc'd 
that, inasmuch as e is merely a ratio without physical dimensions, the 
molar polarization has the dimensions of molar volume, M/d, 

The total molar polarizaticm is due to two effects as already explained, 
thus: 

P = Pu + P, (13) 

Debye showed how these two quantities can be separated. The 
induced polarization Pu, produc.ed by the electric fields, is unaffcM'ted 
by an increase in temperature, but the permanent or orientation ]:)o]ari- 
zation depends on temperature, bec^ause the random thermal agita- 
tion tends to break up the alignmemt of the molecules, and at the higher 
temperatures more of the permanent dipoles which wcmld tend to orient 
themselves with respect to each other are torn apart. 

It has been shown by Debye f that the permanent dipc^le moment /x 
is related to the permanent or orientation polarization P^ by the formula. 



* ^‘Experimental Physical Chemistry,” McGraw-Hill Book Co., New York, 1941, 
Chapters XllI and XXV. 

t Debye, “Polar Molecules,” Chemical Catalog Co., New York, 1929; or Dover 
Publications, Inc., New York, 
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where N is the Avogadro constant 0.02 X 10^^, and k is the Boltzmann 
constant or gas constant per molecule. The molecular gas constant is 
related to the molar gas constant by the equation, 

R 8.314 X 10^ 

/o = — =-— = 1.38 X 10 erg per degree) 

N ().02 X 10^'" 

The factor j^-irN is used in electrodynamics to convert these molecular 
(piantities into molar quantities. 

The induced {)olarization produced by the electric field is proportional 
to the polarizability or the electric moment per molecule a, induced by 
an electric Teld of unit strength. Then, 

Pd = (^TN)a (15) 

Substituting the values of Pu and just developed into equation 13 

/4 \ /4 \ / 

= + + (.«) 

In the gaseous state the molecules are so far apart that they do not 
induce electric effects in adjacent- molecules, and a as well as m may be 
considered constants. Then equation 16 gives a straight line, thus, 

P = a + h ^ (17) 

T 

where a and h are constants. 

The dielectric constants e and the densities are obtained at several 
temperatures, and the (*orrespond- 
ing total molar polarizations P are 
calculated with the help of eejua- 
tion 12 . These values of P are 
then plotted against l/T, and the 
slope h of the resulting line de¬ 
scribed by equation 17 enables one 
to calculate the dipole moment g, 
since h ~ 47 rA^g^/ 9 A:. Thus: 


-= 0.01282 X 10-^^V5 

^irN 

(18) 

These calculations are illustrated 
in Fig. 30 for the chlorine-substituted compounds of methane as meas¬ 
ured by Sanger.* It is seen that CH 4 and CCI 4 give horizontal lines 
•Sanger, Physik Z., 27, 562 (1926). 




Fig. 30. Calculat ion of dipole moments 
of gases from molar polarizations at dif¬ 
ferent temperatures. 
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when P is plotted against l/T. The slope is zero, and the dipole 
moment is zero. This is to be expected because the molecules are 
symmetrical. The sloping lines for CHCI3, CH2CI2, and CII3CI show 
that the molecules have dipole moments owing to the unsyrnmetrical 
arrangement of the negative chlorine atoms. The steeper the slope the 
greater is the dipole moment. 

According to the second method for the determination of /i, already 
mentioned, the dipole moment ^ can be determined by extrapolating 
the molar polarization P of the solutions to infinite dilution, all the 
measurements being made at constant temperature. The close relation 
which exists between dielectric constant c and refractive index n, when 
the molecules are far apart, leads to the following equation at infinite 
dilution: 

- 1 M 
Pd = - 

ip -\r 2 d 

Then, the permanent molar polarization P^ of the solute can be ob¬ 
tained from the measured molar polarization P^ at infinite dilution 
and the known refractive index of the solute, thus: 

- 1 M 

= - -X— (19) 

+ 2 d 


Once Py, has been determined, the value of g can be determined from 
equation 14 as follows: 

M = 0.01282 X 10 -‘® VTj 

Dipole moments of several typical substances are given in Table V. 
The dipole moment is always of the order of electrostatic units. 


TABLE V 
Dipole Moments 


In Electrostatic Units 


AgCl 04 

4.7 X 10 "* 

C6H5CI 

1.73 X 10-‘* 

HCl 

1.03 X 10-"* 

CellsNOs 

4.23 

CelUOH 

1.70 

IIBr 

0.79 

(CIf3)3C() 

2.8 

C2H5OH 

1.70 

HI 

0.30 

II2O 

1.84 

C6H5NII2 

1.56 

N2() 

0.14 

CH4 

0 

NH3 

1.46 

CO 

0.12 

CH3CI 

1.86 

H2S 

1.10 

CS2 

0 

CII2CI2 

1.59 

H2 

0 

C2H4 

1 0 

CHCI3 

1.15 

CI2 

0 

C2H6 

0 

CCI4 

0 

CO2 

0 

Cel-Ie 

0 
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This is to be expected, because the unitary charge of electricity is 4.8 X 
electrostatic unit (page 396), and the diameter of most molecules 
is of the order of 10~^ cm. The dipole moment is the product of the 
charge and the distance between the two charges. Dipole moments 
are sometimes expressed in Debye units, one such unit being 10*“^^ 
electrostatic unit. 


o—O—o o—O-o 

Symmetrical linear Unsymmetrical linear 

Fig. 31. Possible structures of carbon dioxide;. The symmetrical line model is the 
only one (;onsistent with the oi)served dipole moment of carbon dioxide. 



Trianfirular 


Carbon dioxide and water might have structures corresponding to a 
symmetrical linear molecule, to an unsymmetrical linear molecule, 
or to a triangle as shown in Fig. 31. The dipole moments recorded in 
Table V show that carbon dioxide has zero moment and the molecule 
must be symmetrical and linear. If it were unsymmetrical or triangu¬ 
lar there would be an unbalancing of the electric charges. On the 
other hand, water has a pronounced dipole moment and it cannot have 
the symmetrical linear structure. Measurements of band spectra 
show that it has the triangular form rather than the unsymmetrical 
linear form. 




Benzene 



JA - 0.3 



Meta dinitrobenzene Ortho dinitrobenzene 
- 3.8 >11 = 6.0 


Fig. 32. Dipole moments of the dinitrobenzenes. 


To a certain extent dipole moments of groups of atoms may be 
added as vectors in molecules, but there are deviations which are im¬ 
portant aids in determining the molecular structure.* 

* Additional examples of the use of dipole moments are given by Smyth, ‘^Dielec¬ 
tric Constant and Molecular Structure,"' Chemical Catalog Co., New York, 1931; 
Sidgwick, *The Covalent Link in Chemistry,” Cornell University Press, Ithaca, 
N. Y., 1933, pages 138-198. 
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The cis and trans isomers of dichloroethylene have been discussed 
already in connection with electron diffraction. Measurements of 
dipole moments are also significant. The cis isomer with the two chlo¬ 
rines on one side of the carbon-carbon double bond has a dipole moment 
of 1.56 X whereas the more symmetrical trans isomer has a 

dipole moment of only 0.3 X 10“^®. 

The disubstituted benzenes, shown in Fig. 32, are interesting. The 
arrows indicate the vectors and show that the dipole moment increases 
progressively as the molecule becomes more unsymmetrical. 

Atomic Models. The distance between atoms may be determined 
from measurements of electron diffraction. The ^'bond angles’^ which 
valence bonds make inside the molecule may be found from measure¬ 
ments of dipole moments. These considerations apply best to the non¬ 
polar compounds or covalent molecules in which atoms are held together 
chiefly by electron pairs rather than by electrostatic attraction. 

By measuring the interatomic distances in many nonpolar com¬ 
pounds Pauling has been able to assign bond lengths or atomic radii to 
each element on the assumption that these bond lengths are additive. 
Not only is the atomic radius fixed for a given atom, but also the bond 
angles are fixed. These rules hold as long as the bonds are normal and 
the molecule is free from strain. Table VI gives the bond radii for a 
number of atomic species. 

The single bond of carbon has a bonding radius of 0.77 A, and hydro¬ 
gen has a bonding radius of 0.30 A, and so the separation for C—H is 
0.30 + 0.77 = 1.07 A. Similarly, the interatomic distance for C—C is 
0.77 + 0.77 = 1.54 A. When double bonds are present, all the adja¬ 
cent bonds lie in a single plane. Thus ethylene and benzene have 
planar structures. 

TABLE VI 
Bond Radii 
(angstroms) 


Hydrogen 

0.30 

Nitrogen (nitrate) (single) 

0.70 

Carbon (single bond) 

0.77 

Chlorine 

0.99 

Carbon (double bond) 

0.67 

Bromine 

1.14 

Carbon (triple bond) 

0.60 

Iodine 

1.33 

Oxygen (single bond) 

0.66 

Nitrogen (cyanide) 

0.55 

Oxygen (double bond) 

0.57 

Carbon (benzene) (C—C) 

0.69 

Nitrogen (amino) 

0.70 

Carbon (benzene) (C—H) 

0.77 

Nitrogen (nitrate) (double) 

0.65 




These bond radii and bond angles are represented in Fig. 33. Models 
are available * in which nearly 1 cm represents 1 A, and the faces of 

* Fisher-Hirschfelder atomic models. 
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the atoms are cut so as to give the correct bond angles. Models of 
molecAiles may then be built up which represent the actual relations 
on a large scale, and certain deductions can be drawn from these models. 
Models are shown in Fig. 33 for hydrocyanic acid, ethanol, and benzene. 



o o O 

-Cl -Br -1 



Fig. 33. Atomic and moU'cular rnodcds giving comud interatomic distances and 

angles. 


In Fig. 34 the cis and trans forms of dichlorocthylcne are shown, and 
the reasons for the difference in dipole moments is readily apparent. 

Hexane, wliich is shown also in Fig. 34, has a long snakelike structure 
which can move around in various positions, but the probabilities of 
free motions of the cyclohexane shown just below it are greatly reduced. 
This reduction of the probable motions leads to a decrease in entropy, 
which is discussed on page 144. 

Whenever the interatomic distance is not equal to the sum of the 
bond radii, it may be concluded that there is something abnormal, 
such as a strained position or the existence of more than one molecular 
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structure, brought about by rapid oscillation of the electrons between 
different positions, as described on page 38. Conjugated double bonds 




Dichloroethylene 


Trans 




Fig. 34. Typical molecular models. 


are good examples of such resonating structures. Butadiene, for exam¬ 
ple, has the structure, 

—c=c—c=-c— 

and illustrates this type of resonance. It is found that in butadiene 
the carbon-carbon distances are not exactly equal to the sum of the 
normal bond radii. When resonance occurs, the compounds are more 
stable than would otherwise be expected, and they have abnormally 
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low heats of reaction; that is, an extra amount of energy is required to 
pull the atoms apart when new compounds are formed. 

Summary of Experimental Methods. We have seen that there are 
several different ways in which we can obtain information regarding 
the arrangements of atoms within a molecule. It is possible to choose 
between different structural features by finding the proper atomic 
properties which will add up to give the experimentally determined 
molar property. Molar volumes based on density, parachors involving 
surface tension, and molar refractions calculated from the refraction of 
light are examples which have been discussed. 

Optical rotation is useful sometimes in showing that the molecule 
contains an asymmetric carbon atom. Determination of the dipole mo¬ 
ment gives information concerning the shape of the molecules and the 
bond angles, whereas the determination of the magnetic moment per¬ 
mits conclusions regarding the type of electron binding. 

Electron diffraction and X-ray patterns give information from which 
the atomic spacings can be determined through construction of models 
which will reproduce the observed effects. 

It is shown later that calorimetric measurements of the heats of reac¬ 
tion of a series of compounds sometimes bring out abnormalities which 
can be explained on the basis of special features in the molecular 
structure. 

Finally, the infomiation obtained from absorption-band spectra, in 
the visible, ultraviolet, and infrared, and the Raman spectra, as dis¬ 
cussed in Chapters XIX and XX enables one to calculate vibration 
frequencies and force constants of the atoms within the molecule. 
These aspects of the molecular structure are important in determining 
thermodynamic quantities. 
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PROBLEMS 

1 . Calculate the molar refraction of diethyl ether, (C 2 H 6 ) 20 . The refractive 
index, no at 17.1° is 1.35424, and the density at 17.1° is 0.7183 g per milliliter. 
Compare this value with the sum of the atomic refractions. 

Ans. (a) 22.43. (b) 22.32. 

2 . Geraniol has the formula CioHigO, and its chemical behavior is such as to 

warrant the conclusion that it is a primary alcohol. The value of rijy is 1.4745 from 
which the molecular refraction is calculated to be 48.71. What conclusions can you 
draw regarding the structure of this compound? Ans. Two double bonds. 

3. The spticific rotation «£> of a solution of d-ethoxysuccinic acid in water is 

33.02 at 17° C. Calculate the concentration of this compound in grams pt'r liter in a 
solution which has a rotation of 2 . 02 ° when measured in a polarimeter at 17° C in 
which the container of the solution is 20 cm long. Ans. 30.6 g per liter, 

4. Using Beer’s law and Lambert’s law, derive the formula for the use of the 

da 

colorimeter, Cx = — c^, where c and d stand for the concentrations and depths, s 
dx 

refers to the standard solution, and x refers to the unknown solution. 

II 11 

C=C 

5. Chlorobenzene C 6 H 5 CI or Cl—C;^ ^CH has a surface tension of 33.19 

x::—c^ 

H H 

dynes fxjr centimeter at 25°. Its density at this temperature is 1.10(). 

(а) If the density of the vapor at this t^^mptirature is neglected, w hat is the value 
of the parachor? 

(б) What is the value calculated from the atomic and structural j)arachors? 

A71S. (a) 244.1. (5) 244.3. 

6. The dielectric constants and densities of germanium tetrachloride at various 

t/emperatures are tabulated. Calculate the molar polarizations at these temfX)ratures, 
and determine the dipole momc^nt. Ans. Zero. 

t° 0 20 30 40 50 

€ 2.491 2.443 2,417 2.395 2.370 

d 1.9226 1.8762 1.8533 1.8296 1.8063 

7. By extrapolation the molar polarization of pyridine oxide, CsHsNO, in an 
infinitely dilute solution in dioxane is found to be 411 at 25°. The molar refraction 
of CsIIsNO is 28 and this is approximately equal to Pd- Calculate the dipole moment. 

Ans. 4.33 X 10“'®. 

8. Calculate from the atomic refractions the refractive index of allyl acetate, 
np, at 20°. The density of allyl acetate at 20° is 0.9276. The formula is 
CH8C00CH2CH===CH2. The experimental value is 1.4045. 

9. A solution of i-mandelic acid in water containing 1.56 g in 100 ml rotated 
polarized light 4.91° in a polarimeter which had a cell 20 cm long. The D line of 
sodium was used as a light source. Calculate the specific rotation. 

10 . At 35° the surface tension of butyl laurate (C 11 H 23 COOC 4 H 9 ) is 27.47 dynes 
per centimeter. The density is 0.8490. Calculate the parachor of the compound, 
assuming that the density of the vapor is negligible, and compare it with the value 
calculated from the atomic parachors. 
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11. Calculate what concentration of bromine in a layer 5 cm thick will be neces¬ 
sary to absorb 50 per cent of the blue light passing through it. 

12. (a) With the help of Fig. 26, plot the logarithm of the per cent of light trans¬ 
mitted at 5400 A against the concentration of iron expressed in parts per million. 

(b) Green light of 5400 A is passed through a solution containing a trace of iron 
to which dioxime has been added. One centimeter of the resulting colored solution 
ai)sorbs 50 p(;r cent incident light. What was the conc(;ntration of iron expressed in 
parts p(T million? 

13. The following data for a sample of linseed oil at 25° were found experimentally: 
Refractive index — 1.4702; density == 0.9260; molecular weight M = 783 
(polymerized); dielectric constant e = 2.349 (^xtrapolatc'd to infinite dilution in 
benzene. Calculate the dipole moment- of the linseed oil at 25°. 

14. The molar polarization of silicobromoform SiHBrs is 46 at 25°. The induced 
electrical moment a may be takim as 1.308 X 10“^^. Calculate the dipole moment 
of this molecule. 

15. The refractive index of n-heptyl fluoride CH 3 (CIl 2 ) 6 CH 2 F is 1.3861 at 20°, 
and the density is 0.804. 

What is the refractive ind(‘x of fluorotrichlorometham^ CCI 3 F at 20° if the density 
is 1.494? 

16. A preparation of /-proline when dissolved in water gave a concentration of 
23 g per liUir at 20° and rotated polarized light from the D line of sodium through 
-“3.05°, as measured with a polarimeter in a cell 20 cm long. The specific rotation 
at 20° of pun; /-prolim; is —84.9°. What conclusions can be drawn as to the purity 
of the product if it is assumed that any impurities are optically inactive? 

17. Ethylene dibromide Cn 2 Br—CH 2 Br at 25° has a density of 2.170 and a surface 
tension of 38.2. Calculate the parachor, and compare it with the sum of the atomic 
parachors. 

18. At 30°, the density of boron tricthyl B(C 2 H 6)3 is 0.6774, and its surface tension 
is 19.84 dynes per centimeter. Using the atomic parachors of carbon and hydrogen, 
calculate the atomic parachor of boron. 

19. In order to test the validity of Beer’s law in the determination of vitamin A, 
solutions of known concent rat ion were prepared and treated by a standard procedure 
with antimony trichloride in chloroform to produce a blue color. The per cent trans¬ 
mission of the incident filtered light for each concentration in a given cell is as follows: 

Cone. 

(micrograms per milliliter) Per Cent Transmission 

1.0 66.8 

2.0 44.7 

3.0 29.2 

4.0 19.9 

5.0 13.3 

Plot these data so as to give a straight line. A solution, when treated in the standard 
manner with antimony chloride, transmitted 35 per cent of the incident light in the 
same cell. What was the concentration of vitamin A in the solution? 

20. A certain solution of a blue dye absorbs 25 per cent of the red light in a thick¬ 
ness of 1 cm. 

(а) How much of the light will be absorbed by 2 cm of solution? 

(б) How much will be absorbed by 10 cm of solution? 

(c) What depth of solution will be required to absorb only 10 per cent of the light? 
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21. The molar polarization P of ammonia varies with temperature as follows: 

tCQ 19.1 35.9 59.9 113.9 139.9 172.9 

P(ml) 57.57 55.01 51.22 44.99 42.51 39.59 

(a) Plot P against 1/T, and determine the dipole moment of ammonia. 

(h) If the density of ammonia gas at 59.9° and 1 atm is 0.632 g per liter (0.000632 g 
per milliliter), what is the dielectric constant of ammonia under these conditions? 


22. In synthesizing ethyl (/-ethyl proixmyl) allylcyanoacetate, 

C2H5 

CH3CH=(!!k .CN 
CH 2 =CH—CHj/ \COOC2Il6 

none of whose physical constants were known, a product w^as obtained having a re¬ 
fractive index of 1,4617 and a density of 0.9704 at 25°. What conclusions can 
be drawn as to the purity of the compound? 

23. Nicotine is examined in a tube 10 cm long, at 25° with the sodium D line*. 
[a]*D = —162°; ^25 = 1.009. Calculate the percentage of error in th(5 value of [a] 
caused by (a) an error of 0.1° in the angle, (b) an error of 0.1 mm in tul)e length, and 
(c) an error of 0.01 in density. 
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HEAT, WORK, AND HEAT CAPACITY 

Thermodynamics. The quantitative relations between heat and 
other forms of energy are studied in the science of thermodynamics. 
They are important because all other forms of energy tend to change into 
heat, and the quantitative measure of this tendency is useful in predict¬ 
ing physical-chemical behavior. 

Thermodynamics has been used in physics for a century, and it has 
found extensive applications in engineering; but its practical application 
in chemistry is a considerably later development. The present chap¬ 
ter provides an introduction to the simple concepts of heat and work. 
It is followed by a chapter on heat measurements in chemical reactions 
and then by a chapter on the more abstract concepts of thermodynamics. 
Throughout the study of solutions and chemical equilibria, these con¬ 
cepts will be applied to correlate and explain the observed facts. More 
detailed studies of solutions of electrolytes are given in Chapter XVII. 

Forms of Energy. Energy can be made to do work. A force of 1 dyne 
is that force which gives to a mass of 1 g an acceleration of 1 cm per 
second per second. The unit of energy is the erg, which is the energy 
produced by a force of 1 dyne acting through a distance of 1 cm. A 
larger unit, the joule, which is equal to 10^ ergs, is a more convenient 
unit. 

Energy may be stored in a given system by virtue of position, as, for 
example, a stone above the earth^s surface, or a spring under compres¬ 
sion; or by virtue of chemical properties due to the arrangement of atoms 
and electrons within a molecule. Energy may also exist in other forms, 
such as the kinetic energy of a moving ball or molecule. 

This energy may be released, under the proper conditions, to do work: 
to push a piston in an engine cylinder or to send a current of electricity 
through the windings of an electric motor. The energy may be con¬ 
verted into heat, thus raising the temperature of the system itself or of 
the surroundings. Energy, work, and heat are all expressed in the same 
units: calories, joules, or ergs. 

Although symbols are employed to represent the total energy stored 
in a system, it should be borne in mind that usually it is not necessary to 
know this energy in absolute terms. 
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HEAT, WORK, AND HEAT CAPACITY 


Generally, we are concerned only with the change in energy which 
takes place during the operation which we are studying. For example, 
in the burning of coal we are interested in the energy released by changing 
the carbon and oxygen into carbon dioxide, and we are not often con¬ 
cerned with the energy that may still reside in carbon dioxide by virtue 
of its temperature above absolute zero, or by virtue of the arrangement 
of the atoms and electrons within the molecule, or by the stability of the 
nuclei of the atoms. Again, we calculate that the energy required to lift 
a kilogram weight through 10 centimeters against the force of gravity * is 

1000 g X 980.7 cm/sec^ X 10 cm = 9.807 million ergs 

and that after the lifting operation, the weight possesses 9.807 million 
ergs of energy more than it had before. We are not concerned with the 
energy which the weight possesses by virtue of its distance from the 
center of the earth. 

When the weight just referred to falls back to its original level, the 
potential energy of position is converted into kinetic energy of motion, 
and, when it is stopped by collision with the ground, this kinetic energy 
is converted into heat energy. 

Energy may be expressed as the product of two factors—an intensity 
factor and a capacity factor. Examples are given in Table I. 


TABLE I 

Intensity and Capacity Factors of Energy Involved in Various Processes 


Energy 

1 ntensit y 

Capacity 

Mechanical (erg.s) 

Force (dynes) 

Change in distance (cm) 

Surface (ergs) 

Surface tension (dym;s [)er 
cm) 

Change in area (aq cm) 

Volume expansion (ergs) 

Pressure (dynes per aq cm) 

Change in volume (cm®) 

Heat (calories) 

Difference in tempc?rature 
(degrees) 

Heat capacity (calories per 
degree) 

Electric (joules) 

Difference in poUmtial 
(volts) 

Coulombs (ampere.s X 
seconds) 


It is evident that the different energies may be compared but that no 
relation exists between the intensity factors alone or between the ca¬ 
pacity factors alone. For example, electric energy may be converted 

• The force of gravity varies somewhat with latitude and distance above sea level 
and composition and density of the earth^s crust but the value 980.7 dynes is used for 
the calculations of this book. 
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quantitatively into heat energy, but the rise in temperature cannot be 
calculated from the voltage unless the number of coulombs and the heat 
capacity of the system are known. It is clear also that the same quantity 
of work may be accomplished by a small quantity of water passing 
through a turbine from a great height as from a large quantity of water 
falling through a short distance. 

The First Law of Thermodynamics. According to the first law of 
thermodynamics, the sum of all the energies in an isolated system is con¬ 
stant. In other words, energy may be transformed from one form into 
another, but it cannot be created or destroyed. This law was formu¬ 
lated in 1842 by Mayer following the experiments of Joule and Helm¬ 
holtz on the transformation of heat into work. Many exact experiments 
have since shown that mechanical or electrical work can be transformed 
completely into heat. In some of these experiments a measured amount 
of work was used in stirring a liquid while the rise in temperature was 
measured, and in others a known quantity of electricity was passed 
through a heating coil of known resistance immersed in a liquid contain¬ 
ing a thermometer. 

Heat is expressed in ergs or joules or, more commonly, in calories. 
The 15^^ calorie (that is, the heat required to raise one gram of water from 
14,5° to 15.5°) is equivalent to 4.1855 absolute joules. For several 
years American physical chemists have defined the “calorie^’ arbitrarily 
as equal to 4.1833 international joules, a value which is now accepted as 
4.1840 absolute joules.* This definition of the calorie is used through¬ 
out this book. A table of physical-chemical constants and their best 
values is given on page 699. 

Our confidence in the first law of thermodynamics rests largely on the 
fact that no exceptions to it have yet been found. At first sight one 
might think that the energy expended in lifting a piece of iron is de¬ 
stroyed if the iron is dissolved in sulfuric acid, but the iron in the re¬ 
sulting ferrous sulfate is at a higher level and possesses potential energy 
equal to the energy expended in the lifting. If energy is expended in 
coiling a steel spring and the spring is dissolved in acid, the energy ap¬ 
pears to be lost; but more heat is evolved by a coiled spring than by an 
uncoiled spring. The energy is immediately distributed throughout all 
the molecules of the solution. The difference is so small, however, that 
it has not been detected by present calorimetric methods. 

Even the new developments in nuclear reactions do not contradict 

* The United States Bureau of Standards, effective Jan. 1, 1948, has adopted the 
value 1 international joule == 1.000165 absolute joules, in agreement with many coun¬ 
tries of the world as recommended by the International Committee on Weights and 
Measures. Circ. Nail. Bur. Standards C 459. 
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the first law; for, according to the theory of relativity, energy possesses 
mass, and the large evolution of energy produced by reactions between 
atomic nuclei in transmutation experiments (page 655) is offset by the 
actual decrease in mass. Einstein showed that 

1 g = 9 X 10^^ ergs (1) 

The proportionality factor 9 X 10^® is the square of the velocity of light 
expressed in centimeters per second. It is evident that the law of the 
conservation of energy and the law of the conservation of mass are es¬ 
sentially the same and that no violation of thermodynamics occurs when 
matter is converted into energy, or energy into matter. Howxwer, nu¬ 
clear transformations and changes in total mass are not involved in 
ordinary chemical and physical phenomena, and their discussion is re¬ 
served for Chapter XXI. Equation 1 is of no importance in most physi¬ 
cal-chemical phenomena. 

A change in the energy of a system will be brought about if the system 
gives or receives work, or if it absorbs or evolves heat. The work is 
designated by w. A positive sign indicates that the work is done by the 
system on its surroundings and a negative sign shows that the system 
is having work done on it, as, for example, w^hen a gas is compressed by 
the applications of external pressure. The heat exchange is designated 
by g; for heat absorbed by the system and ~q for heat evolved. 

In chemical thermodynamics we are not ordinarily interested in the 
energy which a system has by virtue of its distance from the center of 
the earth or by virtue of any movement of the system through space. 
We are interested in the internal energy E, of which chemical energy is an 
important manifestation. It includes many complicated factors such as 
molecular, atomic, and electronic motions. 

The symbol A always indicates a change, and in physical chemistry it 
refers to the difference between the values of a property in the initial and 
the final states. For example, if Ei represents the internal energy in the 
initial state and E 2 the internal energy in the final state, in the reaction. 


Then 


statei —» state 2 

AE = E2 — E\ 


The initial state 1 is taken as the state which happens to be written 
down at the left of a chemical equation, and the final state 2 is designated 
as the state written at the right. This convention applies to any chemical 
or physical change. 

Since energy can be neither created nor destroyed, it follows that the 
internal energy of the final state must be equal to the internal energy of 
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the initial state plus the energy added in the form of heat or any kind of 
work. Then, 

E 2 El + {q — w) 
or 

E 2 El = AE = q — w (2) 

This equation may be regarded as a mathematical formulation of the 
first law of thermodynamics. 

It is important to realize that Ei and E 2 are thermodynamic quanti¬ 
ties, which are characteristic of the system as fixed. AE is the same, 
irrespective of the path followed in going from state 1 to state 2. The 
(quantities q and Wj however, can vary greatly with the experimental 
conditions. 

If there is no change of internal energy, as in the isothermal expansion 
of an ideal gas, the work done must be exactly equal to the heat ab¬ 
sorbed. Again, if there is a chemical reaction and the internal energy of 
the system decreases, that is, E 2 is less than Ei, the released energy may 
appear as heat evolved and work done. Nothing is stated regarding the 
relative amounts of heat and work, but the two taken together (q — w) 
must be ecqual to the change in internal energy. Under special conditions 
it is possible to have either q or w; or both equal to zero. 

For infinitesimal changes, equation 2 is written 

dE ^ dq — dw (3) 


but there is an important reservation which must be made regarding the 
use of dq and dw. Changes in internal energy E^ like changes in pressure 
or volume, depend only on the initial and final state and are independent 
of the intermediate stages. Mathematically they may be classed as per¬ 
fect differentials, and 


pE2 

I ^ 

JEi 


dE == £'2 — El == AE 


On the other hand, q and w do not represent differences between initial 
and final states. They refer to processes rather than states, and their 
values depend on the manner in which the change is carried out. The 
terms dg and dw are not perfect differentials, and their integrals should 
not be written as the differences between initial and final values (for 
example, as g 2 ^ 1 )) but simply as g or it?. 

Reversible Processes. Vaporization of a Liquid, When a gas in¬ 
creases in volume, it pushes back the surrounding atmosphere and does 
work. Imagine that a liquid is placed in a cylinder provided with a 
weightless frictionless piston and that it is set into a large reservoir at 
the boiling point of the liquid. The fact that no machine can be built 
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with a weightless frictionless piston in no way affects the conclusions 
drawn from this idealized process. The vapor pressure of the liquid at 
this temperature is exactly equal to the atmospheric pressure, and the 
whole system is in a state of equilibrium. If now the temperature of the 
reservoir is raised by an infinitesimal amount, the vapor pressure of the 
liquid will be slightly greater, and the piston will be pushed back against 
the atmospheric pressure. As more liquid evaporates, the volume in¬ 
creases, and the pressure in the cylinder is thus maintained constant; 
heat flows in from the reservoir to maintain the temperature constant 
and offset the cooling caused by vaporization. 

The work done is the product of the resisting pressure and the increase 
in volume. The increase in volume is the distance through whicli the 
piston is driven out multiplied by the cross-sectional area of the piston. 
If the liquid in the cylinder is water, the temperature will be 100°, and, 
when 1 mole has been evaporated, the increase in volume (^an be cal¬ 
culated on the assumption that the vapor behaves as an ideal gas and 
that the volume of the liquid (0.018 liter) is negligible: 

w == p AV = 1 X (22.41 X 373.1/273.1) = 30.C liter-atm 

Since it is assumed that the ideal-gas laws are obeyed, RT may be sub¬ 
stituted for p AV. Then, 

w = RT — 0.08205 X 373.1 = 30.0 liter-atm 
or 

== RT = 1.987 X 373.1 = 741.3 cal 

The work done in this process depends only on the temperature and 
is independent of the cross section of the piston or the pressure or volume. 
In very exact work it is not legitimate to consider a vapor at its boiling 
point as a perfect gas, and then the volume change must be measured 
experimentally or calculated with more exact equations of state. 

The energy consumed in doing this external pressure-volume work 
comes from heat absorbed from the reservoir by the evaporating liquid. 
A great deal more energy is absorbed, however, in separating the mole¬ 
cules from their neighboring molecules in the liquid. To vaporize a 
gram of water at 373,1° K and atmospheric pressure, 539 cal is required. 
This corresponds to 18.02 X 539 or 9713 cal per mole. Then, under 
these conditions of constant pressure the total heat absorbed is equal to 
the sum of the two quantities as given by equation 4. 

q = AE + w — AE p Av (4) 

Since g = 9713 and p AV = 741, the change in internal energy AE 
must be 8972 cal. 
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This process of absorbing heat and doing external work is reversible 
in the example just given, because at any time the vaporization can be 
stopped by decreasing the temperature by an infinitesimal amount or by 
increasing the pressure slightly, thus making internal and external pres¬ 
sures exactly equal. Increasing the pressure still further by an infini¬ 
tesimal amount causes the vapor to condense and give back the heat of 
vaporization to the reservoir. A reversible process, then, is defined as one 
which may be reversed at will by making infinitesimal changes. 

After a mole of water has been evaporated by decreasing the pressure, 
it can be condensed again by increasing the pressure, and thus the whole 
system may be restored to its original condition. Such a process, which 
involves a series of changes and restores the system to its original con¬ 
dition, is called a cycle. A reversible cycle is one which is carried out by 
applying infinitesimal changes under conditions such that the system is 
at all times practically in a state of equilibrium. 

Maximtim Work by Isothermal Expansion. The maximum work 
which can be done by the isothermal expansion of a perfect gas is an im¬ 
portant quantity in theoretical chemistry. Imagine a gas enclosed in a 
cylinder fitted with a frictionless and weightless piston and placed in a 
thermostat at the temperature T. The external pressure on the piston 
is decreased by a small amount, Ap, and the gas expands by an amount 
Av. In this expansion the pressure of the gas in the cylinder decreases 
until it becomes equal to the external pressure, and then the piston 
ceases to rise. This process differs from the one described previously on 
page 103 where the gas was in contact with liquid at its boiling point so 
that the pressure in the cylinder was maintained constant. A second de¬ 
crease in pressure produces a second expansion Av, and, as the pressure 
is decreased in successive amounts, the volume undergoes a series of ex¬ 
pansions. In each little expansion the work done is the external pres¬ 
sure multiplied by and the total work done in expanding from the 
initial volume Vi to the Ji7ial volume i >2 is equal to the sum of the work 
done in each expansion. 

The maximum work is obtained when the Av^s are made infinitesimally 
small, and under these conditions the exact value is readily obtained by 
integral calculus,* thus: 

^^inax. ~ 

Only if the work done is maximum work, can sufficient energy be 
stored to reverse the process, compressing the gas and restoring the 

* The significance of this equation may be found in Daniels, “Mathematical 
Preparation for Physical Chemistry,^' McGraw-Hill Book Co., New York, 1928, 
pages 162-164. 
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original conditions. Under the conditions of maximum work the in¬ 
ternal pressure can be substituted for the external or resisting pressure, 
because the two can never differ by more than an infinitesimal amount 
dp, and the system is then always practically in a state of equilibrium; 
that is, it is a reversible process. 

If 1 mole of a perfect gas is taken, pV = RT, or p = RT/Vy and 

j ^V2 RT 

____ ^]/ 

Vi V 

Since R and T a^-e constants, integration gives 

J -r. Y 

dV = RT In - ~ = 72T2.303 log — (6)* 

Vi Vi 

The maximum work done by a gas in expansion is equal to the min¬ 
imum work required to compress the gas, and the calculation is made by 
simply interchanging the limits of integration and using the smaller 
volume for the upper limit. In integrations, the upper limit always re¬ 
fers to the final state and the lower limit refers to the initial state. The 
signs then take care of themselves. The negative value obtained for 
in compression means that work is done on the gas. 

Example 1. What is the maximum work wiiich can be obtained by the 
isothermal expansion of 1 mole of an ideal gas at 0° from 2.24 liters to 22.4 liters? 

= 2.303RT log ^ = 2.303 X 1.987 X 273.1 X log 10 = 1250 cal 

Then 1250 cal is also the minimum amount of work required to compress the 
gas from 22.4 to 2.24 liters at 0°. 

The maximum work for 1 mole of gas may be calculated in terms of 
pressures instead of volumes since piVi = P 2^2 and V 2 IV 1 = Pi/P 2 * 
Then, 

V) 7>9 

=RTln—= -RT2,303log — 

P2 Pi 

Absorption of Heat. In many problems the only work done is pres¬ 
sure-volume work, that is, dw = p dv. In the special case where there 
is no volume change, dv is zero and w is therefore zero. Then for proc- 

* The more general equation for n moles of perfect gas is Wm&x. *■ nRT2.203 
log V 2 /V 1 . The capital V is used for 1 mole. 




ABSORPTION OF HEAT 107 

esses in which the volume is kept constant and no electric or other work 
is done, equation 2 can be written 

+ 0 = (7) 

In other words, the heat of a process, measured under conditiorcs of constant 
volume, is equal to the change in internal energy. According to this equa¬ 
tion, if no outside work is done, the heat evolved, —qv, is equal to the de¬ 
crease in the internal or chemical energy. 

Constant-pressure processes are generally more common in chemistry 
than the constant-volume processes, because most operations are car¬ 
ried out in open vessels. It is convenient then to use another quantity 
which involves pressure and volume. 

EnthaVpy or heat content f is such a quantity. It is defined by the 
equation: 

H ^ E + pv (8) 

Changes in enthalpy rather than absolute values are important in chem¬ 
istry and 

AH = AE 4- A{pv) (9) 

The change in enthalpy can be visualized readily under the special con¬ 
dition of constant pressure as equal to the increase in internal energy 
plus the pressure-volume work of expansion or compression. 

AH = AE + p Av (at constant pressure) (10) 

Under this condition of constant pressure equation 4 applies and 

qp = AE + p Av 

Substituting the equivalent of AH in equation 10 gives 

qp = A// (11) 

In other words, the heat absorbed in a process at constant pressure is equal 
to the increase in enthalpy. 

Example 2. One mole of magnesium is dissolved in an excess of hydrochloric 
acid at 25° in (a) an open beaker and (6) a closed bomb. The heat of the 

* A subscript below a quantity indicates that the property indicated by the sub¬ 
script is kept constant; thus, qv shows that the process is restricted to constant volume. 

t The term heat content was used by Lewis and Randall and has been adopted 
in previous editions of this book. However, the term enthalpy (accented on the 
second syllable) is widely used by physicists and engineers, and it is gaining in usage 
among physical chemists so that for the sake of uniformity it seems best in this 
edition to call the quantity E po enthalpy, rather than heat content. 
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reaction, at constant pressure, qp, is —110,130 cal. What is the heat of reaction 
at constant volume, gv? 

Mg -f- 2HC1 (in water solution) = MgCl 2 (in water solution) -f H 2 
qp = qv + V — q^ + An RT 

where An = the increase in tlie number of moles of gas = +1. Then 
q, = -110,130 - 1 X 1.987 X 208.1 = -110,722 cal 

At constant pressure the evolution of heat is less than the heat of reaction at 
constant volume by the amount of energy required to do the external work, of 
pushing out one mole of hydrogen gas against the atmospheric pressure, namely, 
592 cal. It is to be noted that the final state is not the same in the two reac¬ 
tions, the hydrogen occupying a larger volume in the first. It is assumed that 
the internal energy of the products is practically independent of pressure, as 
shown in a later section, and that hydrogen behaves as an ideal gas. 

Example 3. Show that the work done by the liberation of a mole of an ideal 
gas in a reaction at constant pressure and temperature is independent of the 
pressure of the gas and independent of the cross section of the vessel in which 
it is liberated. The work done is given by the relation, 

tc = p AF 

If the pressure is reduced to half an atmosphere, the volume will be twice as 
large, and the product Ip X 2AV will be the same. Likewise, if the cross sec¬ 
tion of the cylinder and piston is doubled, the displacement of the piston for a 
given evolution of gas will be halved, and AF will remain unchanged. 

Heat Capacity. Heat can be absorbed not only by physical and 
chemical changes but also by simply raising the temperature. Heat ca¬ 
pacity c is defined as the heat absorbed divided by the increase in tem¬ 
perature, when the increase is small. Wlien the absorption of heat is 
carried out under a condition of constant volume, the heat capacity is 
given by the expression, 

qp E2 - El 

^—- =- ( 12 ) 

T2 - Ti T2 - Ti 

For small temperature differences, 



* The partial differential d (appendix, page 696) indicates that E is the only 
variable which changes with the temperature. 
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In a similar manner, the heat capacity at constant pressure is defined 
by the equations: 

qp H2 — Hi 


avg. 


and 


Ti 

^dl 

KdTj 


Ti 


(14) 

(15) 


The heat capacity at constant volume includes only the heat ab¬ 
sorbed in increasing the internal energy, but the heat capacity at con¬ 
stant pressure Cp is larger because it includes in addition the work done 
in expansion against the surroundings. 

Any two of the three variables, temperature, pressure, and volume, 
suffice to define the condition of a substance if £ is a function only of 
T, p, and v. The change in the internal energy of a mole of gas may, 
therefore, be expressed by the fundamental equation of partial differ¬ 
entiation, 

/dE\ /dE\ 

= { — ) dT + l — ] dv (16) 

\dTK \dv T 


where temperature and volume are the variables chosen. The deriva¬ 
tive {dE/dT)v represents the heat absorbed per degree by the gas at 
constant volume and, therefore, according to equation 13, it may be re¬ 
placed by Cp, Equation 16 now assumes the form; 


dE == CpdT + 



But since dE — dq — div, 


/dE\ 

dq = Cp dT + { — ] dv dw 
\dv It 


(17) 


The work done when the volume of a mole of gas, liquid, or solid in¬ 
creases by an amount dv at pressure p is p dv. Hence, 

{dE\ 

dqp = Cp dT + I — ) dv pdv 
\ dv /T 

This equation means in words that the heat absorbed when a sub¬ 
stance is heated sUghtly at constant pressure is equal to the sum of three 
quantities: (1) the temperature increase multiplied by the heat capacity 
at constant volume; (2) the volume increase multiplied by the rate at 
which the internal energy increases with volume, all other factors being 
held constant; (3) the work done in expansion. 
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Internal Energy of Gases. When an ideal gas expands into a vacuum 
in a closed system, there is no absorption or evolution of heat from the 
system as a whole. Since no external work is involved and since in an 
ideal gas there is no attraction between the molecules, there is no change 
in energy when the molecules become further separated. The situation 
may be understood by reference to Fig. 36. 

Vessel Aj provided with a thermometer, is filled with an ideal gas at 
pressure and vessel B of equal size is evacuated. When the stop- 



Fig. 35. Experiment on the internal energy of a gas. 


cock is opened, gas rushes from A into B, and the temperature in A falls 
because the molecules are doing work in expanding into B against the 
pressure of the molecules which have previously entered from A. The 
temperature in B rises, as indicated on the thermometer, because the 
entering gas is being compressed. When equilibrium is reached and the 
pressure is the same in both vessels, the decrease in temperature in A is 
found to be exactly equal to the increase in temperature in B^ and the 
temperature of the surrounding bath remains unchanged, as indicated 
by the third thermometer. The volume of the system A B is the same 
at the beginning and the end of the experiment, and so no external work 
is done against the surroundings. 

Since ^ = 0 and w = 0, it follows, from equation 2, that AE must be 
zero. In other words, the internal energy of an ideal gas is independent 

of the volume, and , 

/dE\ 

ul-" C® 

This equation gives an important criterion for an ideal gas. 
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The experiment shown in Fig. 35 was actually carried out in 1807 by 
Gay-Lussac and in a modified form in 1844 by Joule. They used air 
and other gases, but their experiments were not sufficiently sensitive to 
detect the thermal changes which actually do occur in real or nonideal 
gases. 

Joule and Thomson were the first to devise an experiment which was 
able to detect the changes in internal energy which do occur when real 
gases are expanded. They applied pressure to a gas and forced it through 
a thermally insulated tube containing a porous plug of packed cotton and 
found that the temperature of most gases decreased after expansion 
through the porous plug but that the temperature of hydrogen increased. 
Their experiment can be understood by reference to Fig. 36, in which 
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Fig. 36, The Joule-Thomson porous plug experiment. 


two pistons operate in an insulated tube with a nonconducting porous 
plug between them. The piston at the left forces gas through the plug 
A at pressure pi, and the volume decreases by an amount Vi, while at 
the same time the gas at the right, at a lower pressure p 2 increases in 
volume by an amount V 2 . Both pressures remain constant, and the dif¬ 
ference between the two represents the pressure necessary to overcome 
the resistance of the gas to flow through the porous plug. Then, the net 
work done by the system as a whole is the work of expansion P 2 V 2 , minus 
the work done in compression, or 


^ = P2^2 - Pit^i 

Since the system is thermally insulated, q = 0 and AE = — ic. Then 


or 


E 2 — El = AE ^ PiVi — P 2 V 2 


and, by equation 8, 


E2 + P2V2 ^ El + piVi 
H2^Hi 
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It is apparent then that in the expansion carried out in this way through 
a porous plug the enthalpy or heat content remains constant. 

In this experiment, instead of the two pistons with small displace¬ 
ments, it is customary to pump through large quantities of gas and al¬ 
low it to escape at atmospheric pressure. In this way a pronounced 
change of temperature, known as the Joule-Thomson effect, occurs 
when the gas passes through the plug. The Joule-Thomson coefficient 
11 is the change in temperature produced by the change in pressure of one ^ 
atmosphere under conditions of constant enthalpy as defined by the ex¬ 
pression, 



The decrease in temperature on expansion through a porous plug is not 
due to the performance of external work but to the expansion against 
the attraction which exists between the molecules. For an ideal gas 
there is no attraction between molecules, and g = 0. 

For air at atmospheric pressure and 0°, /x has the value +0.4, indicat¬ 
ing that a decrease in pressure of 1 atm decreases the temperature 0.4°. 
For hydrogen and helium at room temperature, g has negative values, 
or, in other words, these gases become warmer when forced through a 
porous plug. At temperatures below 154° K, however, /x becomes pos¬ 
itive for hydrogen. It is evident that two factors are involved in the 
Joule-Thomson effect—an expansion against the force of attraction be¬ 
tween the molecules (corresponding to a in van der Waals^ ecpiation), 
and a work term involving the change of pv with pressure. A more exact 
treatment is given in the appendix on page 675. 

The Joule-Thomson coefficient g has been determined accurately over 
a wide range of temperatures and pressures by Roebuck * and his co¬ 
workers for several gases. It is used not only in calculations for in¬ 
dustrial processes such as the liquefaction of air but also for many ther¬ 
modynamic quantities and the constants in equations of state for gases. 
One of the most accurate determinations of the relation of the centigrade 
scale to the absolute temperature scale depends on the experimental 
evaluation of /x. 

Adiabatic Expansion of a Gas. An adiabatic process is one in which 
there is no loss or gain of heat, that is, one in which the system under in¬ 
vestigation is thermally insulated from its environment. When a mole 
of gas expands adiabatically to a larger volume and a lower pressure, 
the volume is smaller than it would be under isothermal reversible ex- 

* Roebuck, Murrell, and Miller. J. Am. Chem. Soc j 64, 400 (1942); also earlier 
contributions by Roebuck, 
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pansion to the same pressure, because in the adiabatic expansion the 
external work done cools the gas and leads to a shrinkage in volume, as 
shown in Fig. 37. 

One mole of helium at A occupying 22.4 liters under 1 atm, and 0® ex¬ 
pands isothermally to B where the volume is 44.8 liters at 0.5 atm still 
at 0®. When the mole of helium at A expands adiabatically toward C, at 



Volume in liters 

Fig. 37. Isothermal and adiabatic expansion of a gas. 


0.5 atm it occupies 33.0 liters and the temperature falls to —66®. If it 
is allowed to expand still further to 44.8 liters at C, the temperature 
drops to —101®, and the pressure becomes 0.32 atm. The work done by 
the isothermal reversible expansion of the gas, represented by the area 
under AB^ is larger than the work done by the adiabatic expansion, 
represented by the area under AC, indicating that the heat absorbed 
from the surroundings in the isothermal expansion supplies energ.y for 
doing work. The energy for the adiabatic expansion comes only from 
the internal cooling of the gas itself. 

In the adiabatic expansion of a gas the temperature falls, but there is 
no exchange of heat with the surroundings, and dq == 0. Then, by the 
first law, 

dE dq -- dw = --dw = —p dv 
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With reference to equations 17 and 18, dE = dT for the adiabatic ex¬ 
pansion of 1 mole of an ideal gas, and, therefore, 

C^dT = -vdV 

Since for 1 mole of an ideal gas, p = RT/V, it follows that 


and 


C^dT 





If Vi is the volume of the gas at the initial temperature Ti, and V 2 is 
the volume at the final temperature 7^2, and if is constant, integra¬ 
tion between limits gives 

T V 

In — = -R In — (20) 

Ti Vi 

According to this equation, when 1 mole of an ideal gas having a heat 
capacity Cv expands reversibly and adiabatically, V 2 is greater than 
Fi, and, accordingly, T 2 must be less than Ti. In other words, the gas 
cools. It is evident also that adiabatic compression of the gas produces 
an increase in temperature. In solving problems it is necessary, of 
course, to express and R in the same units. 


Example 4. If a gas is compressed so rapidly that there is no opportunity to 
transfer heat to the container, the operation will be adiabatic. Calculate the 
temperature increase of a mole of helium which is compressed adiabatically 
from 44.8 liters at 0° to 22.4 liters. The molar heat capacity Cv of helium is 
constant and equal to 3.00 cal per degree. 

T 22 4 

3.00 X 2.303 log 2 ^ = -1.987 X 2.303 X log 

Ti = 432.4 

AT = 432.4 - 273.1 = 169.3° 

Heat Capacity of Gases. When a monatomic gas, such as helium or 
mercnry vapor, is heated at constant volume, the heat energy supplied 
is used only to augment the translational kinetic energy of the molecules. 
Since there is no change in volume, there can be no work done against 



HEAT CAPACITY OF GASES 


115 


the atmosphere, and, since there is only one atom in the molecule, there 
can be no absorption of vibrational or rotational energy within the 
molecule. 

According to the fundamental kinetic equation given on page 27, 


or 


py = f kinetic energy (21) 

Kinetic energy = 


But, for 1 mole of an ideal gas, 


pF = /gr = 1.987T 

therefore. 

Kinetic energy of 1 mole = ^RT = 3T (approximately) (22) 

If 3 T 2 represents the kinetic energy at temperature T 2 , and 3Ti at 
temperature Ti, the difference in kinetic energy is 3(7^2 — Ti) cal. If 
now the difference in temperature is made exactly 1°, the difference in 
kinetic energy is 3 cal, and this value is the molar heat capacity at con¬ 
stant volume Cv, defined as the number of calories necessary to raise 1 
mole of the gas through 1°. For gases in which the energy can be ab¬ 
sorbed only by increasing the translational velocity, 

Cv == 3 cal per degree per mole (23) 


It has been found that monatomic gases have a molar heat capacity 
Cv of 3 cal per degree in perfect agreement with this formula. 

When a gas is heated at constant pressure, the gas expands and does 
work against the atmosphere. Heat must be introduced into the gas to 
do this work as well as to raise the temperature. This work is equal to 
p AV, If V 2 is the volume at T 2 , and Vi is the volume at Ti, and T 2 — 
Ti = 1°, then for an ideal gas, in which the internal energy is indepen¬ 
dent of the volume. 


Cp- Cv = pAV ^ p(y2 - Vi) = R{T2 -Ti)^R 

= 2 cal rnole”^ degree""^ (24) 

Since Cv = 3 for monatomic gases, and Cp == Cv + 2, it follows that 
Cp = 5, and the ratio y of the two heat capacities is 



(25) 


Again, this relation is in excellent agreement with the experimental 
data for monatomic gases. 
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For polyatomic molecules the heat energy supplied is used not only 
in increasing the kinetic energy of translation in the three directions 
but also in increasing the energ}^ of rotation and of vibration of the 
atoms within the molecule. If the extra energy absorbed is represented 
by Qj then the ratio of the two specific heats will be 


7 = 




5 + p 
3 + fif 


< 1.66 


(26) 


The ratio becomes less than 1.66 in this case, and, with increasing com¬ 
plexity of the molecule, the value of g increases and the ratio y becomes 
continuously smaller, but it cannot become less than 1. 

In Table II the heat capacities of a few gases are given, and it will be 


TABLE II 

Molar Heat Capacities of Gases 
(In cal per mok^ at 25° and at 1 atm) 


Gas 

Cp 

Cv 

Cp/Cj; — y 

Argon, A 

4.97 

2.98 

1.67 

Helium, He 

4.97 

2.98 

1.67 

Mercury, Hg 

4.97 

2.98 

1.67 

Hydrogen, H 2 

6.90 

4.91 

1.41 

Oxygen, O 2 

7.05 

5.05 

1.40 

Nitrogen, N 2 

6.94 

4.95 

1.40 

Chlorine, CI 2 

8.25 

6.14 

1.34 

Nitric oxide, NO 

7.11 

5.11 

1.39 

Carbon monoxide, CO 

6.97 

4.97 

1.40 

Hydrogen chloride, HCl 

7.05 

5.01 

1.41 

Carbon dioxide, CO 2 

8.96 

6.92 

1.29 

Nitrous oxide, N 2 O 

9.33 

7.29 

1.28 

Sulfur dioxide, SO 2 

9.4 

7.3 

1.29 

Ammonia, NH 3 

8.63 

6.57 

1.31 

Methane, CH 4 

8.60 

6.59 

1.31 

Ethane, C 2 H 6 

12.71 

10.65 

1.19 

Dimethyl ether, C 2 li 60 

15.89 

13.75 

1.16 


seen that, for monatomic gases, = 3 and y == 1.66; that, for all gases, 
Cp is^greater than Cy by about 2 cal per degree; that Cp increases and y 
decreases as the molecules increase in molecular weight and involve more 
atoms with additional opportunities for different types of vibration 
within the molecule. 
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There is nothing in equation 23 to indicate that the heat capacity of a 
monatomic gas is affected by temperature, but, in equation 26 for poly¬ 
atomic gases, it can be seen that, if g changes with temperature, both 
the heat capacities and their ratios may be influenced by a temperature 
change. In agreement with these theoretical deductions, the molar heat 
capacity Cp of monatomic gases is found to be 5 cal degree”“^ mole"”^ at 
all temperatures, but the heat capacity of polyatomic gases increases 
with increasing temperature, as shown in Fig. 38. In general, the more 
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Absolute temperature in degn^ees 

Fia. 38. Influence of temperature on heat capacity of gases. 

complex the molecule is, the greater is its molar heat capacity, the greater 
is the temperature effect, and the steeper is the slope of the line when 
plotted as in Fig. 38. The molar heat capacity Cp of helium would be 
indicated by a horizontal line at 5.0. 

The deductions concerning the relation between increasing molar heat 
capacity and molecular complexity are supported not only by the few 
examples given in Table II but also by an examination of many gases. 
One of the most striking experimental supports of these deductions is 
found in the heat capacity of hydrogen. At temperatures below 60® K 
the diatomic gas H 2 behaves as a monatomic gas and 7 is found to have 
a value of 1 . 66 , showing that the extra internal energy not only de¬ 
creases with decreasing temperatures but actually disappears. 
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A table of constants for calculating the heat capacities of the common 
gases at different temperatures is given on page 135. 

Attempts have been made to express the ^^complexity of the molecule’^ 
in more quantitative terms. A diatomic molecule with the atoms joined 
in a fixed position can absorb rotational energy by turning over on its 
axis, and it can absorb vibrational energy by oscillation of the atoms 
within the molecule. In complex molecules there can be rotations and 
different types of oscillation between different pairs or groups of 
atoms. These different ways of absorbing energy correspond to degrees 
of freedom. 

Theoretically it is possible to calculate a maximum value for the con¬ 
tribution of a degree of freedom to the molar heat capacity. Thus, it 
was shown in equation 22 that the translational energy in the three di¬ 
rections of space for a mole of gas is and, therefore, the energy in 
one direction is \RT. This one direction is actually one degree of free¬ 
dom. As a first approximation, it may be estimated that each trans¬ 
lational and each rotational degree of freedom contributes \RT to the 
internal energy or ^R to the heat capacity, but the vibrational degrees 
of freedom each contribute somewhen^ between 0 and RT to the internal 
energy or between 0 and R to the heat capacity. 

As already mentioned, all polyatomic gases decrease in heat capacity 
at lower temperatures, that of hydrogen actually falling to the value of 
a monatomic gas, but there is no satisfactory explanation on the basis 
of ordinary mechanics. This tendency for some of the degrees of freedom 
to ^‘freeze up^^ at low temperatures and the quantitative way in which 
it affects the heat capacity depend on rules which have been partly 
worked out with the help of the quantum theory and which are dis¬ 
cussed briefly on page 569. 

Heat Capacity of Solids. Studies of the specific heats of solids at 
extremely low temperatures have resulted in the formation of several 
interesting relationships between heat capacity and temperature. 
Einstein, Debye, and Nernst and Lindemann have pioneered in this 
field.* 

The degrees of freedom of internal vibration tend to freeze up at low 
temperatures not only for gases but for liquids and solids as well. The 
amplitude of the internal vibrations of atoms and groups within a crystal 
becomes very small as the absolute zero is approached. Under these con¬ 
ditions, the crystal may vibrate as a single unit and behave as a single 
large unit. 

The equation of Debye for the molar heat capacity of crystals in the 
neighborhood of the absolute zero is based on this assumption that the 

♦ Einstein, Ann. Phyaik, [4] 22, 180 (1907); Debye, ibid., [4] 89, 789 (1912). 
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crystal is a perfectly elastic body vibrating as a single unit. It is 




rpS 

465 — cal per mole 


where 465 cal per mole is a constant and ^ is a constant, having the di¬ 
mensions of temperature, which is characteristic for a particular crystal 
or class of crystals. For example, the value of d for carbon is 1860, and 
for copper it is 315. The larger the value of $, the greater is the tem¬ 
perature range above absolute zero in which the Debye formula gives 
satisfactory results. Usually the equation is not useful above 50° to 
75° K, but it is below this that experimental measurements are diffi¬ 
cult and this equation is useful. The heat capacity of most crystals ap¬ 
proaches zero at absolute zero in agreement with the formula. 

Debye’s equation does not apply at higher temperatures since the 
solid IS no longer vibrating as a single unit. The lighter the atoms and 
the greater the crystalline forces within the solid, the higher is the tem¬ 
perature required for the individual atoms to acquire appreciable in¬ 
dependent kinetic energy. 

At room temperatures most of the solid elements, except those of low 
atomic weight, have reached a temperature at which all the different 
ways of absorbing heat are utilized, and they have the limiting value of 
atomic heat capacity, as shown in Fig. 39. In 1819 Dulong and Petit 



Fig. 39. Molar heat capacity of solid elements as a function of temperature. 


discovered the important fact that the 'product of the specific heat Cp and the 
atomic weight of the solid elements is a constant^ approximately 6.4- This 
law of Dulong and Petit played an important part in the determination 
of atomic weights, for it served to show from a simple specific-heat 
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measurement what multiple of the combining weight should be taken 
for the atomic weight in order to obtain the constant 6.4. 

Lewis has shown that the specific heat at constant volume is a more 
significant quantity than the specific heat at constant pressure. In the 
latter case, there are secondary effects depending on the thermal ex¬ 
pansion and compressibility which tend to mask the more fundamental 
relation. Lewis and Gibson * found that the atomic heat capacity at 
constant volume and room temperature is 5.9 within 0.09 for all the 
elements heavier than potassium for which data were available. 

It may be noted that this value of 5.9 for the atomic heat capacity of 
a crystal is nearly three times the gas constant. Moreover, it may be 
remembered that the heat capacity of a monatomic gas at constant 
volume is ^R. There is a theoretical reason why the atomic heat capac¬ 
ity of a crystal should be twice that of a monatomic gas. In a mon¬ 
atomic gas, heat is absorbed only in giving the molecule increased kinetic 
energy, but, in a crystal, the units of the lattice have definite positions, 
and, when they are displaced, they acquire potential energy which is 
equal to the kinetic energy required to displace them. Twice as much 
heat energy then is necessary to raise the temperature 

The influence of temperature on the heat capacity of crystals is shown 
in Fig. 39 for three different elements. Near the absolute zero of tem¬ 
perature, all the crystals increase in heat capacity slowly, in agreement 
with the Debye theory, and, then, at higher temperatures, the heat ca¬ 
pacity increases rapidly mth the temperature as new vibrations are 
brought into action and new degrees of freedom are released. Finally, 
at sufficiently high temperatures, the limiting Dulong and Petit value 
of 5.9 is reached. It occurs at low temperatures for those elements like 
lead which are soft and malleable and have large atomic weights and low 
melting points. These properties indicate that the atoms are held to¬ 
gether rather loosely in the crystal and can vibrate internally in all 
possible directions with an expenditure of energy which is available at 
temperatures well below room temperature. Carbon, however, has 
strong crystal forces as evidenced by the fact that it has a very high 
melting point. Moreover, it has a low atomic weight. These properties 
lead to atomic vibrations of such high energy that it is necessary to heat 
carbon to a very high temperature before there is enough energy to bring 
all the vibrations into play. Accordingly, the full atomic heat capacity 
of 5.9 cal at constant volume is not reached even at moderately high 
temperatures. 

These differences in behavior are now interpreted in terms of the 

* Lewis and Gibson, J. Am. Chem. Soc., S9, 2554 (1917). 
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quantum theory (Chapter XIX) and for simple molecules can be cah 
culated quantitatively from spectrographic data. 

At very high temperatures the thermal agitation of the atoms may 
become so great as to impart some energy to the electrons, and, ac¬ 
cordingly, under these conditions some metals like iron, which hold their 
electrons rather loosely and which remain solid at high temperatures, 
possess atomic heat capacities greater than 5.9 cal per degree. 

The molar heat capacities of crystalline compounds can be estimated 
approximately by adding up the molar heat capacities of the elements. 
For example, the molar heat capacity of lead sulfide PbS is 12.3 at room 
temperature, and the sum of the gram-atomic heat capacities of lead and 
sulfur is 6.3 + 5.5 or 11.8. 
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PROBLEMS 

1 . A 900-g weight falls 120 m. (a) How many ergs of heat are liberated when 
it strikes the ground? (b) How many joules? (r) How many calories? (d) How 
many liter-atmospheres? 

Alls, (a) 1.059 X 10'® ergs. (6) 1059 joules, (c) 253.1 cal. 

(d) 10.45 liter-atm. 

2 . Calculate the work done when a mole of sulfur dioxide gas expands isothermally 
and reversibly at 27° from 10 atm to 1 atm: 

(a) Assuming that the gas is an ideal gas. 

(b) Would an attractive force betw^een molecules of the gas tend to make the 

work done larger or smaller? Ans, (o) 1370 cal. 

3. How many calories of heat is required to raise the temperature of 10 g of argon 
(a monatomic gas) through 10° (a) at constant volume? (6) at constant pressure? 

Ans, (a) 7.6 cal, (b) 12.5 cal. 

4. Lead chloride is found by chemical analysis to contain 74.5 per cent lead and 

25.5 per cent chlorine. The atomic weight of chlorine is 35.45. The specific heat 
of lead is approximately 0.030. Using this information, decide between the possible 
formulas such as Pb 2 Cl, PbCl, PbCL, PbCla, etc., and calculate the atomic weight 
of lead. Am, PbCL; 207.2. 

5. (a) When a gas is heated at constant volume all the heat is used in increasing 
the internal energy E of the gas, and, when the gas is an ideal monatomic gas, the 
only change is an increase in the kinetic energy of the molecules, the formula for 
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which is known. Prove by differential calculus that for an ideal monatomic gas 
Cv = 3 cal inole~^ deg“^. 

(6) At constant pressure the heating of a gas produces work in addition to the 
increase in internal energy. Show by differential calculus that for an ideal monatomic 
gas Cj, = Cv -f R- 

6 . Prove for the case of a piston moving in a cylinder that the work done equals 
the pressure times the cross-sectional area timers the distance, using the fundamental 
relation that work equals force times distance. 

7. A 160-lb man walks up a flight of stairs 00 ft high. How much work does he 
do in (a) ergs and (6) calorics? 

8 . One hundred grams of liquid benzene is vaporizt^d at its boiling point 80.2® 
at 760 mm. The heat of vaporization at constant pressure is 94.4 cal per gram. 
Calculate (a) w] (b) q; (c) AH; (d) AE. (c) Is w the maximum work that can be 
performed? 

9. Show that for an isothermal expansion of an ideal gas AH = 0. 

10. One hundred grams of benzene vapor (free from liquid benzene) at 80.2® and 
760 mm is expanded isothermally by reducing the pressure to 100 mm. Assume 
that Ijiinzene vapor acts as an ideal gas. 

(a) What is the maximum work that can be obtained by this expansion? 

(b) What is the; maximum work that can be obtained by expanding 100 g of benzemc; 
isothermally at 100® from 760 mm to 100 mm? 

11. Ten liters of mercury vapor which is monatomic, exf)ands adiabatically at 
600° from 3 atm until the pressure is 1 atm. What will be the Uunperature of the 
mercury vapor after the adiabatic expansion? 

12. Estimate the maximum rise in temj:x;rature of a 500-kg iron weight when it; 
hits a hard iron surface after falling through 500 m (neglecting air resistance and 
assuming that half the heat goes into the iron weight). The atomic weight of iron 
is 55.85. 

13. The specific heat of zinc is 0.0978, and it has been established that 10.00 g of 
zinc combine with 10.85 g of chlorine to form a stable zinc chloride. 

What is the atomic w(;ight of zinc, and what is the formula for the zinc chloridt; 
if the valence of chlorine is one and its atomic weight 35.45? 

14. Calculate the molar heat capacity of glycol, (CIl20H)2, at 2° from the data. 
One hundred grams of glycol was weighed into a copper container (‘.quipped with an 
electric heater and a stmsitive iwsistance thermometer. The copper container or 
calorimeter was suspended by fine cords inside a metal shield which was in turn 
suspendt;d inside an outer container which could be ('vacuated. Tin; shield carried 
heaters and thermocoupl(;s by means of which its temperature was kept, so dost; to 
that of the calorimeter that the heat, leak to the calorimeter was negligible. The 
apparatus was immersed in an i(*e bath, and, after it had cooled to nearly 0°, it was 
evacuated. With the shield maintained at the temperature of the calorimeter, 
955 absolute joules was rec^uired to heat the calorimeter from 0.500° to 3.500°. In 
a similar experiment the heat capacity of the calorimeter was found to be 20.00 cal 
per degree at 2°. 

15. A mole of ammonia gas is condens€;d at its boiling —33.4° C by the application of 
a pressure infinitesimally greater than 1 atm. To evaporate a gram of ammonia at its 
boiling point requires the absorption of 327 cal. Calculate (a) w; (b) q; (c) AH; (d) AE. 

16. One hundred liters of water vapor at 100° and § atm is compressed isothermally 
and reversibly to 1 atm and further until the volume is 10 liters. Neglecting the 
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volume of the water condensed in comparison with the volume of the vapor and 
assuming that the vapor behaves as an ideal gas, calculate the work done and the 
heat evolved. 

17. Ten cubic feet of oxygen under pressure is allowed to expand reversibly under 
adiabatic conditions to a volume of 30 cu ft. Considering oxygen to be an ideal gas 
with the average heat capacity given in the table, calculate the final temperature 
if the initial temperature is 25'". 

18. The specific heat of neon at constant volume is 0.149, and the ratio c^jcv ~ 
1 .66. How many atoms are there in a molecule of neon? 

19. One mole of an ideal gas is confined in a cylinder by a piston. The pressure is p, 
the volume is V, and the cylinder is immersed in a thermostat at temperature T. 
The following cycle is carried out: (1) The tempt^rature of the thermostat is raised 
1 °, the pressure being kept constant; (2) the pressure is gradually increased until 
the volume is decreased to the original value F, w^ith no change in temperature; and 
(3) the temperature of the thermostat is lowered 1°, the volume being k(jpt con¬ 
stant. Make a tables showing the initial and final pressure, volume, and temperature, 
and (If Wf and aE^ for each step. Since AE for the cycle is 0, show that Cp — Cv *= E> 

20 . Estimate how many more calories of heat will be required to iKjat 100 g of 
aluminum from 25 to 300° than will be requin?d to heat the same weight of silver 
through the same temperature interval. 


21. For the adiabatic expansion of a perfect gas show that 


and that 


pF*^ = constant 


q^yR/Cv ~ constant 


22 . D(welop a formula for calculating Cp — Cv for a gas which follows van der 
Waals’ equation. 

23. A perfect monatomic gas passes from a large pipe into an evacuated cylinder 
through a valve which is opened slowly enough to keep the preijsure in the pipe 
sensibly constant. The gas in the main is at pressure P and temperature T. De¬ 
velop a formula for calculating the temperature of the gas in the cylinder when its 
pressures reaches the pressure P of the pi{w, if the gas loscjs no heat during the process. 

24. What is tlu' minimum number of calorics of work required to compress iso- 
thermally 1 mole of ammonia at 1 atm and 150° to a volume of 10 liters: (a) assum¬ 
ing that it follows the ideal-gas laws, (5) assuming that it follows van der WaaLs^ 
equation with the constants given in Table II on page 16? 
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THERMOCHEMISTRY 

Definitions. Thermochemistry is concerned with the heat which 
accompanies chemical reaction. 

The different units of heat energy are related by definition as follows: 

1 calorie (cal) = 0.001 kilocalorie (kcal) = 4.1840 absolute joules 

Thermochemical data are usually expressed by writing the equation 
for the reaction and giving the value of A// for the reaction. For ex¬ 
ample, 

C + O 2 = CO 2 AH = -94,030 cal 

It will be remembered that AH is the heat of reaction at constant pres¬ 
sure. In chemical equations it is the change in enthalpy when the re¬ 
actants, that is, the chemical compounds written at the left of the equa¬ 
tion, react to give the reaction products wTitten at the right of the equa¬ 
tion. The absolute values of the enthalpy are unknown and unneces¬ 
sary. In the oxidation of carbon, heat is evolved, and the enthalpy is 
thereby decreased, so that AH has a negative value. As a matter of 
fact, most ordinary chemical reactions evolve heat. They are exo¬ 
thermic reactions and have negative values of AH. At temperatures 
much higher than ordinary room temperatures the heat-absorbing or 
endothermic reactions are more common. 

In writing equations, solids, liquids, and gases are designated by (i), 
(0, and ((/), respectively, and the preceding equation is written 

C (s) + O 2 (g) = CO 2 (g) AH = -94,030 cal 

If the units are not specified, it may be assumed that AH is expressed in 
calories. 

Sometimes the symbols i, s, and g are omitted when there is no chance 
of confusion. 

Another convention used in the thermochemistry of solutions is the 
symbol aq {aqua, water) signifying a large excess of water, so large that 
the addition of more water has no measurable effect on the temperature. 

Calorimetric Measurements. Calorimeters are used for measuring 
the heat changes which accompany chemical reactions. In the most 
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common type, the reaction is allowed to take place in a reaction chamber 
surrounded by a weighed quantity of water in an insulated vessel, and 
the rise in temperature is measured with a sensitive thermometer. The 
product of the rise in temperature and the total heat capacity of the 
water and calorimeter is a measure of the heat evolved. The heat ca¬ 
pacity of the surrounding water is obtained by weighing the water, and 
the heat capacity of the calorimeter is obtained by measuring a re¬ 
action of known heat evolution, or by introducing a measured quantity 
of heat with an electric heater. The best reactions to measure are those 
which proceed rapidly, thus minimizing any errors due to cooling; and 
those which run to completion, thus assuring that the heat value ob¬ 
tained applies to the reaction assumed and that none of the reacting 
materials remain unreacted. 

The water in the calorimeter must be stirred adequately to insure 
uniform temperature throughout, but the heat of stirring must be kept 
to a minimum so that corrections from this source will be small. The 
evaporation of the water must be kept very small also. The heat lost 
from the hotter calorimeter to its surrounding jacket may be calculated 
by plotting the temperature of the calorimeter against time, and extra¬ 
polating this cooling curve back to the time at which the heat-evolving 
reaction started. The difference between this extrapolated temperature 
and the initial temperature gives a fair estimate of the temperature rise 
which would have been obtained if there had been no loss of heat from the 
calorimeter during the period of observation. 

In adiabatic calorimetry the cooling correction is rendered unneces¬ 
sary by experimental devices which eliminate or greatly reduce the 
transfer of heat. Vacuum-walled vessels are used to minimize the heat 
losses, or the outer jacket is heated electrically at an experimentally con¬ 
trolled rate such that the temperature of the jacket is kept always at the 
same temperature as the calorimeter. 

Laws of Thermochemistry. The heat evolved in a given reaction is 
equal to the heat absorbed in the reverse reaction. The quantity of heat 
absorbed in decomposing a chemical compound must be equal to the 
heat evolved in its formation, provided that the materials involved in 
the two reactions are present in the same quantities and are under the 
same physical and chemical conditions. This law was first stated in 
1780 by Lavoisier and Laplace. It is an expression of the more general 
law of the conservation of energy. 

According to another law of thermochemistry, propounded first by 
Hess in 1840, the heat of a chemical reaction at constant pressure is inde^ 
pendent of the number of intermediate steps involved. Since the total value 
of enthalpy AH for the reaction depends only on the initial and final 
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state, it is not affected by the path followed in passing from the initial 
to the final state. 

This law of constant heat summation may be illustrated with the 
heat of formation of ammonium nitrate in aqueous solution, when pre¬ 
pared in two different ways. The total amount of heat evolved in the 
formation and solution of ammonium nitrate is the same within ex¬ 
perimental error whether gaseous ammonia and liquid nitric acid are al¬ 
lowed to react and the resulting product is dissolved in water or whether 
the ammonia and nitric acid are dissolved in water and then allowed to 
react. Thus, the following reactions may be added to give the over-all 
reaction: 


NH 3 (!7) + HNO 3 (/) 

NH 4 NO 3 (s) 

' AH = 

-34.66 

NH 4 N 03 (s) + CU} 

NH4N03(a7) 

AH = 

6.31 

NH 3 (g) + HNO 3 (/) + ag 

-> NH 4 N ()3 (ag) 

AH = 

-28.35 


or, alternatively, the following two reactions may be added to give the 
same over-all reaction: 

Nri 3 {q) CK/ — > NH 3 (clq) Af/ = — 8.48 

HNOa (/) + aq HNO 3 (aq) AH = - 7.45 

NH 3 (aq) + HNO 3 (aq) N 1 I 4 N 03 (aq) AH = ~ 12.23 

NH 3 (g) + HNO 3 (1) + aq NH 4 NO 3 (aq) AH = -28.16 

It is to be noted that in adding up thermochemical equations the 
equations are so chosen that the intermediate compounds formed, such 
as NH4NO3 (s)f NH3 (aq)j and HNO3 (ag), occur in equal quantities on 
each side of the equality sign and thus cancel out. Only the desired re¬ 
actants and products remain and the heat of the over-all reaction, the 
heat of rea(;tion at constant pressure, is obtained by adding up the AH'is 
for all the steps. The reactions for which the values of AH are known 
are written down directly or in the reverse direction in such a way that 
the extra compounds not involved in the desired reaction will cancel 
out. When the reaction is reversed, the value of AH will be reversed in 
sign. It may be necessary to try out several different equations, choos¬ 
ing from among the rapid reactions which have been accurately meas¬ 
ured. When a suitable set of equations is found, all the values of AH are 
added together algebraically. 

This law of constant heat summation is convenient for determining 
the heat of a reaction which cannot be measured by direct experimental 
methods. Thus, it is not practical to measure the heat evolved when 
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carbon burns to carbon monoxide in a limited amount of oxygen be¬ 
cause the product will be an uncertain mixture of carbon monoxide and 
carbon dioxide. However, it is a simple matter to burn the carbon com¬ 
pletely to carbon dioxide in an excess of oxygen and to measure the heat 
of this complete reaction. Thus, 

C (s) + O 2 (g) = CO 2 (g) A// = - 94.03 kcal 

The heat evolved when carbon monoxide burns to carbon dioxide can 
be readily measured also: 

CO (g) + i-Oa (< 7 ) = CO 2 (g) AH = - 07.04 kcal 

Writing these equations in such a way as to o])tain the desired reaction 
(' + = (K), adding and canceling 

C (s) + O 2 (g) = (X )2 (g) AH = -94.03 kcal 

CO 2 (g) = CO (g) + IO 2 (g) AH = 07.64 kcal 


C (.s) + ^02 (g) = (^O (g) All = -20.39 kcal 

The indirect calculation of heats of reaction is illustrated with an¬ 
other example. 


Example 1. What is the heat of reaction when sulfuric acid is formed from 
its elements? 

It is not })ossil)le to mix hydrogen and oxygen and sulfur in a calorimeter and 
produce sulfuric acnd directly, but reac^tions which are capable of direct calori¬ 
metric measurements can be selected in such a way that, when added together, 
they will give the desired over-all reaction. 

Sulfur is burnt in a stream of oxygen in a calorimeter at room temperature. 

Sulfur dioxide is oxidized with oxygen with a platinum catalyst at a high 
temperature, and the corrections are made to give the heat of reaction at room 
temperature. Other necessary reactions are included. Then 


S ( 5 ) + O 2 {g) = SO 2 {g) 


so, {g) + 10, (g) = SO, («) 


SO, is) + H2O (0 = H2SO4 ( 1 ) 
H, (g) + IO 2 (g) = H 2 O {1} 


AH — —69.3 kcal 
AH = —22.3 kcal 
AH = -30.0 kcal 
AH =•■ -68.4 kcal 


S (s) + 20 , (g) + H, (g) = H 2 SO 4 (1) AH = -190.0 kcal 

Heats of Formation. Although the absolute enthalpy or heat con¬ 
tent of compounds may be unknown, the heats of formation can be cal- 
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culated by arbitrarily assuming that the enthalpy of the elements in 
their standard states is zero. For example, it follows from the reaction, 

C (s) + O 2 (g) == CO 2 (g) AH = -94.03 kcal 

that the heat of formation of carbon dioxide is —94,030 cal, because 
94,030 cal of heat is evolved when a mole of carbon dioxide gas is pro¬ 
duced from the elements, and the elements are arbitrarily assigned a 
zero value. The symbol A/// is used for the heat of formation of a com¬ 
pound at constant pressure; it is the difference in enthalpies or heat con¬ 
tents of the compound and the elements from which it is formed. The 
enthalpy of the eJements will vary, depending on their physical state, 
and it is conventionally agreed that the standard states for which H is 
taken as zero are the naturall}’' occurring states of the elements under 1 
atm pressure and at the temperature of the reaction. In the example 
given, oxygen is a gas at atmospheric pressure, and carbon is a solid. 
Unless the temperature is specified, it is assumed to be 25° C. If two or 
more allotropic forms can exist at the specified temperature, it is neces¬ 
sary to specify the form. In this book graphite is always taken as the 
standard state for carbon and rhombic sulfur as the standard state for 
sulfur. 

The heats of formation of several inorganic and organic compounds 
are collected for reference in Table 1. 

The calculation of heats of reaction is simplified by using the heats of 
formation when they are available. The change in enthalpy of a given 
reaction AH is obtained by subtracting the heats of formation AHj of 
the reactants from those of the products, 

FesOa (^) + 2A1 Gs‘) = AI 2 O 3 (.v) + 2Fe (s) 

-198.5 0 -399.0 0 

where the heats of formation of the compounds are given below each 
compound. Then, 

AH == (-399.0 + 0) - (-198.5 + 0) = -200.5 kcal 

In the same way the heats of formation may be (calculated from 
measured heats of reaction, thus: 

CeHo (0 + 7^02 (ff) = 6 CO 2 ig) + SHaO Q) AH = -781.4 kcal 
AH == -781.4 = {AH,)2 - (A/7/)i 

= [6 X (-94.0) + 3 X (-08.3)1 - (A^/)i 
{AHf)i = 781.4 - 768.9 = 12.5 kcal 
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TABLE I 

Heats of Formation at 25 
A/// in kcal p(‘r mole 


Inorganic Compounds 


NazO 

-99.5 

MgCl2 

-153.3 

PbS04 

-218.5 

Al2< )3 

-399.0 

PbCl2 

-85.7 

HCI (g) 

-22.1 

CaO 

-151.8 

NaBr 

-86.7 

HBr {g) 

-8.7 

FeO 

-64.3 

KBr 

-94.1 

m (g) 

■f5.9 

Fe 203 

-198.5 

AgBr 

-23.8 

H 2 O (/) 

-68.3 

Fe304 

-266.9 

PbBrz 

-66,3 

lijO (g) 

- 57.8 

PbO 

-52.5 

Nal 

-69.3 

D 2 O (/) 

-70.4 

Ag20 

-7.0 

KI 

-78.9 

D 2 O ((/) 

-59.6 

HgO 

-21.6 

Agl 

-14.9 

Nils ( 1 ?) 

- 11.0 

NazS 

-89.8 

Pbl 2 

-41.8 

SO 2 (g) 

-70.9 

K 2 S 

-121.5 

NaNOs 

-111 .7 

II 2 SO 4 (/) 

-193.8 

PbS 

-22.3 

KNO3 

-118.1 

N2O ( 17 ) 

4-19.7 

NaCl 

-98.3 

AgNOs 

-29.4 

NO {g) 

+ 21.6 

KCl 

-104.4 

Pb(N03)2 

-106.9 

HNOs (0 

-41.7 

BaCl 2 

-205.3 

Na2S04 

-330.5 

C (diamond) 

+0.5 

F(^Cl 2 

-81.9 

K2t^04 

-342.7 

CO (g) 

-26.4 

FeCl3 

-96.4 

BaS04 

-349.4 

CO 2 ig) 

-94.0 


Organic Compounds 


Methane, CH 4 {g) 

-17.9 

Cyclohexene, CeHio (0 

-14.8 

h+hane, C 2 H 6 {g) 

- 20.2 

Benzene, CeHe (/) 

+ 12.3 

Propane, CaHs {g) 

-24.8 

Thioph(;ne, C 4 H 4 S (/) 

+ 19.6 

n-Butanc, C 4 H 10 {g) 

-29.7 

Methanol, CH 3 OH (1) 

-57.0 

iso-Butane, C 4 H 10 {g) 

-31.4 

Ethanol, C 2 H 6 OH (/) 

-66.3 

7i-Pentane, 051112 {g) 

-34.8 

n-Propanol, C 3 H 7 OH (Z) 

-73.1 

n-Pentane, C 6 H 12 (0 

-41.1 ! 

n-Butanol, C 4 H 9 OH (/) 

-79.5 

n-IIexanc, Cell 14 (/) 

-47.G j 

Glycerol, CsHgOa (Z) 

-158.6 

n-Heptane, C 7 H 16 (/) 

-53.9 1 

Formic acid, CH 2 O 2 (Z) 

-99.5 

n-Octane, CgHig (/) 

-60.3 

Acetic acid, C 2 H 4 O 2 (Z) 

-116.7 

Cyclohexane, Cell 12 (/) 

-37.7 

Oxalic acid, C 2 H 2 O 4 (s) 

-196.7 

Ethylene, C 2 H 4 {g) 

+ 12.6 

Succinic acid, C 4 H 6 O 4 (s) 

-224.8 

Propylene, CsHe {g) 

+4.8 

P'umaric acid, C 4 H 4 O 4 (s) 

-194.1 

n-Butene- 1 , C 4 H 8 (g) 

+0.3 

Maleic acid, C 4 H 4 O 4 (s) 

-188.6 

n-Pentene- 1 , C 5 H 10 {g) 

-5.0 

Benzoic acid, C 7 H 6 O 2 (s) 

-91.7 
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Inasmuch as A// for the reactants is 12.5 kcal and Af// for oxygen or 
for any element is zero, the heat of formation A^/ of licjuid benzene from 
carbon (graphite) and hydrogen gas at 1 atm is 12.5. In other words, if 
hydrogen and graphite could combine under these conditions, there 
would be an absorption of 12.5 kcal of heat. 

Reactions at Constant Pressure and Constant Volume. As explained 
on page 104, when a reaction occurs at constant volume, no work is in¬ 
volved, but, if the system is allowed to expand during the reaction, it 
does work against the atmosphere, and a smaller quantity of heat is 
evolved. If the system contracts, the heat evolved in a reaction at con¬ 
stant pressure is greater than that at constant volume by an amount 
equal to the work done on the system by the surroundings. If the prod¬ 
ucts and the reactants have the same volume, the heats of reaction at 
constant pressure are the same as those at constant volume. 

The general equation relating A// and is given here: 

A// = AjR; + Ar = ^E + An RT (1) 

where A// is the heat of reaction at constant pressure, AA' is the heat of 
reaction at constant volume, and p A?; is the work done by the system. 
Since liquids and solids occupy very small volumes, the term p Ar usu¬ 
ally includes only the volumes of gases. The increase in the number of 
moles of gas is denoted by An, that is, the number of moles of gaseous 
products minus the number of moles of gaseous reactants. This ecpia- 
tion is exact only when the gases are ideal, but for practical purposes it 
is satisfactory for all gases at atmospheric pressure. 

Heats of reaction are usually given for conditions of constant pressure 
because most reactions are studied at constant pressure. Heats of com¬ 
bustion of liquids and solids, however, are usually measured at constant 
volume, and equation 1 is useful in converting one into the other. 

Example 2. The heat of combustion of benzene at constant volume is 780.5 
kcal. 

CeHe (0 + 7|02 (^) 6 CO 2 C^) + 3 H 2 () (/) b.E = -780.5 kcal 
What is the value of A/f, that is, the heat of reaction at constant pressure? 

Ai/ - A^ + An RT -780,500 - 1.5 X 1.987 X 298.1 
= -780,500 - 889 = -781,389 
= -7.814 X 10^ cal - -781.4 kcal 

The number —781,389 should not be written as a final value, because it im¬ 
plies that the result is known with an accuracy of one part in 781,389, whereas 
the experimental errors are so great that the value should not be expressed be¬ 
yond four significant figures. 
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Heat of Combustion. The heat evolved in the complete oxidation of 
a substance is known as the heat of combustion. The values are given in 
terms of heat of combustion per gram, or as heats of combustion per 
mole. Since only rapid complete reactions are suitable for thermochemi¬ 
cal measurement, heats of combustion have been by far the most com¬ 
mon data of thermochemistry. A great deal of our present thermochem¬ 
ical knowledge goes back to the data of Thomsen and Berthelot of the 
last century. Richards and his coworkers made many measurements of 
much greater accuracy. For details of recent measurements and cal¬ 
culations, the literature * should be consulted. 

It is essential to burn everything to its highest stage of oxidation to 
insure that a definite reaction is being measured which will give re¬ 
producible results. For this purpose the material is ignited electrically 
in a heavy steel bomb containing oxygen under a pressure of 25 atm. 
All carbon is burnt to (;arbon dioxide and all hydrogen to water. As 
yet the halogen-containing compounds present difficulties, and the heat 
of combustion of a substance like ethyl chloride is not known with high 
accuracy because the products formed are not always definite. 

Example 3. Calculate the heat change involved when 1 mole of monoclinic 
sulfur is converted into rhombic sulfur at room tem|)erature. Although there 
is a natural transition at room temperature, the change is too slow for accurate 
calorimetric measurements. Accordingly, the two different forms are subjected 
to a reaction, the heat of which can be measured accurately, and the difference 
in heats of reaction is equal to the change. 

S (monoclinic) (s) + O 2 {g) = S ()2 (g) AH — —69.38 kcal 

S (rhombic) (s) O 2 ig) = SO 2 (g) AH = -69.30 kcal 

Subtracting gives 

S (monoclinic) (5) == S (rhombic) AH — —0.08 kcal 

As a general rule, the denser of the two forms requires more energy to pull the 
atoms apart, and the heat of any reaction involving this material is accordingly 
less, if other factors remain the same. The rhombic form is more dense at 25° 
than the monoclinic, and it evolves 80 cal less than does the monoclinic variety. 

The molar heats of combustion are usually very large numbers so that 
a high order of accuracy is necessary for calculating heats of formation. 
These and other thermochemical data derived from them depend on 
differences between heats of combustion. Thus a fairly small percentage 

* Rossini, Bur. Standards J. Research^ 12 , 735 (1934); Richardson and Parks, J. 
Am. Chem. Soc., 61 , 3543 (1939); Huffman and Ellis, J. Am. Chem. Soc.f 67 , 41 (1935), 
and later papers. 
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error in the heat of combustion may introduce a large error in the dif¬ 
ference between two different substances. 

Example 4- What per cent error in the calculation of the heat of formation 
of n-butane will be introduced by an error of 0.2 per cent in the heat of com¬ 
bustion of butane? 

C4H10 {g) + 6^)2 = 4CO2 ig) + 5H2O (0 LH = -688.0 kcal 
A/// for CO2 - 4 X (-94.0); 
for H2O = 5 X (- 68 . 3 ); 

A/// for (>2 = 0. 

A/// for 7 i-butane — 688.0 — 376.0 — 341.5 == —29.5 kcal 

An error of 0.2 per cent in 688.0 is 1.38 kcal. An error of 1.38 in the heat of 
formation of butane is an error of 1.38/29.5 or 4.7 per cent. 

If more accurate values for CO2 and H2O are used, —94.03 and —68.32 kcal, 
the value calculated for the heat of formation of n-butane is —29.7 kcal per 
mole, as in Table I. 

The heats of combustion of a few substances are listed in Table II. 

TABLE II 

Heats of Combustion at Constant Pressure 


A// in kcal per mole at 25° 


Graphite, C 

-94.0 

n-P(;ntene-l, Cf,lIio {g) 

-806.8 

Diamond, C 

-94.5 

Cyclohexene, CeHio (0 

-891.0 

Methane, CH 4 {g) 

- 212.8 

Benzene, Cellg (/) 

-781.4 

Ethane, QHe {g) 

-372.8 

Methanol, CH 3 OH (/) 

-173.7 

Propane, CgHg {g) 

-530.6 

Ethanol, CalleOH (/) 

-326.7 

ri-Butane, C 4 H 10 (g) 

- 688.0 

n-Propanol, C 3 H 7 OH (J) 

-482.2 

tso-Butane, C 4 H 10 {g) 

-686.3 

n-Butanol, C 4 H 9 OH (/) 

-638,2 

n-Pentane, C 6 Hi 2 {g) 

-845.3 

Glycerol, CallsOs (0 

-396.8 

n-Hexane, Cellu (J) 

-994.8 

Formic acid, CH 2 O 2 (/) 

-62.8 

n-Heptane, C 7 H 16 (0 

-1150.8 

Acetic acid, C 2 H 4 O 2 (/) 

-208.0 

n-Octane, CgHis (0 

-1306.8 

Oxalic acid, C 2 H 2 O 4 (s) 

-59.7 

Cyclohexane, C 6 H 12 {1) 

-936.4 

Succinic acid, C 4 H 6 O 4 (s) 

-356.2 

Ethylene, C 2 n 4 {g) 

-337.3 

Fumaric acid, C 4 H 4 O 4 («) 

-318.7 

Propylene, CaHe {g) 

-491.8 

Maleic acid, C 4 H 4 O 4 (s) 

-324.1 

n-Butene- 1 , C 4 H 8 (g) 

-649.7 

Benzoic acid, C 7 He 02 (s) 

-771.5 


Heats of combustion are useful in calculating other thermochemical 
data. Also they have practical as well as theoretical importance. The 
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heating value of fuel is an important matter. The purchaser of coal 
should be interested in its heat of combustion as well as in its weight. 
The dietician must know among other factors the calories obtainable 
from various foods. 

Thermochemical Constants. Thermochemical data are necessary for 
many calculations of theoretical significance in the predictions of chem¬ 
ical equilibria and reaction rates. It will be shown on page 286, for ex¬ 
ample, that when specific heat curves of reactants and products are 
known down to absolute zero, then, a knowledge of the heat of reaction 
permits a simple and accurate calculation of the equilibrium constant 
of a chemical reaction. In many of these calculations the heats of re¬ 
action constitute the least satisfactory part of our available data. 

In looking up thermochemical data one turns first to Bichowsky and 
Rossini’s * critical compilation of heats of formation of inorganic com¬ 
pounds and the simpler organic (X)mpounds (less than four carbon 
atoms). If the material is not there, it may be in ^international Critical 
Tables,” Vol. V, page 169,f or possibly in the recent literature.^ Very 
accurate work on heats of combustion has been done by Rossini, by 
Parks, and b}^ Huffman. Heats of hydrogenation and bromination of 
unsaturated organic compounds have been determined accurately by 
Kistiakowsky § and his coworkers. 

An excellent scheme for estimating heats of formation and heat ca¬ 
pacities has been developed by Andersen, Beyer, and Watson. || Each 
compound is regarded as a fundamental group which is modified by 
replacing its atoms with new groups. For example, a paraffin hydro¬ 
carbon is derived from methane by successive substitutions of CH 3 
groups for hydrogen atoms. Definite values of A(A///) are assigned to 
various group replacements such as OH, Cells, NH 2 , Cl, and to the 
replacement of single bonds by multiple bonds. 

If experimental data cannot be found direcjtly or indirectly by com¬ 
bining several equations, one is forced to make guesses based on the 
heats of reaction of similar compounds for which data are available. 

As a last resort one can estimate heats of reaction from data of Table 
III by adding a definite number of calories for each bond broken in the 

* Bichowsky and Rossini, ^‘The Thermochemistry of the Chemical Substances,” 
Reinhold Publishing Corp., New York, 1936. 

t ‘international Critical Tables,” McGraw-Hill Book Co., New York, 1929. 

t Rossini and associates, Circ. Nail. Bur. Standards C 461, Washington, D. C., 
1947. 

§ Kistiakowsky, Ruhoff, Smith, and Vaughan, J. Am. Chem. Soc., 68 , 146 (1936), 
and other articles. 

II Hougen and Watson, “Chemical Process Principles II,” John Wiley & Sons, 
New York, 1947, page 758. 
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TABLE III 

Heats of Dissociation op Bonds 


Bond 

AH Disvsocia- 
tion, kcal 

Bond 

AH Dissocia¬ 
tion, kcal 

C—C 

59 

H—H 

103 

c=c 

100 

Br—Br 

40 


123 

N ~H 

118 

C—H 

87 

^N—N--- 

20 

G—Cl 

67 

H—Cl 

103 

C—Br 

54 

H—1 

71 

C—I 

45 

c —0 

70 

0 —H 

no 

c-=o 

150 


reactants and subtracting a definite number for each bond formed in the 
products. 

To illustrate the use of this table, the reaction, 


C2II4 + H2 = C2Hr> 

may be considered; one H—II bond and one C'=G bond are broken, 
absorbing 203 kcal, whereas one C—C bond and two new C—H bonds 
are formed, evolving 233 kcal. The net result is 30 kcal, which is in 
good agreement with the correct value of 33 kcal. 

This crude method leaves little allowance for stru(*.tural features such 
as the formation of rings and conjugated double bonds. 

Kharasch * has developed a comprehensive method for estimating 
the heat of combustion of an organic substance from a knowledge of its 
molecular structure and the total number of electrons shifted in the 
formation of the CO 2 molecules. The agreement with experimental 
measurements is very good. The original article must be consulted for 
details. 

Variation of Heat Capacity with Temperature. In the preceding 
chapter it was shown that the heat capacity of a monatomic gas at con¬ 
stant pressure is 5.0 cal per mole at all temperatures and that the heat 
capacity of polyatomic gases, as illustrated in Fig. 38 on page 117, are 
greater than this and increase with the temperature. Empirical equa¬ 
tions giving the molar heat capacities of a number of gases as a function 
of temperature are recorded in Table IV. 

♦ Kharasch, Bur. Standards J. Research^ 2, 359-430 (1929). 
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TABLE IV 

Molar Heat Capacities of Gases at Constant Pressure in Calories 

Degree"^ Mole“^ 

Cp = To + ViT + 


Gas 

To 

Ti X 10 ^ 

Ta X 10 ® 


6.62 

0.81 


N2^ 

6.76 

0,606 

0,13 

O 2 ’ 

6.76 

0.606 

0.13 

CO‘‘ 

6.60 

1.2 


nci 2 

6.70 

0.84 


HBr2 

6.80 

0.84 


1112 

6.93 

0.83 


Cla^ 

8.28 

0.56 


F2^ 

6.50 

1.00 


82^ 

7.75 

0.89 


H2O 2 

7.00 

2.77 


II2O 

8.22 

0.15 

1.34 

00 

0 

c 

7.70 

5.3 

-0.83 

H2S2 

7.15 

3.32 


S 02 * 

7.70 

5.30 

-0.83 

NH 3 1 

6.70 

6.30 


cib 1 

5.34 

11.5 



1 From 300 to 800° K. « proni 300 to 2500° K. 

2 From 300 to 1500° K. 


These heat-capacity equations are important in many practical cal¬ 
culations, but data from which to determine them are very meager, 
particularly for the more complex molecules and at the higher tem¬ 
peratures. Quite recently important progress has been made in deriving 
them from spectroscopic data with the aid of statistical mechanics 
(page 690). For the simple molecules the calculations are often more 
accurate than the calorimetrically determined data, especially at ele¬ 
vated temperatures. 

To calculate accurately the quantity of heat absorbed, at constant 
pressure when the temperature of a substance is increased, it is neces¬ 
sary to integrate the equation, dH = CpdT, between the desired tem¬ 
perature limits. 


Aff = i/2 - Hx 


i 


Ti 

Ti 


CpdT 


( 2 ) 
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Example 5. Calculate the amount of heat required to raise a mole of carbon 
dioxide from 25 to 200®. 

/'473.1 ^473.1 

I dH (7.70 + 0.0053T - 0.00000083T^) dT 

J298.1 J298.1 

AF = Hm.i - Hmi = 7.70(473.1 - 298.1) + (473.1^ - 298.1“) 

= 1347.5 + 357.0 - 22.0 = 1083.1 cal 


When the temperature is limited to a narrow range or the change of 
heat capacity with temperature is small, it is satisfactory to use the 
average heat capacity rather than the integrated heat capacity. Tlien 
the heat absorbed is given by the expression: 

AH = C,avg. X (T2 - Tr) (3) 

These equations for the heat capacities at constant pressure can be 
transformed into the corresponding equations at constant volume Cv by 
subtracting 1.987 from the first term, in agreement with the relation de~ 
v^oped in the preceding chapter that Cp — Cv = R- 

V Variation of Heat of Reaction with Temperature. It has been shown 
that, for a mole of any substanc^e, 



For a chemical reaction there are two heat capacities and two enthal¬ 
pies involved, one for the reactants and one for the products, thus. 


and 


II 


products 


- H 


reactants 


AH 


C 


p products 


^ p reactants 


ACp 


Then, for the whole reaction, 



(4) 


and, since the term AH is used for the heats of reaction at constant 
pressure, it is unnecessary to specify further the constancy of the pres¬ 
sure. Then, equation 4 may be written as 


dAH 

~dT 


= ACp 


(5) 


If we remember that AH is equal to Qp the heat of reaction at constant 
pressure, this equation may be stated in words as follows: Ttie increase 
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in heat of reaction at constant pressure per degree rise in temperature is equal 
to the heat capacity of the products minus the heat capacity of the reactants. 
This differential equation can be expressed in words in this manner be¬ 
cause one degree is such a small quantity that it may be put equal to dT. 

For larger temperature differences, equation 5 must be integrated be¬ 
tween the two temperatures, Ti at which A// is AJ¥i, and a higher tem¬ 
perature T 2 at which All is AH 2 : 

AH 2 - AHi = I dAH - I ACp dT (6) 

Ja//l JTi 


If ACp is practically independent of temperature, over the temperature 
range from Ti to T 2 , ecjuation (i be(;omes 


and 


AH. - AHi = ACpiT2 - TO 

Alio — AlIi 

- ^ A 


(7) 

( 8 ) 


These simple formulas 6 and 8 are very useful for calculating the heat 
of reaction at a given temperature when it is known at another tem¬ 
perature and when the heat capacities of the reactants and products are 
known or can be calculated. 

If the heat capacity changes with temperature, it is necessary to know 
ACp as a function of temperature, and then the heat of reacjtion at dif¬ 
ferent temperatures can be calculated by equation 6 from standard rules 
of integrations as illustrated in example 6 . 

Example 6. Calculate the heat of combustion of hydrogen at 120° from a 
knowledge of the heat of reaction at 25 °. 

2 H 2 (g) + O 2 (g) = 2 H 2 O (0 A//298 - -136,600 

Calculating ATI for the same reaction at 100°, using the molar heat capacities 
for H 2 and O 2 from Table IV, and assuming that the molar heat capacity of 
liquid water is 18 cal throughout the wliole temperature range, we find 

^373 

A //373 = A//298 + I ACpdT 

''298 

J ^373 

[(2 X 18) - 2 X (6.62 + 0.81 X lO-^T) 

298 

- (6.76 + 0.606 X lO-^T + 0.13 X 10“«T2)] dT 
- -136,600 + 36(373 - 298) - [20.00(373 - 298) 

-|(0.002226)(3732 - 2982)] - ^ X 0.13 X lO"® X (373» - 2988) 

- -136,600 + 2700 - 1500 - 56 - 1 
= -135,457 
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At temperatures just above 100® the product is steam instead of liquid water, 
and sufficient heat is absorbed to vaporize the water, namely, 539.7 cal per gram. 

2H2O (1) == 2H2O {g) AH373 == 36.03 X 539.7 = 19,445 cal 

Then 

2H2 (g) + O2 (g) = 2H2O (g) Ai/373 = -135,457 + 19,445 


= —116,012 cal 

Finally, for this reaction at 120 °, giving steam, further calculation must 
be made using the molar heat capacities of steam, hydrogen, and oxygen. 

A/7393 = A/7373 -f [2 X (8.22 -f 0.15 X lO'^T +1.34 X 10 ”^^)] 

•'373 

-[2 X (6.62 + 0.81 X lO'-'^r) 

+ (6.76 + 0.606 X lO-^r + 0.13 X 10 ^ 7 ^ 

= -116,091 cal 
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PROBLEMS 

1 . Compute the heat of reaction ptjr mole of lead, in the smelting of lead, 
PbS + (>2 = Pb + SO 2 

from the data on the heats of formation and the equations, 

(a) PbS + 2 O 2 - PbS 04 and PbS 04 + PbS = 2Pb + 2 SO 2 
Check the calculation, using the equations, 

(b) 2PbS + 3 O 2 == 2PbO + 2802 and 2PbO + PbS - 3Pb + SO 2 


Ans. aH ~ —48.6 kcal. 
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2. In an adiabatic calorimeter, the combustion of 1.6324 g of sucrose produces a 
temperature rise of 2.854°. The molar heat of combustion of sucrose is 1349.6 kcal. 

(а) What is the total heat capacity of the wattjr and the calorimeter? 

( б ) If the calorimeter contains 1850 g of water (specific heat — 1.0), what is the 
effective heat capaciity of the calorimeter? In this problem, corrections for the 
oxidation of the wire and residual nitrogen may Vjc neglected. 

A ns. (b) 405 cal deg.~^ 

3. For acetone All/ is —61.4 kcal at 25°. 

(a) Calculate the la^at of combustion at constant pressure. 

( 6 ) Calculate the heat evolved when 2 g of acetom* is burnt under pressure in a 
closed bomb at 25°. Am. (a) 426 kcal. (h) 14.6 kcal. 

4. For the compound CHCIF 2 , 

C„ = 10,44 + 0.0230^ 

where Cv = calories pc^r (mole) (°C) 

t - °C 

This relationship holds from 35 to 135°. Calculate the change in internal energy 
AE of the gas in going from 35 to 135°. i4ns. 1239 cal i>er mole. 

5. Calculate, the heat (.‘volved in the reaction H 2 -f CI 2 = 2HC1 at 1023° and 

constant pressure. Ans. —45.5 kcal. 

6 . From the table of the heats of formation calculate the heats of combustion at 
constant pressure at 25° of (a) CO, (5) II 2 , (c) C 2 II 6 , and (d) C 2 H 5 OII. 

7. (a) Calculate the heat of formation of PClr, («), given the heats of the following 
reactions at 25°. 

2P (s) + 3 CI 2 (g) = 2 PCI 3 (0 A// - -151,800 cal 

PCI 3 (/) H- CI 2 (g) = PCIb (s) ah = -32,810 cal 

(b) State precisely what data would b(' needed to calculate th(^ heat of formation 
of PCI 5 (s) at some other temperatun;. 

8 . The heat of formation of nitric oxide from nitrogen and oxygen has been 
calculated from spectroscopic data. A direct calorimetric det(irmination is desirable, 
however. It has been found that phosphorus will burn completely to P 2 OB in nitric 
oxide leaving nitrogen, if the phosphorus is thoroughly ignited with a hot arc. Cal¬ 
culate the heat of formation of NO from the following data. 

Phosphorus was burnt in a calorimeter in a stream of nitric oxide for 12.00 min 
and produccxl 1.508 g H 3 PO 4 . The calorimeter was surrounded by 1386 g of water. 
The observed temperature rise was 2.222°, and the cooling conection amounted to 
0.037°. The correction for the heat of stirring was 11.1 cal evolved p(^r minute. 
The heat capacity of the calorimeter, as determined with an electric heater, was 244 
cal per degree. 

The same experiment was repeated in which the nitric oxide was replaced by a 
mixture of half nitrogen and half oxygen. The measurements were then repeated. 
The amount of H 8 PO 4 produced was 2.123 g. Time 10.00 min. Observed tempera¬ 
ture rise 2.398°. Cooling correction 0.032. Correction for heat, of stirring 12.2 cal 
per minute. Weight of water 1386 g. Heat capacity of calorimeter 244 cal per 
degree. What is the heat of formation of NO? 

9. The heat of combustion at constant pressure and 25° of liquid carbon disulfide 
CS 2 is 246.6 kcal per mole, (a) Calculate the heat of combustion per mole at con¬ 
stant volume in a closed bomb, (b) Calculate the heat of formation AH/ of liquid 
carbon disulfide. 
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10. (a) From the table of heats of formation calculate the heat of complete com¬ 
bustion of butanol at constant pressure at 25°. (6) Calculate the heat of combustion 
at constant volume. 

11. The equation for the molar heat capacity of 7i-butane is 

Cp = 4.64 -h 0.0558 r 

Calculate the heat necessary to raise the temperature of one mole from 25 to 300°. 

12. H2O (g) -f C CO *-f H2 AH = 31,404 cal at 25° 

C«(H20) = 7.00 4- 0.00277r 

1.169 X 10^ 

Cp{C) - 2.673 -f 0.0026177’-^- 

Cp(CO) - 6.60 4- 0.001207’ 

Cpdla) - 6.62 4- 0.00081 T 
Calculate All at 400°. 


13. Estimate th(‘ mol.al heat of combustion AH of ii-nonanv, C»ll2o, from the data 
on octane, heptane, and hexane. 


14. Calculate the heat evolved at 25° in the reaction 3Mg 4- Fe203 3MgO 
4- 2Fe. When magnesium is oxidizc^d to MgO, All — —145,700 cal. Show that,, 
in measuring the isothermal heat of a reaction, no error is introdu(;ed if the tem¬ 
perature rises, provided that the products are cooled to the original temperature of 
the reactants. 

15. In an adiabatic calorimeter, 0.4362 g of naphthalene caus(*d a rise of 1.707° 
in temperature. The heat capacity of th(^ calorimeter and water was 2460 cal per 
degree. If corrections for the wire and residual nitrogen are negleciled, what is the 
heat of combustion of naphthalene per mole? 

16. (a) Calculate the heat evolved when 1 g of ethylene is exploded at constant 
pressure at 25° with an excess of air 

(6) Calculate the heat evolved when 1 g of ethylem' is exploded with an excess of 
pure oxygen at 20 atm pressure in a closed bomb. 

17. One hundred grams of iron is dissolved in dilute acid at 25° giving a ferrous 
salt. Will more heat be evolved when the reaction is carried out in an open beaker 
or in a closed bomb? How much more? 

18. (a) Estimate from heats of formation and bond energies the heat of dissocia¬ 
tion of HBr gas into atoms. 

(6) p]stimate the heats of the following n^actions at constant pressure assuming 
that all reactants and products are in the gascious state: 

C 2 H 4 + Br 2 = C2H4Br2 

C2H6 4- 2Br2 = C2H4Br2 4- 2HBr 

19. For methane Cp - 5.34 4- 0.0115T. With this fact and data from this chapter, 
calculate ATTiooo® for the reaction CH 4 4- 2O2 {g) CO 2 (g) 4- 2H2O (g). 

20. Calculate the molar heat of combustion of carbon monoxide at constant 
pressure and 1327°. 

21. As a rough approximation, the molar heat capacity of a solid is of the same 
order of magnitude as the sum of the atomic heat capacities of the solid elements of 
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which the solid compound is formed. What general statement can bo made regarding 
the influence of temperature on the heat of reactions of solids to give solids, as, for 
example, the reaction Fe + S = FeS? 

22. One British thermal unit (Btu) is the heat required to raise the temperature 
of 1 lb of water 1° F, Calculate the number of British thermal units evolved by the 
complete combustion at constant pressure and 25° of 1 cu ft of water gas ('| CO and 
\ H 2 by volume) measured at 25° and 1 atm. 

23. For the following reaction Af/ = 47.16 kcal: 

CHgCOONa (ag) = ClIsCO (g) + NaOH (ag) 

Calculate the heat of formation of ketene, CH 2 CO (g), obtaining additional data from 
t.abk^s of th(‘rmochemical data. 

24. How many grams of cane sugar (C 12 H 22 O 11 ) must be oxidized to give the same 
number of calories of heat as the number of calories of work done by a IGO-lb (59.8-kg) 
man in climbing a mountain 1 mile (1.609 km) high? The heat of combustion of 
C 12 II 22 O 11 is 1349.7 kcal pvr mole. 

25. In some of the published tables of h(‘ats of formation and other thermodynamic 
properties diamond is tak(m as th(^ standard state of carbon instead of graphite. 
Derive a ndation between the heats of formation based on these two choices of th(* 
standard state of carbon, for a substance containing n carbon atoms per mole. 
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THERMODYNAMICS 

The Second Law of Thermodjmamics. Although work can always 
be transformed into heat, it does not follow that heat can be trans¬ 
formed completely into work. The first law of thermodynamics given 
on page 101 merely specifies that, when heat is converted into work, a 
definite quantitative relationship exists between the heat converted and 
the work done, but it tells nothing as to the maximum amount of work 
which can be obtained from a given quantity of heat. The second law 
of thermodynamics gives information as to the limitations which ex¬ 
perience has shown govern the transformation of heat into work. It 
states that heat cannot pass from a colder to a hotter body unless work 
is supplied from an outside source. In general, heat can pass spon¬ 
taneously only from a higher temperature to a lower temperature just 
as a body of water can flow only from a higher level to a lower level. 
Again, an engine operating in a cycle can do work only when there is a 
transfer of heat from a higher to a lower temperature. 

A kinetic explanation is helpful. If one end of a tube of gas is hot and 
the other end cold, heat will flow from the hot end to the cold and in so 
doing could do work. But after the motions of molecules have become 
averaged throughout, and the whole tube is at a uniform temperature, 
it is extremely improbable that the more rapidly moving molecules 
would all move spontaneously to one end, causing the tube to become 
hot at one end and cold at the other. In fact, it is far less likely than 
that a pack of cards after being shuffled should, by continued shuffling, 
return to the original order. It is less likely because the number of 
molecules is much greater than the number of cards in a pack, and the 
laws of probability hold better when large numbers are involved. 

The second law of thermodynamics may be applied to a variety of 
phenomena. It may be stated in a more general way as follows: All 
systems tend to approach a state of equilibrium. The natural movement 
of heat from a high temperature to a lower temperature and the im¬ 
possibility of a spontaneous movement of heat from a low to a higher 
temperature have been cited. The movement of molecules of a dissolved 
substance from a region of high concentration to a region of low con¬ 
centration giving uniform concentration throughout the whole solution 
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is another manifestation of the second law. The running down of a clock 
or the reaction of zinc and sulfuric acid are other illustrations. 

The second law is statistical, and like all statistical laws it breaks down 
when only a small number of individuals is involved. For example, if 
there are more small particles moving around on one side of a micro¬ 
scopic field than on the other side, the general tendency is for particles 
to migrate from the region of high concentration to the region of low 
concentration until the concentration is uniform throughout, but oc¬ 
casionally it will be observed that a particle moves in the opposite direc¬ 
tion making the low concentration still lower, contrary to the prediction. 
When there is a large number of particles, this occasional movement 
against the general traffic becomes comparatively rarer. 

Entropy.* In order to express the second law in concise mathematical 
form, it is helpful to introduce the concept of entropy.* Entropy, des¬ 
ignated by the symbol Sy is helpful in thermodynamical calculations of 
such quantities as engine efficiencies and chemical equilibria. The en¬ 
tropy of a system, like internal energy Ey or enthalpy //, is character¬ 
istic of the state of the material and does not depend on the previous 
history of the system. A change in entropy AS, or S 2 — Si. depends 
only on the initial and final states. The amount of work done w and the 
heat absorbed q may change, depending on how the experiment is car¬ 
ried out, but AS will always be the same, provided only that the initial 
and final states are the same. The change in entropy of a system (dS) 
for an infinitesimal, reversible process is defined by the equation, 


dS = 


dqrcv. 

~v 


( 1 ) 


where d^rev. is the heat absorbed from the surroundings. For any natural 
process complete reversibility can never be attained on account of such 
effects as frictional losses which accompany practical operations. Then 
the entropy change of the system is greater than the heat absorbed, 
from the surroundings, divided by the absolute temperature; thus, 

dq 

dS>f ( 2 ) 


The change in entropy of a given process may be defined as the heat a6- 
sorbed divided by the absolute temperature under conditions such that the 
process is always reversible. 

If a process is irreversible, then, in order to calculate the entropy 
change, it is necessary to devise a means of passing from the same initial 

* En'tropy is accented on the first syllable. 
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state to the same final state by a series of isothermal reversible processes 
and measuring the heat absorbed in each step. For example, a mole of 
gas at 10 atm pressure at 25® might be expanded to a larger volume at 1 
atm at 25® by reducing the pressure to 1 atm in a single step. The heat 
absorbed would not be a measure of the entropy change because the 
process is not reversible. The process can be carried out reversibly, 
however, by expanding against a constantly decreasing pressure which 
is always slightly less than the pressure of the gas itself. Under these 
conditions the process is reversible, and the heat absorbed is a correct 
measure of the entropy increase which accompanies the expansion of 
the gas. Frequently, in order for the process to be reversible, the steps 
must be infinitesimally small steps, and the total entropy change is then 
obtained by integration. 

According to the second law of thermodynamics, all systems tend to 
approach a state of equilibrium, and entropy can be used as a quanti¬ 
tative measure of the extent to which this equilibrium has been ap¬ 
proached. Consider first an isolated system, thermally insulated so that 
dq = 0. If the proc.ess is reversible, that is, in a state of equilibrium, 
it follows from equation 1 that (h = dq,,.yJT, and, since dq = 0, 


dS = 0 (3) 

If the system is not in a state of equilibrium and the process is not 
reversible, equation 2 is applicable, and, since dq is still zero in this iso¬ 
lated system, 

dS > 0 (4) 

The more nearly reversible the process is, the closer will dS approach 
zero. The increase in entropy which accompanies a process taking place 
in an isolated system may thus be considered a measure of the approach 
of the system to a state of equilibrium. 

From a shghtly different point of view, the entropy of a system may 
then be regarded as a function of the probability of the thermodynamic 
state, the state of equilibrium being the most probable; and the tend¬ 
ency for the entropy of an isolated system to increase corresponds to the 
tendency of the system, if left alone, to go to a state of higher probability, 
that is, to equilibrium. This idea leads to another general definition ac¬ 
cording to which entropy is a measure of the disorder of a system. The 
more the molecules in a system are distributed in a disordered or random 
manner, the more probable is the arrangement, and the greater is the 
entropy. The greater the entropy, the smaller is the entropy increase 
required to bring the system to the state of maximum entropy which 
exists in the disordered state of complete equilibrium. 
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Entropy Calculations. A few concrete examples of entropy calcula¬ 
tions will now be offered. The transfer of heat from one body to another 
at constant temperature is a reversible process if the direction of heat 
flow may be reversed by infinitesimal changes in the temperature of one 
of the bodies. The fusion of a solid at its melting point or the evapora¬ 
tion of a licpiid at a constant pressure equal to its vapor pressure are ex¬ 
amples of isothermal reversible processes in which the entropy change is 
readily visualized and easily calculated. Integration of equation 1 
jdelds, when T is constant, 

.s, - .S\ = A.S' = (5) 


Example 1. Solid mercury melts at —38.9° C with the absorption of 560 cal 
per mole. The process is isothermal, and the melting may be easily reversed by 
lowering the temperature of the surroundings infinitesimally; so the process 
must be reversible. 

Hg is) -> Hg (/) 

^ = 2.39 cal per degree = 2.39 entropy units 

1 


The molal entropy of a liquid is always greater than that of the solid at the 
freezing point. 


Entropy has the dimensions of energy divided by absolute temper¬ 
ature, and the usual entropy units are given in calories per degree. 

The entropy increase involved in raising the temperature of a sub¬ 
stance may be calculated also. The heat absorbed is equal to the heat 
capacity C multiplied by the increase in temperature, and, if the changes 
are kept infinitesimally small, the process is reversible. Thus, 


and 


dg^rev. = c dT 


dS 


d^rev. 

T 


CdT 

T 


( 6 ) 


As the temperature is raised, each infinitesimal absorption of heat must 
be divided by the temperature at which the absorption takes place, a 
calculation which is readily made with the help of calculus. Integrating 
between the limits Ti and T 2 gives 


rS2 nTi C dT 

I dS = I- 

Js^ JTx T 


If C is constant, 

S 2 - Si (In T 2 - In Ti) 


T T 

C In — = 2.303(7 log — 

Ti Ti 


( 7 ) 

( 8 ) 
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This formula is equally applicable for constant pressure or constant 
volume. If the heating is carried out at constant pressure, Cp is used, 
and, if it involves constant volume, Cv is used. Chemical operations 
usually involve constant pressure. 


^ Example 2. Calculate the increase in entropy involved in heating a mole of 
liquid mercury at constant pressure from 234.2 to 298.1° K. The average molal 
heat capacity at constant pressure over this temperature is 6.70 cal per degree. 


OQC 1 

= S 2 - Si = 2.303 X 6.70 log 


1.62 cal per degree 


Example 3, When a mole of supercooled water freezes isothermally at 
— 10° C, what is the change in entropy? The process is irreversible. In order 
to calculate the entropy change, the process must be carried out in steps, every 
one of which is reversible, and the absorption or evolution of heat must then be 
measured in each reversible step. Thus, 


H 2 O (0 at -10° 

H 2 O (0 at 0° 

AS-J 

r P dT 

H 2 O (1) at 0° 

-> H 2 O (s) at 0° 

II 

H 2 O (s) at 0° 

H 2 O (a) at -10° 

A?-J 

r-'o° d.T 


The crystallization of liquid water at 0° C evolves 80 X 18 cal. The specific 
heat of water is 1.0 cal ])er degree and that of ice is 0.5 cal i^er degree over this 
range. Then 

AS - (is X 1.0 X 2.;«l31og~) + (is X 

( 2fi3\ 

18 X 0.5 X 2.303 log—j 

= 0.67 - 5.28 - 0.34 
= —4.95 cal per degree 

The Third Law of Thermodynamics. The most orderly arrangement 
which one can think of is a crystal, with its symmetrical lattice, at ab¬ 
solute zero where random motions due to thermal agitation have ceased. 
Here the entropy should be very small, and, in fact, according to the 
third law of thermodynamics^ the entropy of most crystals may he taken as 
zero at the absolute zero. 

There is as yet no direct, conclusive proof of the validity of the third 
law, but it has been checked and cross-checked in many different ways. 
It is important because it makes possible the determination of the ab¬ 
solute entropies of chemical compounds and the calculation of chemical 
equilibria, as is explained on page 286. The idea on which the third law 
is based was first proposed by T. W. Richards in 1902. The law was 
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propounded by Nernst and fully developed and applied to chemical 
problems by G. N. Lewis and his associates and others.* 

In calculating entropy, the entropy is taken as zero at the absolute 
zero; as the temperature rises, the molecules and parts of molecules 
absorb heat and move in a random manner. The higher the tempera¬ 
ture, the greater is the disordered motion, the greater is the amount of 
heat which has been absorbed, and the greater is the entropy of the 
substance. This concei)t of entropy can be made quantitative as well as 
(pialitative. The increase in entropy involved in heating from absolute 
zero to any specified temperature may be calculated with the help of 
eciuation 9, ^ 

S = r CdlnT (9) 

and, according to the third law, this increase in entropy is the absolute 
entropy. Tables of entropy have been prepared from specific heat data, 
and from these entropies the entropy changes in chemical reactions can 
be determined from tlu^ relation AS = ^Sproducts “ ^'reactants- 

The determination of entropies is illustrated with the data on silver 
shown in part in Table I and plotted in Fig. 40. 

If the entro[)y is taken at 0° K as zero, according to the third law, and 
equation 9 is applied, the entropy at 298.1° K is given by the equation: 

^298.1 K 

>^298 = 2.303 I CdlogT (10) 

*'0 


The theoretical relation between C and log T is not known (except at 
very low temperatures), and so it is necessary to evaluate the integral 

by graphical means. The area ^J*//dx^ is determined by plotting ac¬ 


curately Cv against log T and counting the squares under the curve out 
to log 298.1° K, this area in turn being multiplied by the conversion fac¬ 
tor of natural logaritlims. For silver, the value of > 8298.1 k obtained by 
evaluating this area is 10.21 entropy units (calories per degree). 

Specific heat measurements have been made with special electric 
calorimeters on many substances down to liquid-air temperatures, and 
on some substances down to the boiling point of hydrogen, and lower. 


* Lewis, Gibson, and Latimer, J, Am. Chem. Soc.^ 44 , 1008 (1922); Lewis and 
Randall, ‘Thermodynamics and the Free Energy of Chemical Substances,^^ McGraw- 
Hill Book Co., New York, 1923; Parks and coworkers, J. Am. Chem. Soc.^ 47 , 338 
(1925); 48 , 1506, 2788 (1926); 62 , 1032, 1547, 3241, 4381 (1930); and later articles; 
Giauque and Blue, J. Am. Chem. Soc., 68 , 831 (1936); Aston, in Taylor and Glasstone, 
“Treatise on Physical Chemistry,” D, Van Nostrand Co., New York, 1942, Chapter 
IV. 
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The extrapolation to absolute zero does not involve very large errors^ 
and, fortunately, in the region of absolute zero, the specific heat-tem¬ 
perature curve can be calculated with fair accuracy (p. 119). 



Fig. 40. Graph for calculating absolute entropy of silver from heat capacity t(/ 

absolute zero. 

TABLE 1 

Heat Capacity of Silver ^ 


T 

Log?’ 


T 

Log?’ 

(\ 

15 

1.1761 

0.160 

140 

2.1461 

5.310 

20 

1.3010 

0.410 

160 

2.2041 

5.461 

25 

1.3979 

0.747 

180 

2.2553 

5.584 

30 

1.4771 

1.140 

200 

2.3010 

5.653 

40 

1.6021 

2.001 

220 

2.3424 1 

5.708 

60 

1.7782 

3.405 

240 

2.3802 ' 

5.765 

80 

1.9031 

4.245 

260 

2.4150 

5.819 

100 

2.0000 

4.769 

280 

2.4472 

5.843 

120 

2.0792 

5.092 

298.1 

2.4744 

5.851 




300 

2.4771 

5.852 


^ Meads, Forsythe, and Giauque, J, Am. Chem. Soc., 63, 1902 (1941). 

An increase in entropy is produced by mixing two substances, and, 
if the entropy of these pure substances is zero at 0° K, the mixture can¬ 
not be zero also. Accordingly, the third law is restricted to pure crys¬ 
tals, but often it may be applied, with only small errors,* to solutions 
and glasses. 

* An interesting case is that of hydrogen, which exists in two forms, ortho and 
para, having different specific heats as described in Chapter XIX. Thermodynamical 
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If there is a change of state, or a transition from one crystalline form 
to another, the heat absorbed in the change must be divided by the tem¬ 
perature at which the change takes place, and added to the entropy as 
calculated from the specific-heat curve. 

Table II gives the entropies at constant pressure of 1 atm for a num¬ 
ber of elements and compounds obtained from these specific-heat meas¬ 
urements at low temperatures. Data of this type can be used in the 
calculation of chemical equilibria as shown in Chapter XII. 

TABLE II 


Atomic and Moleculau Entropies at 25® 


Water (1) 

16.8 

Methane (g) 

44.5 

Hydrogen (iHj) (g) 

15.6 

Methanol (1) 

30.3 

Carbon (diamond) 

0.6 

Maleic acid (s) 

38.1 

Carbon (graphite) 

1.4 

Fumaric acid (s) 

39.7 

Nitrogen ( 5 N 2 ) 

22.9 

Benzene (1) 

41.9 

Oxygen (^ 02 ) 

24.5 

Ethanol (1) 

38.4 

Helium (He) 

29.8 

iertiary-Butsinol (1) 

45.3 

Sulfur (rhombic) 

7.6 

ci/cZo-Hexane (1) 

49.2 

Sulfur (monoclinic) 

7.8 

Toluene (/) 

52.4 

Chlorine (^Cb) (g) 

26.6 

7 i-Butanol (1) 

54.5 

Silver (s) 

10.2 

n-Hexane (1) 

70.6 

Mercury (1) 

17.8 

Ethylbenzene (1) 

61.2 

Hydrocliloric acid (g) 

44.7 

Ethyl ether (1) 

60.5 

Carbon dioxide (g) 

51.1 

n-Heptane (1) 

78.6 

Copper (s) 

8.0 

Ethylene (g) 

52.5 

Lead (s) 

15.5 

Acetylene (g) 

48.0 


Free Energy and Work Content. Two other thermodynamic func¬ 
tions, work content A and free energy Fj have been invented, in addition 
to internal energy enthalpy Ff and entropy Sy for convenience in 
studying processes at constant temperature. The work content and 
free energy * of a phase are defined by the equations: 

A ^ E -TS (11) 

F = H - TS (12) 

Like entropy F and A depend only on the state of the system. 

calculations persisted in showing that the entropy of hydrogen was too low by an 
appreciable amount, and it is now known that an entropy increase of this magnitude 
due to the change from one form to the other does actually occur just above the 
absolute zero. The change comes at such a low temperature in the case of hydrogen 
that it was missed in the early experimental measurements. 

* This function, called free energy and given the symbol F by G. N. Lewis, was 
given the symbol ^ by Willard Gibbs. It is now frequently given the s 3 anbol G. 
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Of these concepts free energy is perhaps the most useful in its ap¬ 
plication to chemical problems because it provides a convenient quanti¬ 
tative measure of the extent to which substances react chemically. It 
permits the calculation of chemical equilibria, as explained on page 268. 
The practical importance of equation 12 in such calculations is dis¬ 
cussed on page 286. 

Using the definition of //, we have 

H ^ E + v^ (13) 

We see that 

F = E -\-vv - TS (14) 

and, further, from equation 11, we obtain the relation: 

F = A + pv (15) 

The absolute values of A and F, like those of E and H, are not known. 
We are concerned, however, only with the changes in these (quantities, 
and, in passing from the initial to the final state, we may write, for ex¬ 
ample, 



A 2 - == £^2 - - (T 2 S 2 - TiSi) 


or 

AA = AE - AiTS) 

(16) 

Again 

AF = AH - A(TS) 

(17) 

and 

AF = A A + A(pv) 

(18) 

These 

equations are more useful under certain specific 

restrictions; 


thus, at constant temperature, 

A2-Ai=E2-Ei- {TS 2 - TSi) 
and equation 16 becomes 

AA = AE - T AS (19) 

At constant temperature equation 17 becomes 

AF = AH - T AS (20) 

and at constant pressure equation 18 becomes 

AF = AA +pAv (21) 

Of these last six equations which follow at once from the definitions 
of A, F, and ff, equations 20 and 21 are most frequently used in physical 
chemistry. 
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For changes at constant temperature AA has a physical meaning which 
is easy to grasp. If we consider a process which is reversible as well as 
isothermal, 

T AS = Qrey. 

Substituting into equation 19 gives 

AA = AE - grev. 

By the first law of thermodynamics, 


and so 


AE — g = —w 


— AA = Wry 


( 22 ) 


The work w is restricted to maximum work u’^ax. because the heat g 
was restricted to heat in a reversible cycle q^ev. It must be constantly 
born in mind that refers to the initial and final states and that its 
value does not depend on the manner in which the change was carried 
out. Only if the process is revei'sible, will the maximum work be done. 
If the process is not reversible, will still be tlie same, but iv will be 
less than 'W.’max.* 

In words, the decrease in work content, as its name implies, equals 
the maximum amount of work which can be obtained isothermally. 

The significance of AF at constant temperature and pressure, where 
it is most useful, can be vsecn easily from equations 21 and 22. Com¬ 
bining gives 


-AF = -pAv 


(23) 


Since p Av is the work of expansion, this ecjuation states that, if the teni’- 
perature and pressure are kept constant, the decrease in free energy equals 
the maximum available work other than expansion work, that is, other than 
the work involved in increasing the volume of the system against a re¬ 
sisting pressure. 

It may be worth while now to bring together three important relations 
between the thermodynamic quantities and to attempt descriptions in 
words, which, although inadequate and oversimplified, may be helpful 
in remembering the formulas. 

According to definition in equation 13, 

AH = AE -f- A{pv) 

The change of enthalpy is composed of two quantities, a change in 
the internal energy (w^hich may be regarded roughly as the total chem¬ 
ical energy) plus the change in the product pv (which under the special 
conditions of constant pressure may be regarded as external work against 
the surroundings). 
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According to equation 17, 

A// = AF + A(TS) 

The change of enthalpy is also composed of two other quantities, the 
change in free energy (which at constant temperature may be regarded 
as maximum available work excluding external pressure-volume work) 
plus the change in the product TS (which at constant tempei’ature is not 
readily available for doing useful work). At constant temperature the 
term T A>S is visualized as heat absorbed when the process is carried out 
reversibly. 

According to equation 18, 

AF = AA + A(py) 

The change in free energy (which at constant temperature may be re¬ 
garded as maximum available work excluding pressurtv-volume work) 
is equal to the change in work content (whi(^h may be regarded as a meas¬ 
ure of the maximum work obtainable at constant temperature) ])lus the 
change in the product pv (which for the special case of (constant pressure 
can be visualized as the pressure-volume work). 

Influence of Pressure on Free Energy. For any infinitesimal change 
we obtain, by differentiation of equation 15, 

dF — dA + p dv + V dp (24) 

If the process is reversible and isothermal, and the work restricted to 
that due to volume changes, we obtain, from equation 22, 

dA = = -pdv (25) 

Adding equations 24 and 25 gives 

dF = V dp (26) 

and 



or, in words, at constant temperature, the rate of change of free energy 
with pressure equals the volume. If the system is an ideal gas, integra¬ 
tion of equation 26 at constant temperature gives 

/ rnRT 


F = nRT In 7 ) + constant 


(27) 
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or integrating between limits, Fi and pi being the initial values and F 2 
and p 2 being the final values, 

Vo 

AF - F 2 - Fi - nUr In - (28) 

Pi 

This equation which is limited to process with ideal gases at constant 
temperature will be found useful in later chapters. 

If the system is not a gas but a liquid or solid which remiains constant 
in volume over moderate changes in pressure, we have, by the integra¬ 
tion of equation 26, 

AF F 2 - Fi = t>(p2 - Pi) (29) 

This equation too will find later application. 

Sinc;e the free energy depends only on the state of the system, these 
equations can be applied to the change from a given initial state to a 
given final state, even if the process originally under consideration was 
irreversible. 

Application to a Chemical Reaction. The chemical significance of 
enthalpy, free energy, and entropy may be illustrated with the reaction 
by which copper is precipitatc^d from a solution of copper sulfate by the 
addition of zinc under conditions of constant temperature and constant 
atmospheric pressure. The reaction is 

Zn + Zn++ + Cu 

The change in enthalpy may be obtained by simply measuring the 
heat evolved when zinc is added to an open (;alorimeter containing the 
copper sulfate. The rise in temperature multiplied by the heat capacity 
of the solution and calorimeter gives directly —qp or — A//. 

The change in free energy may be obtained by carrying out the re¬ 
action in an electric cell made by dipping a zinc rod into a solution of 
zinc sulfate and a copper rod into a solution of copper sulfate and con¬ 
necting the two solutions wdth a tube of solution or a porous plate. This 
little battery will operate a motor and do work which can be measured, 
but the maximum work obtainable is determined more accurately mth 
a potentiometer and galvanometer (as described on page 437) under 
conditions such that the voltage is measured when very little current is 
flowing. Zinc is consumed and copper deposited by the operation of the 
cell, but by increasing the applied voltage slightly above the voltage of 
the cell, the cell may be operated backwards so that copper is consumed 
and zinc deposited. In other words, the process can be reversed by in¬ 
finitesimal changes, and, hence, this is a way in which the reaction can 
be carried out reversibly. Then, by equation 23, the electrical work 



154 


THERMODYNAMICS 


measured under these conditions equals the change in free energy ( — AF). 
The expansion work p A«;, owing to the change in volume of the solution 
when the reaction occurs, is not measured by the potentiometer. The 
change in work content (— AA) for the reaction, acciording to equation 
22 is equal to the electrical work plus the p Av work. 

As a matter of fact, in this particular reaction where no gas is in¬ 
volved and the change in volume of the solutions is negligibly small, the 
external pressure-volume work is negligible, and AF = AA = 

In a zinc-hydrogen cell, however, in which a mole of hydrogen gas is 
evolved for each mole of zinc consumed, AA would exceed AF by an en¬ 
ergy of 7 )Ar or RT. 

The (change in entropy (A>S) when zinc is added to a solution of copper 
sulfate in a calorimeter cannot be determined by dividing the heat of 
reaction by the absolute temperature, because the reaction carried out 
in this way is not reversible. Only reversible processes can be used in the 
calculation of entropy by equation 5. It is necessary to measure the 
heat evolved or absorbed when the reaction is carried out reversibly. 
For example, the zinc-copper battery just described theoretically can 
be placed in a calorimeter, and the heat which is evolved or absorbed 
can be measured while the cell is operating reversibly. Under these con¬ 
ditions of complete reversibility, the current drawn from the cell is so 
small that the calorimetric measurement would be inaccurate. As in 
many other deductions of thermodynamics, however, useful information 
can be obtained from hypothetical experiments which cannot be carried 
out in the laboratory. 

This quantity of heat absorbed during this hypothetical operation of 
the cell, divided by the absolute temperature, gives the entropy change 
which accompanies the reaction, 

Zn + Cu"^"^ Zn"^"^' + Cu 

no matter how it is carried out, for AS depends only on the initial and 
final states. If a considerable current is drawn from the battery so that 
the process is not reversible, the work will be less than the maximum, 
and the heat absorbed will be less than for the reversible case. This 
latter statement follows from equation 2, wliich on integration becomes 

A5 > I (30) 

for an irreversible isothermal process. However, although q will be 
less than grev.? AS and AF will be the same as calculated for the reversible 
cell because they depend only on the initial and final states. 
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Spontaneous Changes. The second law affords criteria for equilib¬ 
rium and for deciding whether or not a process can possibly take place 
of itself. Thus, by equation 2, if dS > dq/Ty the process is a natural 
one, that is, it is possible for it to take place spontaneousl 3 ^ li dS = 
d^rev./^j fbe process is reversible, or, in other words, the s.ystem is in a 
state of equilibrium. In adiabatic processes which involve a system 
isolated from its surroundirigsy = 0, and the conditions are somewhat 
simpler: dS > 0 for spontaneous changes, and = 0 for changes taking 
place at equilibrium; while dS < 0 for changes which are not possible 
unless energy is supplied from some other source.* 

For a system which is not isolated but is kept in contact with its en¬ 
vironment at constant temperature and pressure, the free energy pro¬ 
vides a more convenient thermodynamic criterion for equilibrium and 
for natural changes. These are the conditions under which many chem¬ 
ical processes are carried out, and, hence, free energy is very important 
in physical chemistry. We may start with the equation, 


F E + pv — TS 

(31) 

At constant temperature and pressure, 


AF == AE + p Av - T AS 

(32) 

From equation 1, 


q T AS 

(33) 

in reversible processes at constant temperature, 
thermodynamics. 

By the first law of 

> 

li 

1 

(34) 

and, hence, on combining equations 32, 33, and 34, 

we obtain 

AF = —w + p Av 

(35) 

For systems subjected to no external forces other than pressure, equa- 

tion 35 simplifies to 


o 

il 

<1 

(36) 


because, under these conditions, the only work done is the pressure- 
volume work. According to this equation, at constant temperature and 
pressure, if there is no change in free energy, the system is in a state of equi¬ 
librium, 

* It may be recalled that in example 3 the isothermal freezing of supercooled water 
at —10® is accompanied by a decrease in‘entropy. But in this case the system is 
not isolated. If the supercooled water were isolated thermally in a vacuum bottle, 
it would not change completely into ice. 
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For spontaneous irreversible processes, a similar line of reasoning may 
be followed, starting with equation 2, 

q <T AS 

and leading to the relation that 

AF <0 

Thus, at constant temperature and constant pressure, if AF has a neg¬ 
ative value, the system can change naturally by itself. If it is a chem¬ 
ically reacting system, the chemical reaction can take place spontan¬ 
eously. 

In case AF > 0, the system is not in a state of equilibrium, and the 
process will not take place spontaneously. It is evident that the reverse 
process would take place spontaneously, however, sin(‘o for the reverse 
process AF would be less than zero. 

These considerations of free energy as a criterion for eciuilibrium or 
spontaneous reaction can be illustrated with a mixture of i(;e and water. 
Botli ice and water have the same free energy per mole at 0° and 1 atm 
pressure, and there is no tendency for the ice to melt or the water to 
freeze in a mixture at 0° and 1 atm. On the other hand, the frtK^ energy 
of water supercooled to —10° C is higher per mole than that of ice at 
— 10°, both being under a pressure of I atm. The change of water to 
ice at this temperature and pressure is accompanied by a de(;rease in 
free energy, and, hence, it is a natural cliange. dlie change in the re¬ 
verse direction, that is, ice changing to water at —10°, cannot take 
place spontaneously because there would then be an increase in free 
energy, that is, AF > 0. 

If the processes are carried out at constant volume instead of at con¬ 
stant pressure, the work content is a more useful thermodynamic*, ejuan- 
tity, and, by reasoning similar to that already outlined, the criterion for 
an equilibrium process is that 

= 0 

and, for a spontaneous process, that 

< 0 

These several relations are summarized in Table III 

Although these criteria may show that a certain process is a natural 
or spontaneous one, it does not necessarily follow that the process will 
take place with an appreciable speed. Thus, a mixture of 1 mole of car¬ 
bon and 1 mole of oxygen at 1 atm pressure and 25° has a free energy 
greater than that of 1 mole of carbon dioxide at 1 atm and 25°, and so 
it is possible for the carbon and oxygen to combine to form carbon diox- 



THERMODYNAMIC CALCULATIONS 


167 


ide at this constant temperature and pressure. HoAvever, thermo¬ 
dynamics has nothing to say about the time that will be required, and 
carbon may exist for a very long time in contact with oxygen; but the 
reaction is possible and will take place slowly. The reverse process—the 
decomposition of carbon dioxide—involves an increase in free energy, 
and it (*an occur only with the aid of an outside agency or by heating to 
a very high temperature where the free-energy change has the opposite 
sign. 

TABLE III 

CrITKUIA for EgillLlBRIITM AND SpONTANEOXIS PROCESSES 



Spontaneous 

1 

1 

Equilibrium 

Not 

Spontaneous 

Ay iq := 0) 

-f- 

0 

_ 

AF (T and p constant) 

— 

0 

+ 

AA (T and v const,ant) 


0 



Early attempts i.o discover a relation between thermodynamics and 
the dii’ection of spontaneous chemical reactions led Berthelot in 1879 to 
the false concbision that tlie evolution of heat in a chemical reaction is a 
measure of chemi(;al affinity. The mere existence of spontaneous re¬ 
actions which absorb heat and the general reversibility of all reactions 
under suital)le conditions show that this suggestion cannot be right. In 
some (’ases, howx^ver, where the entrop}^ change is very small, it serves 
as a lough approximation. This statement follows from the relation, 
= A// ~ T Aa 8, at constant temperature and the criterion, AF < 0, 
for spontaneous processes under the conditions usual for carrying out 
chemical reactions. If T A>8 is small compared with AF, as is often true, 
then A// and AF will have the same sign and approximately the same 
magnitude; A// will then be negative, and heat will be evolved in the 
spontaneous reactions with negative values of AF. 

A qualitative principle known as the theorem of Le Chatelier has 
been useful in predicting the direction in which a change may be ex¬ 
pected. According to this theorem, if a system at equilibrium is dis¬ 
turbed, the system will shift in such a way as to minimize the effect of 
the disturbance. For example, if pressure is applied to ice, the ice melts 
to give liquid water, which has a smaller volume, and the pressure is 
relieved. Other examples are given in later chapters. 

Thermodynamic Calculations. The various thermodynamic quan¬ 
tities q, Wj //, F, Sf Ej and A, are understood best through the quan- 
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titative relations which connect them. In this section simple physical 
processes are considered. Applications to chemical processes may be 
found throughout the book. In considering the application of thermo¬ 
dynamic formulas to a given problem, the various restrictions under 
which these formulas were derived must be borne in mind, and it is well 
to consider: (a) What arc the initial and final states? (b) Is the process 
reversible or not? (c) Is it isothermal or not? (d) Is it isobaric or not; 
that is, is it carried out at constant pressure? 


Example 4- One mole of benzene is vaporized at the boiling point 80.2° or 
353.3° K under a pressure of 1 atm. The lieat of vaporization measured in a 
calorimeter at constant pressure is 94.4 cal per gram. Cahmlate w and q and 
each of the thermodynamic quantities A//, Ad, and AS. The process is 

CeHe (/) CeHe (vap) 

and it is carried out reversibly, iso thermally, and at a constant i)ressure of 1 atm. 

Qp — AH — 94.4 X 78.11 = 7374 cal per mole 

Assuming that the volume of the liquid is negligible in comparison with that of 
the vapor and that the vapor obeys the simple gas laws, we have 

W = pAV = p(Fvap. - =*prvap. = RT 

- 1.987 X 353.3 = 702 cal per mole 
AE = A// - p A?; - 7374 - 702 = 6672 
AA — —wWx. = —pAv— —702 

AF = J'r dp == 0 

Also, calculating AF in a different way gives 

AF = Ad + p Ac = -702 + 702 = 0 

AN = -p = = 20.87 entropy units 


Also, calculating AN in a different way yields 


AN = 



7374 - 0 
353.3 


20.87 entropy units 


Example 5. One mole of an ideal gas at 27.0° changes its pressure from 10 
to 1 atm by expanding isothermally and reversibly against a pressure which is 
gradually reduced. Calculate each of the thermodynamic quantities. Calcu¬ 
lations with the simple gas equation show that the volume expands from 2.462 
to 24.62 liters. 

* The symbol = is used to indicate ^ approximate equality. 
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The process is carried out isothermally and reversibly, but the pressure is not 
constant. 

= Kr In ^ = 1.987 X 300.1 X 2.303 log 

Vi 2.462 

- 1.987 X 300.1 X 2.303 X 1 = 1373 cal 

A A — — “1373 cal 

Since the internal energy of an ideal gas is not affected by a change in volume. 
AE = 0 

q AE + w = 0 + 1373 = 1373 cal 
AH AE + A(pv) = 0 -f 0 - 0 


since pv is constant for an ideal gas at constant temperature. 

AF - f\ulp = RT[\np\\o = 1.987 X 300.1 X 2.303(-l) = “1373 cal 
*^10 

Also, 

AF = AA -f A(pv) = “1373 + 0.- “1373 cal 



Example 6, One mole of an ideal gas expands isothermally at 27° into an 
evacuated vessel until the pressure drops from 10 to 1 atm; that is, it expands 
from a vessel of 2.4G2 liters into a connecting vessel su(^h that the total volume 
is 24.62 liters. Calculate the change in thermodynamic quantities. 

This process is isothermal, but it is not reversible, and the pressure is not 
constant. 

w — 0 because the system as a whole is closed and no external work can be 
done. 

O' = 0 because, according to the Joule-Gay-Lussac effect, there is no heat 
change in the vessel as a whole during the expansion of an ideal gas. 

A A and AF cannot be calculated directly from w, because the work is not 
maximum work, and AS is not equal to g/T, because the heat is not measured in 
a reversible process. But these quantities are independent of the path, and 
their differences between initial and final state are identical with those of the 
preceding example 5 carried out under conditions which permit their calculation. 

Then, 

AF = “1373 cal, AA - “1373 cal, AH = 0, AE ^ 0, 

AS = 4.58 entropy units 
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Conversion of Heat into Work, When a .system goes through a series 
of changes which bring it back to its original state (a cyclic process), no 
work can be produced from heat absorbed if the temperature is main¬ 
tained constant. However, when heat can be removed at a lower tem¬ 
perature, some heat^can be converted into work, and the maximum work 
obtainable can be calculated as shown in the following derivation. A 
reversible engine is assumed, for only in a reversible process can the max¬ 
imum work be obtained. 

Consider an engines which performs the following steps reversibly 
(Carnot cycle): q 2 units of heat are taken in at temperature T 2 , the tem¬ 
perature is changed to Ti by an adiabatic process (such as adiabatic ex¬ 
pansion of a gas in the engine), Qi units of heat are rejected to the sur¬ 
roundings at the lower temperature Ti, and the cycle is then completed 
by an adiabatic process which raises the temperature to T 2 and rc^stores 
the system to its original state. The engine gains entropy q 2 /T 2 at the 
higher temperature, loses entropy qi/Ti at the lower temperature, and 
suffers no change in entropy in the adiabatic, steps, because in these steps 
7 = 0. The entropy change in the engine is zero for a complete cycle 
because the engine returns to its original condition and therefore to its 
original entropy. Then, 


Si 

T2 


Tx 


(37) 


For the complete eyede AA' is zero also, and, by the first law, the work 
done per cycle is given by 

w = q2 - qi (38) 


Solving equation 37 for 71 and substituting in equation 38, we obtain 


T2 - Ti 
f 2 


(39) 


wherein we have explicitly indicated that the work obtained is a max¬ 
imum, since the process is reversible. 

This important equation, which may be regarded as a mathematical 
statement of the second law of thermodynamics, is independent of the 
properties of the substance in the engine and of the engine itself, pro¬ 
vided it undergoes a Carnot cycle. It shows that the maximum fraction 
of heat which can be converted into work, that is, t^^max ./^27 or the max¬ 
imum efficiency of the process, is equal to the difference in temperature 
divided by the higher absolute temperature. If the condenser could be 
placed at absolute zero all the heat would be available for doing work, 
and the maximum efficiency would be unity. This equation 39 finds 
important applications in engineering. 
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Example 7, What is the maximum work that can be obtained from 1000 cal 
of heat supplied to a water boiler at 100° if the condenser is at 20°? 

„ ^2 - 7^1 373.1 - 293,1 , 

Q 2 jp — (1000) ^ — 214 cal 

If the boiler temperature is raised to 150° by the use of superheated steam 
under pressure, how much more work can he obtained? 

423 1 — 2Q3 1 

^Wx. = (1000)-^ 3 ^;^ = 307 cal 

307 — 214 == 93 cal more 

Mercury engines have been successfully operated, and their thermo¬ 
dynamic efficiency is higher than that of steam engines because the boiler 
temperature is 723° K; but the advantage is offset by the initial cost of 
mercury, the great weight, and the danger from poisoning by mercury 
vapor. 

A relation of the same form as equation 39 was derived by Carnot for 
an ideal gas put through a Carnot cycle, which in this case consists of 
an isothermal expansion at Ti, adiabatic expansion to T 2 f isothermal 
compression at 72, ^^nd finally an adiabatic compression to Ti. The 
details are given in the appendix on page 676. The second law as de¬ 
rived in equation 39 is general, whereas the Carnot cycle is derived only 
for an ideal gas. 

The temperature used in deriving equation 39 was introduced in 
equations 1 and 2 and called the thermodynamic absolute temperature 
without further discussion, whereas the temperature used in the deriva¬ 
tion in the appendix leading to the same relation is the absolute tem¬ 
perature of ordinary usage, defined in terms of the properties of ideal 
gases. Hence, both temperature scales are essentially the same, and, if 
one degree on the thermodynamic scale is taken equal to 1° C, the scales 
become identical. 

The Gibbs-Helmholtz Equation. Another important relation is ob¬ 
tained by differentiating equation 12 with respect to temperature at con¬ 
stant pressure. 



The second and third terms are both equal to Cp. They cancel out, 
leaving 
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In words, the derivative of free energ}^ with respect to temperature at 
constant pressure is equal to the negative of the entropy. 

Substituting the equivalent of —>S from equation 12 gives 



(42) 


or, taking the values of F and H in the initial and final states of an iso¬ 
thermal process, 

\ A/^ — A// 

(43) 


/dAF\ 


T 


According to tliis equation, the difference between the change in free 
energy and the change in enthalpy for an isothermal process, divided by 
the absolute temperature, is equal to the rate at which the difference in 
free energy changes with temperature, when the pressure is kept con¬ 
stant. This important eciuation is known as the Gibbs-Helmholtz 
equation. It is illustrated in detail in a later chapter (page 440). 
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PROBLEMS 

1 . A mole of steam is condensed at 100°, and the water is cooled to 0° and frozen 
to ice. What is the entropy change? Consider that the average specific heat of 
liquid water is 1.0. Heats of vaporization and fusion are 539.7 and 79.7 per gram. 

Arts. AS — —30.9 e u. 

2 . Calculate the molal entropy of liquid chlorine at its melting point, 172.12° K, 
from the following data obtained by Giauque and Powell: 


t°k: 


15 

20 

25 

30 

35 

40 

50 

60 

Cp cal degree 

mole ^ 

0.89 

1.85 

2.89 

3.99 

4.97 

5.73 

6.99 

8.00 

T°K 


70 

90 

no 

130 

150 

170 

172.12 

Cp cal degree"^ 

mole“^ 

8.68 

9.71 

10.47 

11.29 

12.20 

13.17 

m.p. 


Heat of fusion == 1531 cal per mole. 

A plot of Cp/ T against T is most convenient for the graphical integration. Below 
15° it may be assumed that Cp is proportional to T^, Ans. 24.9 e u. 
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• 3 . A thermostat was maintained at a temperature of 96.9°. The air in the room 

was at 26.9°, During a certain length of time 1000 cal of heat leaked through the 
thermostat insulation into the room. 

(a) What was the entropy change of the material in the thermostat? 

(b) What was the entropy change of the air in the room? 

(c) Was the process reversible or irreversible? 

Ans. (a) —2.70 e u; (b) 3.33 e u; 

(c) Total entropy change = 0.63 e u, therefore irreversible. 

4. Tabulate: (a) w, (h) (c) AH, (d) AE, (e) AF, (/) AA, {g) AS when 1 mole of 

steam is compressed reversibly to liquid water at the boiling point 100°. The heat 
of vaporization of water at 100° and 760 mm is 539.7 cal p(;r gram. 

Ans. (a) -743 cal. (b) —9720 cal. (r) -9720 cal. {d) —8977 cal, 

(c) 0. (/) 743 cal. {g) -26.0 e u. 

5. One liter of an ideal gas at 300° K has an initial pressure oL 15 atm and is 
allowed to expand isotlKirrrially to a volume of 10 libers. 

{a) Calculate the maximum work which can bt^ obtained from the expansion. 
Calculate ( 6 ) AE, (r) All, {d) AF, (e) AA. 

Ans. (a) 830 cal. (b) 0. (r) 0. (ri) -830 cal. (e) -830 cal. 

6 . D(‘rive an (*xpr(!Ssion for the differenc^e in (uitropy of 1 mole of an ideal gas 

with constant heat capa(uti(‘s at a temperature 7 1 and pressure pi and at temperature 
72 and pressure p 2 by calculating the entropy changes when 1 mole of the gas is 
heabid from Tiio T 2 at constant pressure pi and then is iso thermally and reversibly 
compressed from pi to p^. m _ 

Ans. A >8 = Cpln^-721n^. 

Ti Pi 

7. Theoretically, how high could a gallon of gasoline lift an automobile weighing 

3200 lb against the force of gravity, if it is assumed that the cylinder temperature is 
2200° and the exit temperature 1200°? (Density of gasoline == 0 . 8 ; 1 lb = 453.6 g; 
1 ft = 30.48 cm; 1 liter — 0.2642 gal. Heat of combustion of gasoline = 11,200 cal 
ptT gram.) Ans. 13,200 ft. 


8 . Calculations with the Debye formula show’ the molal entrop)y of silver iodide 
to be 1.5 (*ntropy units at 15° K. From the following data for the molar heat capacity 
at constant pressure, calculate the molal entropy of silver iodide at 298.1° K: 


21.00 3.82 
30.53 5.23 
42.70 7.09 
52.15 8.20 


Cp 

64.44 9.36 
88.58 10.60 
105.79 11.19 
126.53 11,60 


T" Cp 
145.67 11.92 
170.86 12.15 
198.89 12.49 

228.34 12.76 


r° Cp 
258.79 13.05 
273.23 13.26 
287.42 13.48 
301.37 13.64 


9. One mole of nitrobenzene C 6 H 5 NO 2 is vaporized at 210 °. The heat of vaporiza/- 
tion at this temperature is 79.1 cal per gram. Calculate (a) q, (b) w, (c) AH, {d) AE, 
(c) AF, (/) AA, {g) AS. 

10. Ten grams of helium is compressed isothermally and reversibly at 226.9° from 
a pressure of 2 atm to 10 atm. Calculate (a) q, (h) w, (c) AF, (d) AA, (c) AH, (/) AE, 
ig) AS. 

11 . Calculate each of the quantities listed in Problem 10 for the isothermal com¬ 
pression of the helium not reversibly, but with a pressure of 10 atm applied directly. 

12. One mole of NH 3 (considered to be a perfect gas) initially at 25° and 1 atm 
pressure is heated at constant pressure until the volume has trebled. Calculate 
(a) q, (b) w, (c) AH, (d) AE, (e) AS. For NH 3 , Cp = 6.70 + 0.0063T. 



164 


THERMODYNAMICS 


13. In the reversible isothermal expansion of an ideal gas at 300° K from 1 litoi 
to 10 liters, where the gas has an initial pressure of 20 atm, calculate (o) AS for the 
gas, (6) AS for all systems involved in the expansion, (r) AA for the gas, (d) AA for all 
systems involved in the expansion. 

14. Calculate the theoretical maximum efficiency with which heat can be convtirted 
into work in the following hypothetical turbines: 

(a) Steam at 100° with condenser at 40°. 

(b) Mercury vapor at 360° with condenser at 140°. 

(c) Steam at 400° and condenser at 150°. 

(d) Air at 800° and exit at 400°. 

(e) Air at 1000° and exit at 400°, special alloys being used. 

(/) Helium at 1500° and exit at 400°, heat from atomic energy being used. 

15. Show that the coefficient of performance of a refrigeration machine, defined 
as the ratio of the heat absorbed by the refrigeration fluid at the low hini}H*rature T 2 
to the work done by the compressor on the fluid, is T^/iTi — 7 2 ) for reversible 
operation. The cycle consists of absorption of heat by the fluid in the evaporator 
at 7^2, reversible adiabatic compression which raises the temperature to 7"i, rejection 
of heat in the condenser at 7'i, and reversible adiabatic (^xpamsion which lowt^rs the 
temperature to T 2 . How much work must be doiu^ in a rc^frigerating machine, oper¬ 
ating in a Carnot cycle betw'een 0 and 25°, in order to freeze 100 kg of water? 

16. Calculate the changes in entropy of a mole of water when it is cooled at 1 
atm from vapor at 200° to liquid at 25°. Cp for steam = 7.00 + 0.002777^, Cp for 
water = 18, and li(;at of vapcjilzation — 530.7 (jal p(‘r gram. 

17. Calculate the differences between the atomic entropies of Ilg (/) and Ilg (s) 
at —50°. The melting point of Ilg is —39°, and tlui h(iat of fusion is 560 cal per 
gram-atom. The heat capacity per gram-atom of Hg (/) may be taken as 7.1-0.00167' 
and that of Hg (s) as 6.4 cal ijor degree. 

18. (a) Calculatxi the cxt(3rnal work done against the atmosphere when 1 mole of 
toluene is vaporized at its boiling point, 111°. The heat of vaporization at this 
temperature is 86.5 cal ^oer gram. 

For the vaporization of 1 mole, calculate (5) q, (c) AH, {d) AE, {e) AF, (/) AA, 

ig) A^. 

19. Calculate (a) w, (h) AA, and (c) AF when one mole of liquid water is evaporated 
at its boiling point 100° at I atm and then expanded in its vapor stat(‘ from 30.5 to 
50 litei*s at 100°. 

20. A thennodynamic sysb^m goes through a cycle consisting of two steps. In 
th(i first step 1000 joules of work is performed by the system on the surroundings, 
and 500 cal of heat is absorbed by the system. In the second step 700 joules of work 
is done on the system. How much heat is absorbed by the system in the second step? 

21 . One mole of an ideal gas in 22.4 liters is expanded isothermally and reversibly 
at 0° to a volume of 224 liters and yV 

Calculate (a) w, (b) q, (c) All, (d) AF, (e) AS for the gas. 

One mole of an ideal gas in 22.4 liters is allowed to expand irreversibly into an 
evacuated vessel such that the final total volume is 224 liters. 

Calculate (/) w, (g) q, (h) AH, (t) aF, (j) AS for the gas. 

Calculate (k) AS for all the systems involved in (e) and {1} AS for all the systems 
involved in (j). 

22 . Discuss the advantages and disadvantages of using diphenyl instead of water 
for an engine. Diphenyl boils at 254.6° and melts at 70.5°. 
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23. An ideal gas expands isothermally and reversibly from a state of pi and 
to a state of p 2 and v^. Calculate the work done by the gas and also the ^vdp term. 

What is the change in the product of p and t;? 

An actual gas which obeys the relation p{v — h) = where 6 is a constant, 
under c(irtain conditions expands isothermally and reversibly from a state of pi and 

vi to a state of p 2 and v^. Calculate the work done and also the term Jv dp. What is 

the change in the product of p and t;? What general conclusion can be drawn from 
these results? 

24. A system at a temperature of 300° K, under a constant pressure of 1 atm 
and occupying a volume of 2 liters, is heated to a temperature of 400° K. During 
the h(;ating, th(^ system absorbs 10 cal per degree rise in temperature. The system 
occupies a volume of 3 liters at 400° K. Calculate (a) AE, {b) AHj (c) for the 
system. 

25. A 2-liter contain(?r at 0° contains H 2 S (assumed to be an ideal gas) at 1 atm 

pressure. The gas is heated to 100°, the external pressure remaining 1 atm. Cal¬ 
culate (a) the heat- absorbed, (b) the work done, (c) AE^ (d) AH, and (c) AS. For 
H 2 S, Cp = 7.15 + 0.00332T._ 

26. (a) Calculate the least work which would have to be p(‘rformed in order to 
extract 100 cal of heat from an ice bath at 0°, when the surroundings are at 25°. 

(b) How much heat at 25° could be obtairuid from the ice bath on the expenditure 
of 10 cal of work? 

27. For a reversible proc(^ss the net AS for all systems involved is equal to zero. 
Show that in an isothermal process the net A A for all systems involved is also equal to 
zero. 

28. An isothermal irreversible process takes place at 300° K so that the net gain 
in entropy for all systems involved is -flO.O entropy units. Calculate the minimum 
amount of work which would have to be transformed into heat at 300° K to restore 
th(i systems involved to their previous state. 

29. One-half mole of an ideal monatomic gas initially at 25° and occupying a 
volume of 2 liters is allowed to expand adiabatically against a constant pressure of 
1 atm until cxUirnal and internal pressures are equal. The gas is then compressed 
isothermally and reversibly until its volume is 2 liters at the lower temperature. 
Calculate (a) q, net heat absorbed, (6) w, net work done, (c) AE, (d) AH, and (e) AS. 
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THE LIQUID STATE 

Theory of Liqtiids. A licjuid has no definite shape, but it does retain 
a definite volume under given conditions. The distance between mole¬ 
cules is much less in liquids than in gases, as illustrated by the fact that 
a mole of liquid water at 100® occupies 18.8 ml, but when vaporized it 
occupies about 30,200 ml at 1 atm pressure. This closer proximity of 
molecules in the hc^uid state and a corresponding restriction of their 
movements result in a lesser fluidity and make the effect of pressure and 
temperature much less in the case of a liquid than a gas. 

The internal energy in the vapor state is greater than in the licjuid 
state because it is necessary to supply energy in order to overcome the 
force of attraction which holds the molecules close together in the licpiid. 

A liquid may be regarded as a condensed gas or as a melted solid, and 
each point of view is important. The theory of liquids is in a much less 
satisfactory state than the theork^s of gases and crystals, but important 
progress is being made in our understanding of the structure of licpiids.* 

At any instant liquids do possess something analogous to a definite', 
arrangement between neighboring molecules as shown by the patterns 
they exhibit when X-rays are passed through them. Moreover they re¬ 
quire the expenditure of energy when one layer of liquid is forced past 
another. These facts and many more seem to be explained best on the 
hypothesis that the molecules are squeezed together by their own forces 
of mutual attraction but that each molecule has a free volume surround¬ 
ing it, in which it behaves effectively as an ideal gas. In a solid the mole¬ 
cules cannot move from one place to another, but in a liquid they can, 
provided that a small amount of energy is supplied. The thermo- 
djmamic properties of a liquid, such as vapor pressure, specific heat, and 
entropy of fusion, can be expressed in terms of tliis free volume. 

Liquefaction of Gases. More than a century ago, Faraday liquefied 
practically all the gases which condense at moderate pressures and not 
too low temperatures. He inverted a sealed-off U tube and heated one 
end while the other was immersed in a freezing mixture. Thus, when 
crystals of chlorine hydrate were heated in this tube, the liberated chlo- 

* Hirschfelder, The Structure of Liquids, J. Chem. Education^ 16,540 (1939) ^Frenkel, 
‘The Kinetic Theory of Liquids,^' Clarendon Press, 1946. 
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rine gas was put under such a high pressure that it condensed to a yellow 
liquid in the cold end of the tube. 

In 1834 Thilorier liquefied carbon dioxide in rather large amounts and 
observed that the evaporating liquid became sufficiently cold to freeze. 
He was able to obtain a temperature of —100° C' by placing a mixture of 
solid carbon dioxide and ether under reduced pressure. 


A A 



Fig. 41. The liquefaction of gases. 


The following orinciples are involved in the liquefaction of gases: (1) 
the gas must be below its critical temperature; (2) the pressure must be 
great enough to cause liquefaction, and the lower the temperature the 
lower is the required pressure; (3) the incoming gas is cooled by the out¬ 
going gas which has been cooled by expansion; (4) the gas is cooled by 
doing external work in an engine; and (5) it is cooled by expanding 
against the force of attraction between the molecules as explained in the 
discussion of the Joule-Thorn son effect. 

Air was first liquefied in large quantities in 1895. The operating prin¬ 
ciple of the Linde process and the Claude process are indicated in Fig. 41. 
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In both processes the gas is compressed in a pump shown at A and passea 
through a coil in B which is cooled with a refrigerant such as liquid am¬ 
monia, and, then, after further cooling in C and D, it is forced through a 
small opening E where it falls to atmospheric pressure. This large ex¬ 
pansion causes a marked cooling, and the cold gas passes up around the 
gas in the coils and cools them still further. This cooling of the incoming 
gas by the colder outgoing gas continues until finally the gas leaving the 
jet £' is so cold that the additional cooling from expansion causes a part 
of it to lieuefy and fall to the bottom of the container where it is drawn 
off and stored in vacuum-jacketed vessels. 

The Linde process makes use only of the cooling due to this expansion 
of air against molecular attraction, and in spite of its extensive use it is 
inefficient from a theoretical standpoint. In laboratory units it operates 
at about 200 atm and produces nearly a liter of liquid air per kilowatt- 
hour. 

Instead of allowing the energy of compression to be wasted b}^ free 
expansion into the atmosphere, as is done in the Linde proc^ess, the 
Claude process conserves some of it by passing a large fraction of the 
compressed gas through an engine W. The work done by this engine 
helps to operate the compressor and so the total power consumption is 
reduced. After doing work in the engine IT, the gas is colder and serves 
to cool further the rest of the gas which is passing through the coils in 
chamber C. Still further cooling preparatory to expansion and liquefac¬ 
tion takes place in chamber D, Although this process is much more 
efficient than the one in which none of the energy of compression is re¬ 
covered as useful work, there are practical difficulties in operating an 
expansion engine at low temperatures, be(;ause of the pi-oblem of lubrica¬ 
tion and unequal thermal expansion of the moving parts. 

The liquefaction of gases finds extensive application. Ammonia, 
sulfur dioxide, methyl chloride, and Freon (CF 2 CI 2 ) are among the gases 
used in refrigeration. A gas suitable for refrigeration should have suit¬ 
able boiling and freezing points, a high critical temperature, and a large 
heat of vaporization. It should be stable, nonpoisonous, and inex¬ 
pensive. 

Solid carbon dioxide, known as “dry ice,^^ is also much used as a re¬ 
frigerant and as a substitute for ice. It is lighter than ice. It leaves no 
water or objectionable residue on being heated, and it can be kept in 
small containers for several hours. When foods are frozen very rapidly 
by means of “dry ice,’’ their texture is preserved. A vacuum bottle of 
dry ice in acetone gives a convenient mixture at about — 80° C for lab¬ 
oratory experimentation. 

Many gas mixtures can be separated by liquefaction. The fractional 
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distillation of liquid air is the chief source of commercial nitrogen and 
oxygen. If the cost of liquefying air could be reduced, many new uses 
for oxygen would arise, particularly in blast furnaces and combustion 
operations involving the production of high temperatures. Oil-oxygen 
furnaces might replace electric furnaces, for example, in the production 
of calcium carbide. The use of oxygen has expanded already to such an 
extent that cheap oxygen is now transported in large insulated tank cars 
and tank trucks. 

The production of liquid oxygen at $2.75 per ton has been considered 
in developing large-s(iale operations. Small-s(;ale units for liquefying air 
have been developed recently.* 

Through the use of oxygen instead of air it is possible to eliminate nitro¬ 
gen from combustion processes. In this way coal and organic matter 
can be converted into carbon monoxide by a continuous process; or with 
steam into carbon monoxide and hydrogen. These gases are finding ex¬ 
tensive use in the produ(;tion of synthetic gasoline and may eventually 
lead to a more economical use of coal at the mine. 

The rare gas(^s of the atmosphere, neon and argon, used in electric 
lamps, can be recovered as by-products in the liquefaction of air. For¬ 
merly regarded as laboratory curiosities, they now find wide use in 
elec>tric lighting—neon in high-voltage colored lights and signs, and argon 
in tungsten-filament lamps. 

Idle j’emoval of moisture from air by passage through tubes in a re¬ 
frigerating bath, the recovery of helium from natural gas, and the 
production of liquid propane in tanks for household cooking are among 
the many industrial applications of the liquefaction of gases. The im¬ 
portant laboratory investigations of specific heats at low temperatures 
are dependent on liquid air, liquid hydrogen, and liquid helium. 

Vapor Pressure of Liquids. According to the kinetic theory there is a 
continuous flight of molecules from the surface of a liquid into the free 
space above it. At the same time molecules of gas or vapor f return to 
the surface of the liquid at a rate depending on the concentration of tlie 
vapor. Eventually, a condition of equilibrium is established between 
the liquid and its vapor, when the rate of escape is exactly equal to the 
rate of (ionderisation of vapor. The vapor is then said to be saturated. 
The pressure exerted by vapor which is in equilibrium with the liquid is 
known as the vapor pressure. The equilibrium between a liquid and its 
vapor is dependent on the temperature. For every temperature below 

Keyes, Chem. Rcw.^ 39 , 449 (1946). 

t A vapor is generally defined as an easily liquefiable gas as distinguished from 
permanent gases such as nitrogen and hydrogen which must be cooled far below room 
temperature before becoming liquid at atmospheric pressure. 
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the critical temperature, there is a certain pressure at which vapor and 
liquid may exist in equilibrium in all proportions; and, conversely, for 
every pressure below the critical pressure, there is a certain temperature 
at which vapor and liquid may exist in equilibrium in all proportions. 
In the special case where the pressure is 760 mm, this temperature is the 
standard boiling point of the liquid. The vapor pressure of a liquid is a 
constant quantity at any temperature and is independent of the amounts 
of liquid and vapor present, but it increases as the temperature is raised. 
Table I gives the vapor pressure of several typical liquids from 0 to 100°. 
These data are plotted in Fig. 42 on rectangular coordinates, and in 
Fig. 43 the logarithms of the vapor pressure in millimeters are plotted 
against the reciprocals of the absolute temperature. The reciprocals of 



Temperature {*C) 

Fig. 42. Vapor-pressure-temperature curves for seven common liquids. 
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TABLE 1 


Vapor Pressures of Liquids in Millimeters of Mercury 


r c 

Water 

Ethyl 

Ether 

Ethyl 

Bromide 

Acetone 

Ethyl 

Acetate 

Ethanol 

n^Octane 

0 

4.58 

185.3 

165 


24.2 

12.2 

2.9 

10 

9.21 

2<.)1.7 

257 

115.6 

42.8 

23.6 

5.6 

20 

17.54 

442.2 

386 

184.8 

72.8 

43.9 

10.4 

30 

31.82 

647.3 

564 

282.7 

118.7 

78.8 

18.4 

40 

55.32 

921.3 

802 

421.5 

186.3 

135.3 

30.8 

50 

92.51 

1277.0 

1113 

612.6 

282.3 

222.2 

49.3 

60 

149.38 


1512 

866.0 

415.3 

352.7 

77.5 

70 

233.7 



1200.0 

596.3 

542.5 

117.9 

80 

355.1 




832.8 

812.6 

174.8 

90 

525.76 




1133.0 

1187.0 

253.4 

100 

760.0 




1520.0 


353.6 



Fig. 43. Log p vs 1/T curves for the liquids shown in Table I. 
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the absolute temperature have been multiplied by 10^ for convenience 
in plotting. Thus, 0° or 273.1° K gives for \/T a value of 0.00366 or 
36.6 X 10~^ as shown at the extreme right. 

These graphs follow as a first approximation the equation, 

log P = ~ ^ (1) 

where p is the vapor pressure and A and B are constants. 

Exam,pie 1 . Draw the best straight line through the points obtained l)y plot¬ 
ting log va|X)r pressure of iodobenzene against the reciprocal of the absolute 
temperature. At 70° the vai)or pressure is 13.65 mm, at 110° it is 73.88, and 
at 170° it is 479.7 mm. 

(а) Find the equation for this straight line. 

log p + B 

A = sloiTe = -2.370 X lO^ 

B = y intercept = 8.041 

log P = -I- 8.041 

(б) Calculate the vapor pressure at 0°. 

— 2370 

log P = + ^*^141 = -0.637; p = 0.231 mm 

^ f O. 1 


i« 


(c) Calculate the boiling point, that is, the temperature at which the pressure 
760 mm. 


log 760 = 


4- 8.041 


T = 


2370 

8.041 - log 760 


= 459.3° K = 186.2° C 


Measurement of Vapor Pressure. The boiling temperatures of a 
liquid may be determined at various pressures using a vacuum or pres¬ 
sure pump to change the pressure and a manometer to measure it. The 
thermometer is not immersed in the liquid, because the liquid may be¬ 
come superheated. It is supported so that the vapor condenses on it and 
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bathes the thermometer bulb with liquid, which is in equilibrium with 
the vapor at the measured pressure. In another method the liquid is al¬ 
lowed to drip slowly over the thermometer bulb while it is heated by the 
condensation of vapor. There is no danger of superheating the liquid 
above its normal boiling temperature if the heat is supplied only by the 
condensing vapor. Care must be taken to insure that all dissolved air or 
other gas is boiled out before the measurements are taken; otherwise the 
total pressure as measured by the manometer will be larger than the true 
pressure of the pure vapor. 

The gas-saturation method is an accurate and convenient method for 
determining the vai)or pressure of a liquid. A current of pure dry air 
or other gas is bubbled slow ly through a ^ceighed amount of the liciuid 
whose vapor prc'ssure is to be determined. The licjuid is maintained at 
(constant temperature, and its loss in weight is measured. The vapor 
may be removed from the gas stream in an absorption tube and weighed, 
or the liquid in the vessel may be w^eighed before and after. In passing 
through the saturating vessel the air absorbs an amount of vapor di- 
rectl}" proportional to the vapor pressure of the licpiid. The acjcuracy of 
this method depends, of course, on having the gas completely saturated 
with vapor, and, in order to give ample contact with the liquid, the gas 
is often j^assed through tw’o or more vessels of liquid in series. 

If V is the volumes w'hich (*ontains g grams of the vaporized liquid 
having the molecular weight M, and p is the pressure of the vapor in 
equilibrium with the liquid at the temperature T, then the vapor pres¬ 
sure p of the liquid is calculated from the ideal-gas laws by the formula, 


or 


pv 


M 


RT 


p = ~RT 
Mv 


( 2 ) 


For approximate calculations the volume v occupied by the vapor 
may be taken as the volume of the dry air measured before it becomes 
saturated with the vapor. For more accurate calculation or for high 
vapor pressures, allowance must be made for the fact that the total 
volume of the gases is increased by the introduction of the vapor. The 
volume Vj of both air and vapor through which the vapor molecules are 

P 

distributed, is where v' is the volume of the pure air before 
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saturation, P is the barometric pressure, and p is the vapor pressure of 
the liquid. Then, 

g RT g RT 
^ ~ Tl~ ~ M v'P 
P — y 


V 


0 


+ 


M v'p) 


g RT 

mI/' 


cjRT 

Mv' 

1 H- 

Mv'P 


( 3 ) 


Example 2. Wlien liquid bromobenzene was \^aporized at 30.0° by passing 
20.00 liters of dry air through it, the loss in weight of the liquid was 0.9414 g. 
The barometric pressure was 700 rnm. The molecular weiglit is 157.0. Approx¬ 
imately, what is the vapor pressure at this tem])erature? 


_ g RT _ 0.9414 X 0.08205 X 303.1 
^ ~ M P ~ 157.0 X 20.00 


0.00746 atm 


p — 0.00740 X 760 = 5.67 mm 


More exactly, what is the vapor pressure, if equation 3 is used? 


0.00746 

1 


0.00740 atm 


p = 0.00740 X 760 = 5.62 mm 

The difference between the use of equation 2 and equation 3 is much more 
pronounced with materials of high vapor pressure. 

The Clapeyron Equation. The theoretical explanation of the em¬ 
pirical relation between vapor pressure and temperature was developed 
by Clapeyron in 1834. Consider a liquid in equilibrium with its vapor 
at a temperature T and a pressure equal to the vapor pressure y at that 
temperature. If some of the liquid is vaporized at this equilibrium pres¬ 
sure and temperature, by equation 36 of Chapter VIII, 

AF ^0 


Since the free energy of the whole system does not change in this case, 
the decrease in free energy of the liquid phase due to the loss of a given 
weight of liquid, 1 g, for example, must equal the increase in free energy 
of the vapor phase due to the gain of 1 g of vapor. 
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Representing the free energy of 1 g of the liquid by Fi, and that of 1 g 
of the vapor by F 2 under these conditions, we may write for the previous 
equation, 

Fx = F2 (4) 


If the temperature is raised to T dT, the pressure must be increased 
to p + dp, the vapor pressure at this higher temperature, in order for the 
two phases to be in equilibrium. Under these conditions the free energy 
of 1 g of the liquid and of 1 g of the vapor will be Fi + dFi and F^ + 
respectively, and, since the change in free energy of the system must be 
zero for vaporization of the liquid at this equilibrium pressure and tem¬ 
perature, 

F,+ dF^ = 7 ^ 2 + dF2 


Therefore, subtracting equation 4 gives 

dF^ = dF2 


( 5 ) 


By differentiating eciuation 31 of Chapter VIII, 

Fi = El + piVi — TiSi 

we obtain 

dF 1 = dEi -|- Pi dvi -f- Vi dpi — Ti dSi — Si dTi ( 6 ) 

For a reversible process, 

dq==TdS 

and by the first law of thermodynamics, 

dEi dq — dw Ti dSi — pi dvi 
Substituting for dEi in equation 6, we have 

dFi = dpi - .Si dTi (7) 


This relation gives the increase in free energy of 1 g of the liquid when 
the pressure is increased by dpi and the temperature by dTi] Vi is the 
volume and .Si the entropy of the given weight of liquid at pressure pi 
and temperature Ti. A similar equation holds for the vapor: 

dF2 = V 2 dp2 — S 2 dT2 ( 8 ) 

The subscripts on dp and dT may be dropped in equations 7 and 8 
since the temperature and pressure of the two phases are the same. 
Setting these two equations equal as justified by equation 5 gives 

vi dp — Si dT — V 2 dp — S 2 dT 

or, on rearranging, 

dp S 2 - Si 

^ ( 9 ) 

dT V 2 — Vi 
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Also, we have 

-S 2 - <S’, = ^ (10) 

where I is the heat of vaporization of a gram of the liquid at this tem¬ 
perature and pressure. Substituting from equation 10 into eciuation 9, 
we obtain the CHapcyron equation: 

dp I 

- ~ 7 (11) 

dT T{v2 - Vi) 

This equation gives the rate of change of the vapor pressure of a liquid 
with temperature, dp/dl\ in terms of the heat of vaporization /, volume 

of the liquid, and volume ^>2 of the vapor at the temperature T and 
pressure p. The quantities Z, Vi^ and V 2 all apply to the same weight of 
material. 

In using this equation it is necessary to have the units consistent; 
that is, the heat term must be expressed in the same units as the product 
of pressure and volume change. If the pressure is given in atmospheres 
and volume in liters, the heat may be expressed in liter-atmospheres 
(1 cal = 0.04129 1-atm); or the pressure may be converted into d^mes 
when the heat is expressed in ergs. 

Example 3. What is the rate of change of the vapor pressure of water at 
100°? The heat of vaporization is 539.7 cal per gram, the specific volume, 
that is, the volume occupied by 1 g of liquid water is 1.043 ml, and the specific 
volume of steam is 1677 ml, all at 100° C and 1 atm. (cal X 0,04129 = liter-atm.) 

^ - 539.7 X 0.04129 _ 

dT ~ 373.1(1.677 - 0.00104) 

760 X 0.0356 == 27.1 mm per degree 

A formula of the same form as equation 11 may be obtained for the 
equilibrium between a solid and its vapor or between a pure solid and 
pure liquid. In the latter case dp/dT gives the change in pressure neces¬ 
sary to change the melting point hy dT; I represents the heat of fusion 
per gram; V 2 is the volume of a gram of the liquid; and Vi is the volume 
of the same weight of solid. 

Example 4- Calculate the change in the freezing point of water produced by 
an increase in pressure of 1 atm. At 0° the heat of fusion of ice per gram is 
79.7 cal or 3.291 1-atm, the density of water is 0.9998 g per milliliter, and the 
density of ice is 0.9168. The reciprocals of the densities, l.(X)02 and 1.0908, are 
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the volumes in ml of 1 g. They are divided by 1000 to give liters. For small 
changes in temperature we may replace dp/dT by Ap/AT. Then, 


Ap 

AT 


3.291 

273.1/1.0002 1.0908\ 

V 1000 1000 ) 


— 133 atm j^er degree 


In words, 133 atm is the pressure required to lower the freezing point of water 
1°; and the reciprocal, 

AT -1 

Ap ^ ^ —0.0075° per atmosphere 

shows that an increase in {pressure of 1 atm lowers the freezing point 0.0075°. 
The negative sign indicates that an increase of pressure causes a decrease in 
temperature, a relation which follows by Le Chatelier’s theorem from the fact 
that the specific volume of ice is greater than that of water at the freezing point. 

The Clausius-Clapeyron Equation. Clausius showed how the 
Clapeyrori equation ina^^ be simplified by assuming that the vapor obeys 
the ideal gas law. If 1 mole is taken instead of 1 g, V 2 is the volmne of 1 
mole of vapor, V 1 is the volume of 1 mole in the liquid state, and A//vap. 
is the molar heat of vaporization (molecular weight X /). Furthermore, 
Vi may be considered negligible in comparison with V 2 ; for example, 
Fi for water at 100° is 18.8 ml, and V 2 is 30,200 ml. For Vo may be sub¬ 
stituted its equivalent RT/p, Then, 

dj) _ A//„ap. _ pAi/vap. 

dT ~ T{V2 - Cj) ~ KT^ 

On rearrangement this becomes, 

dT p RT^ 

or, 

^ A//^^p 

dT RT^ 


( 12 ) 

(13) 


Since R is a constant, integrating on the assumption that A//vap. is a 
constant yields 

r r AH 

Jdlnp 

1 

Inp = - —+ C (14) 

RT 

where C is the integration constant. This is the equation of a straight 
line, and, when In p is plotted against l/T, a straight line results, the 
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slope of which is numerically equal to — Ai^vap./^- When logarithms 
to the base 10 are plotted, the slope is — A//vap./2.303/2. The theoretical 
justification for the empirical relation given in equation 1 is now ap¬ 
parent. 

The slope of the line can be used for calculating the heat of vaporiza¬ 
tion, thus: 

Af/^vap. (ill calories) = —(slope of line X 2.303 X 1.987) (15) 

Frequently, it is more convenient to use a formula obtained by in- 
te^grating between limits, p 2 at T 2 and pi at Ti, as follows: 

A// 

In p = I -T-2 dT 

Jt, R 



In p 2 — In Pi 


A/^vap. r ^ 

R L To 



^_ ^-^^vap (^2 — ^i) 

Pi “ 2.303 X 1.987 X T 2 X 


(16) 


Using this equation it is possible to calculate the heat of vaporization 
from the vapor pressures at two different temperatures; and, if the heat 
of vaporization and the vapor pressure at one temperature are known, 
the vapor pressure at any other temperature may be calculated. Any 
units of pressure may be taken as long as they are the same units for 
both pressures, and any units of heat may be used as long as A//vap. 
and R are taken in the same units. 

The unintegrated expression is most convenient in correcting boiling 
points for barometric fluctuations. For small changes in pressure the 
change in boiling point with pressure is given approximately by the 
formula 

AT RT^ 

— =- (17) 

Ap A//vap.P 


Since this formula for calculating the heat of vaporization was derived 
on the assumption that the vapor behaved as an ideal gas, the results 
obtained by its use are no more accurate than the calculations involving 
the formula, pv = nRT. 

Another approximation is involved in the assumption of the con¬ 
stancy of the heat of vaporization. If the data are sufficiently exact 
and the temperature range sufficiently great, it will be seen that the 
lines are not exactly straight. The lines would be straight if the heat 
capacities of the vapor and liquid were both the same and the vapor an 
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ideal gas. Under such conditions the heat of vaporization and the slope 
of the line would be constant. When the line is curved^ it is possible to 
determine the heat of vaporization at any temperature by drawing a 
tangent to the curve at that temperature. In general, the slope of the 
log p versus \/T line becomes steeper, that is, the heat of vaporization 
becomes greater at the lower temperatures where more energy is re¬ 
quired to pull the molecules apart and put them into the gas phase. 

A more exact equation may be obtained by the addition of another 
term, thus: 

A 

log p — ~ + B log T 4- constant (18) 

The vapor pressure of a large number of substances can be represented 
by this formula, even up to the critical temperature, with only small 
errors. The evaluation of the three (constants from data at three tem¬ 
peratures by solving simultaneous equations requires accurate com¬ 
putations. 

Example 5, If it is assumed that vapor follows the ideal gas law, show that 
equation 18 can be derived from thermodynamics, and state the physical sig¬ 
nificance of the constant B. 

A//vap. = A//^-ap + f (Cvap. - Cllq.) dT = Ai/^ap + ACV dT 

= A//%ap. + AC\T 

where AZ/yap. is tlie molar heat of vaporization at temperature T, and Cp is the 
heat capacity at constant pressure, which is independent of temperature. The 
constant AZ/^°vap. is a hypothetical heat of vaporization at absolute zero. 

Substituting into equation 13 yields 

dXup ^ A//va p. ^ A//^yap. + {ACp)T ^ ^ 

dT~ RT^~ RT^ RT^ RT 

_ A TjO Ap 

^ = 2:m + V 

The constant B in equation 18 then is equal to the difference between the 
heat capacity of the vapor and liquid at constant pressure, divided by the gas 
constant. This conclusion is only an approximation because the deviations 
from the ideal gas laws still introduce an appreciable error which is not corrected 
in this derivation. 

There are several useful relations of semiempirical character which 
give the vapor pressures of liquids at different temperatures. It may 
be noted that in Fig. 43 the lines seem to be getting closer together at 
the higher temperatures, that is, at the smaller values of l/T, An ideal- 
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ized graph is shown in Fig. 44 where all the liquids tend to come to a 
point at infinite temperature, although, of course, the critical temper¬ 
atures would be reached long before, and so this hypothetical point has 

no practical importance. At infinite 
temperature there would be no inter- 
molecular forces, and all the liquids 
would tend to behave alike, and all 
gases V ould approach the ideal be¬ 
havior. The different liquids have 
different heats of vaporization and 
somewhat different slopes, but tlie 
lines are all of the same general char¬ 
acter. If one draws horizontal lines 
at two definite vapor pressures p' and 
p which arc not too far apart, there 
is a rough proportionality in the tem¬ 
peratures, as one would expect when 
two parallel liiK^s intersect a series of 
lines whose slopes are of the same 
order of magnitude. Thus, the vapor 
pressure log p is reached by liquid A 
at temperature Ta and by liquid B oX Tb ) log p' is reached by liquid 
A at T'A and by liquid B at T'b- Then, 

Tn _ Ta_ 

T'b ~~ T'a 



This relation is known as Duhring’s rule, and it is useful for estimating 
approximately the vapor pressures at various temperatures for any 
liquid B if the vapor-pressure-temperature data are available for a 
reference liquid A. 

Example 6. Benzene boils at 80® and /i-hexane at 69°. Benzene has a vapor 
pressure of 74.7 mm at 20°. At what temperature does n-hexane have a vapor 
pressure of 74.7 mm? 

Tn-hexane, 74,7 mm ~ X 293 == 284° K == 11° C 
The experimentally determined temperature is 10° (Table I). 

The same principle can be applied in estimating solubilities and 
several other physical-chemical properties which show a straight-line 
relationship when the logarithm of the property is plotted against the 
reciprocal of the absolute temperature. 



Fig. 44. Hypothet ical graph of vapor- 
pr(\ssure curves extrapolated to ‘*in- 
finite temperature” on a log pvs (1/T) 
plot. 
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Graphical methods making use of Duhring’s rule are available. The 
vapor-pressure curve of one reference liquid must be known. Rather 
exact vapor-pressure relations which are useful for industrial work par¬ 
ticularly in the distillation of petroleum, have been reviewed and de¬ 
veloped by Watson.* 

A practical nomograph is available f for correcting boiling points for 
pressure with an accuracy of 0.25° or 2 mm pressure. A straightedge is 
laid across two scales and across a point which is located for each liquid. 
These points, dependent in a theoretical way on the heats of vaporiza¬ 
tion, are located for nearly 200 organic liquids, and new points for other 
liquids can be located when vapor-pressure data are available. There 
are other empirical rules for converting boiling points of a liquid to the 
standard boiling points at atmospheric pressure. They depend on the 
Clapeyron equation and on an empirical rule for the heat of vaporization 
which is discussed in the fol¬ 
lowing section. 

Empirical Vapor Relation¬ 
ships. At higlw^r temj)eratures 
the density of the licjuid be- 
com(^s less, but the density of 
the saturated vapor in equilib- G 
rium with the liquid becomes 
greater. The higher vapor | 
pressure is responsible for the 
increased vapor density. The § 
two densities approach each 
other and become equal at 
the critical temperature. The 
mean of the densities of any 
substance in the liquid and 

vapor states, when plotted ^ , 

. , 1 - ^ Eig. 45. Densities of liquid and saturated 

against the corresponding tern- 

perature, lies on a straight critical temperature, 

line. The behavior is indicated 

by the graph shown in Fig. 46.{ This relation, pointed out first by 
Cailletet and Mathias, is expressed mathematically in equation 19, 



0.4 0.8 1 2 

Density (grams per ml) 


di + dv 

2 


= AT + B 


( 19 ) 


* Watson, Ind. Eng, Chem,y 23, 360 (1931). 
t Germann and Knight, Ind. Eng. Chem.y 26, 467 (1934). 

t From measurement of Bichowsky and Gilkey on CCI 2 F 2 , Ind. Eng. Chem.. 23," 
365 (1931). 
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where di and dv are the densities of the liquid and saturated vapor, re¬ 
spectively, and A and B are constants. The relation is useful in deter¬ 
mining the value of the density of the liquid at the critical temperature, 
a quantity which frequently cannot be measured directly. The critical 
volume calculated in this way can be used in evaluating some of the 
constants in equations of state for gases. 

A rough relationship was given in Table II of Chapter II, where it was 
seen that the standard boiling point (that is, the temperature at which 
the vapor pressure becomes equal to 1 atm) is equal in many cases to 
about 0.6 or two thirds of the critical temperature both expressed in 
absolute temperatures. In this vfky a very approximate estimate of the 
critical temperature can be obtained from the boiling point of a given 
liquid. 

Another empirical rule for liquids enables one to estimate the heat of 
vaporization of a licpiid from the temperature at which the liquid boils. 
According to Trouton’s approximate relation, if T denotes the standard 
boiling point, and A/Z^ap. fhe heat of vaporization of 1 mole of liquid, 
then, 

A 77 

—= 21 cal deg"“^ mde*”^ (20) 

In words, the ratio of the molar heat of vaporization to the absolute 
boiling temperature of a liquid is constant, approximately 21. The re¬ 
lation is shown over a wide range of temperature in Table II. 

TABLE II 

Heats of Vaporization 



Boiling 

Temp., 

eal/ 

gram 

A// vap. 

T 

cal/deg/ 

mole 


Boiling 

Temp., 

°C 

cal/ 

gram 

AH vap. 

T 

cal/deg/ 

mole 

CH 4 

-161.4 

138.2 

19.8 

H 2 O 

100.0 

539.7 

26.1 

HCl 

-85.0 

98.7 

19.2 

H 2 S 

-59.6 

132 

21.1 

(C2H5)20 

34.6 

83.9 

20.2 

NH 3 

-33.4 

327 

23.4 

CIICI 3 

61.5 

59.0 

21.0 

HF 

17 

361 

24.9 

CCI 4 

76.7 

46.5 

20.4 

CH 3 OH 

64.7 

263 

24.9 

Celle 

80.2 

94.4 

20.8 

C 2 II 5 OH 

78.5 

204 

26.6 

SnCU 

112 

30.4 

20.5 

He 

-268.9 

6 

5.7 

C10H22 

160 

60.2 

19.8 

H 2 

-252.7 

108 

10.6 

C 6 II 5 NO 2 

210 

79.1 

20.1 

CH 3 COOH 

118.1 

96.8 

14.8 

CioHg 

218 

75.5 

19.7 

SO 2 

- 10.8 

94.9 

23.1 


Trouton’s empirical rule has some theoretical significance. The 
molar heat of vaporization divided by the absolute temperature gives 
the increase in entropy when a liquid is converted into a vapor. The 
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change from liquid to vapor leads to increasing disorder, that is, to more 
random motion of the molecules. The change of entropy is very small 
at the critical temperature because the liquid and gas are indistinguish¬ 
able. Accordingly, all liquids would have the same molar entropies of 
vaporization if measured at their critical temperatures. But it has been 
pointed out (page 18) that most liquids behave alike not only at their 
critical temperatures but at equal fractions of their critical temper¬ 
atures, and we have just seen that the standard boiling points of liquids 
are in many cases roughly equal fractions of the critical temperatures. 
Plence, different liquids should have about the same entropy of vapor¬ 
ization at their boiling points, provided that the molecules in liquid and 
vapor are the same and that no change is involved other than vapor¬ 
ization of the molecules. 

When, in addition to the normal force of attraction causing the va¬ 
porized material to li(|uefy, there are other forces which hold molecules 
tightly together in the liquid state, the heat of vaporization becomes 
abnormally large. Water, alcohols, ammonia, and other substances 
with large dipole moments (page 90) require an extra amount of energy 
for separation of the molecules into the gas phase. Hydrogen and 
helium, whi(;h boil only a little above absolute zero, might well be ex¬ 
pected to show large departures from this rule. Acetic acid and carbox¬ 
ylic acids, in general, are abnormal in that the vapor consists of double 
molecules. An examination of Table TI shows that these substances do 
show marked deviations from the behavior predicted on the basis of 
Trouton’s rule. 

The extra attraction which exists between molecules with large dipole 
moments leads to abnormal behavior not only with respect to Trouton’s 
rule but also with respect to other physical chemical relationships which 
correlate the behavior of normal liquids—relationships involving such 
phenomena as surface tension, viscosity, heat capacity, vapor pressures, 
and behavior on mixing with other liquids. 

For ‘^normal’’ liquids, the molecules of which do not have particularly 
large dipole moments, example 7 gives an indication of the approxi¬ 
mation which may be expected. 


Example 7, The boiling point of n-heptane is 98°. Estimate roughly (a) the 
heat of vaporization per gram and (6) the critical temperature. M = molecular 
weight. 


( q \ ^^vap. ^ 21 X (273 -h 98) 

MM 100 

(6) r, = ? n = ^- 2 ^ = 5570 


77.9 cal deg~^ mole""^ 


ic = 284° 


The experimentally detennined heat of vaporization is 76.4 cal per gram, 
and the critical temperature is 266°. 
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Surface Tension. The surface of a liquid {)()ssesses special properties 
which are due to the unbalanced force of molecnilar attraction at the 
surface. The molecules at the surface are pulled inward by the other 
molecules of the liquid, and the liquid tends to adjust itself to give the 

minimum surface area. This fact ex- 
" ' ^ plains many common phenomena, in- 

(‘hiding the spherical shape of rain- 
I .— I drops, the rise of water in a capillary 

^ / I ^ 1 tube, and the movement of water in 

^ ^ blotting paper or in the soil. The sur- 

V- face tension of a liquid, 7 , is the force 

0 .. .- ccntimcter on the surface of a 

Via. 46. Illustration of tho surfa(v liquid which opposes the expansion of 
Uuision of a liquid. the surface area. This definition is 

illustrated in Fig. 46 where the force / 
is pulling on a movable bar against a liquid film which is stretched like 
a soap-bubble film on a wire frame. Then, 


where I is the length of the bar in c.entimeters, and the factor 2 is intro¬ 
duced because there are two liquid surfaces, 
one at the front and one at the back. 

Some liquids, like water, wet the walls of a 
glass capillary tube, whereas others, like mer¬ 
cury, do not. When a liquid wets the tube, 
the liquid adhering to the walls pulls the body 
of the liquid up, but when the liquid does not 
adhere, the liquid is depressed. In the first in¬ 
stance the surface of the liquid in the tube, 
called the meniscus, is concave to the horizontal 
plane. In the second it is convex. 

The most accurate method for determining 
the surface tension of a liquid consists in 
measuring the height to which it rises in a yio. 47. Rise of a liquid 
capillary tube. in a capillary tube. 

A capillary tube of radius r, as shown in 
Fig. 47, is immersed in a vessel of liquid whose density is d. The liquid 
wets the tube, and the liquid rises. It continues to rise until the surface 
tension tending to pull the liquid upward is counterbalanced by the force 
of gravity pulling it downward. The height to which the meniscus rises 
at this equilibrium point is denoted by h. The meniscus is curved, and 
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the average height of the column of liquid is the significant quantity. 
In ordinary work the height to the bottom of the meniscus is taken, but 
it would be more exact to add to this height a factor equal to one third 
of the radius. Then the downward force = irr^hdg where g is the ac¬ 
celeration of gravity. 

The surface makes an angle 6 with the walls, and only the vertical 
component of this force is effective in pulling the liquid upward in the 
(‘.apillary. It acts along the whole length of the surface. Thus, the up¬ 
ward force is, 

27rr7 cos 6 


Under stationary conditions at height h the upward and downward 
forces are equal, and 

2'irTy cos 6 = irr^hdg 


or 


hdgr 
2 cos 6 


( 22 ) 


For many liquids inctluding water, the angle of contact is very small, 
6 is nearly 0 and cos 6 is practically 1. Then, 


7 = ihdgr 


(23) 


Surface tension is expressed in dynes per centimeter. 

Surface tension can be measured quantitatively by various other 
means, including the pulling of a wire ring from the surface of a liquid, 
the weighing of drops which fall from a special glass tip, the determina¬ 
tion of the shape of a hanging drop, the reflection of light from ripples 
on the surface of a liquid, and the pressure required to blow gas bubbles 
in the liquid. When the liquid is in contact not with air or its own vapor 
but with an immiscible liquid, the interfacial tension may be quite dif¬ 
ferent. This property is important in colloid chemistry. 

The surface tension of a liquid decreases as the temperature rises, and 
the molecular agitation increases. At the critical temperature when 
the liquid becomes indistinguishable from a gas, the surface tension 
should become practically zero. 

In attempting to obtain a quantitative relationship between surface 
tension and temperature, it is useful to consider the term yiM/d)'^, or 
y(Mv)^y where M is the molecular weight in the gaseous state, d the 
density, and v the volume of 1 g. Then {Mvf^ is proportional to the 
surface area of a sphere of liquid containing 1 mole. 

Ramsay and Shields found that, for many liquids, 

y{Mv)''^ = kite ~ G ~ 0 


(24) 
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where t is the temperature of the experiment, tc is the critical temper¬ 
ature of the liquid, and 6 is an empirical constant which tends to make 
the data fit a better straight line. 

The constant k in equation 24 is found to have a value of 2.1 for 
many liquids. 

Example 8. Consider the dimensions of 7 and y{Mv)^^, 

7 = \hdgr = cm^(gram-cm“'^)(cm-*sec"^)cm^ = gram sec“^ = dyne-cm""^ 

^ 2 / 2" 2 ■" 

7 {Mv) ~ (dyne-cm~b (cm^) '2 mole ^ = dyne-cm mole ^ 

This value holds for a large number of nonpolar liquids, such as car¬ 
bon tetrachloride, benzene, and many organic substances. For certain 
other liquids such as water or the alcohols or acetic, acid, and polar liq¬ 
uids in general, k is found to have values considerably less than 2.1. 
The same licjuids which have abnormal surface-tension behavior pos¬ 
sess heats of vaporization larger than are calculated by Trouton’s law. 
The surface tensions of a few common liquids, measured in air, at dif¬ 
ferent temperatures are shown in Table III. 


TABLE III 

Surface Tension of Liquids in Dynes per Centimeter 


Temp., °C 

H 2 O 

CCI 4 

CeHe 

C 6 H 6 NO 2 

C 2 H 5 OH 

CH 3 COOH 

0 

75.6 

29.0 

31.6 

46.4 

24.0 

29.5 

25 

71.8 

26.1 

28.2 

43.2 

21.8 

27.1 

50 

67.9 

23.1 

25.0 

40.2 

19.8 

24.6 

75 

63.5 

20.2 

21.9 

37.3 


22.0 


Viscosity. Viscosity is the resistance which a liquid exhibits to the 
flow of one layer over another. Although it is possible to change the 
shape of any liquid by the application of force, the extent of this change 
of shape depends greatly on the magnitude of the force and the length 
of time of its application and on the viscosity of the liquid. The viscos¬ 
ity varies greatly from materials like heavy lubricating oils, to water 
and to liquids of low viscosity like benzene. 

The force required to slip one layer of a liquid past another with a 
definite velocity will depend directly on the viscosity of the liquid and 
on the areas exposed to each other and, inversely, on the distance sep¬ 
arating the two surfaces. 
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The unit of viscosity is the poise^ named after Poiseuille who pioneered 
in the study of viscosity. It is a viscosity such that, when a force of 1 
dyne is applied to a region of the liquid having a surface area of 1 sq cm, 
it will slip past a parallel stationary region of the liquid 1 sq cm in sur¬ 
face area 1 cm away, with a velocity of 1 cm per second. 

The viscosity of a liquid can be determined directly in poises by 
passing a liquid through a tube of small diameter and making use of the 
following formula:* 

PirrH 


8vl 


(25) 


where t is the time required for v ml of liquid to flow through a capillary 
tube of length I and radius r under an applied pressure P. 

The quantitative measurement of absolute viscosity by this method 
is difficult. Accordingly, indirect measurements are usually made in 
which the viscosity of a liquid is determined relative to another liquid 
whose viscosity is already known. This determination of physical- 
chemical constants by making relative measurements and comparing 
them with similar measurements of a standard substance is a common 
procedure. The absolute measurements of the standard substance may 
well take years of research with expensive equipment and highly spe¬ 
cialized techniques, whereas the relative measurements can often be 
made cjuickly and easily and with a high degree of accuracy. Moreover, 
an ordinary attempt to obtain absolute measurements by direct means 
may be frought with serious inaccuracies. 

In the case of viscosities, the times required for two liquids to flow 
through a capillary tube may be determined under conditions where all 
the variables except the viscosities of the liquids are maintained the 
same. If a given volume of a liquid of viscosity 771 and density di takes 
i\ seconds to flow through the capillary, and the same volume of a second 
liquid of viscosity 772 and density ^2 takes ^2 seconds to flow through the 
same capillary, we have the following relation, 

771 ^ diii 

772 ^2^2 
or 

di/j 

771 = — 772 ( 26 ) 

d2l2 

From measurements of the densities and times of flow of the two hquids 
it is a simple matter to calculate the viscosity 771 of the first liquid when 

* The derivation of this formula is given in specialized texts such as Harris “A 
Monograph on Viscometry,’* Oxford University Press, Oxford, 1931. 
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that of the second is known. Quite commonly water is taken as the 
reference liquid and at 25° r }2 has a value of 0.00895 poise. 

An instrument used for the determination of viscosities is called a 
viscometer. Several types of viscometers are indicated in Fig. 48. 



Fig. 48. Various typos of viscometers. 


The viscosity of a liquid may be determined by measuring not only 
the time required for a measured volume of liquid to flow through a 
capillary tube but also the time required for a heavy sphere (ball bear¬ 
ing) to fall through a liquid. Or two disks may be placed in the liquid 
and measurements made on the torsional force produced on one by the 
rotation of the other; or the time required for a liquid in a cup to run out 
through a small hole in the bottom may be determined. 

The viscosity of liquids has been found to decrease about 2 per cent 
for each degree rise in temperature. Increase of pressure, on the other 
hand, causes the viscosity of liquids to increase, the change in viscosity 
being greater at higher pressures than at low. The viscosities of a few 
liquids at different temperatures are shown in Table IV. 


TABLE IV 

Viscosity of Liquids in Poisks 



0 " 

25“ 

50“ 

75° 

Water 

Ethanol 

Benzene 

0.01793 

0.0179 

0 .00<K) 

0.00895 

0.0109 

0.0061 

0.00549 

0.00698 

0.0044 

0.00380 


The viscosity of an ideal gas would increase as the temperature in¬ 
creases. Viscosities of most liquids decrease. This fact suggests that 
the passage of one layer of liquid across another involves the migration 
from one large group of molecules to another. There is other evidence, 
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too, for the existence of molecular clustering in liquids. The tempera¬ 
ture effect on viscosity permits a calculation of the energy required for 
molecules to break away from these groups. Attempts have been made 
to treat the matter mathematically.* 

An empirical relation exists as follows, 

log 1 J = — + 5 (27) 

where A and B are constants. 

Some properties are brought out best by considering the fluidity <j> 
whicii is defined as the reciprocal of viscosity. It is a measure of the 
tendency of the liquid to flow, whereas 77 is a measure of the resistance to 
flow. The fluidities of mixtures of nonpolar licjuids are in general addi¬ 
tive. Thus, 

(l> = m(t>i + nct>2 (28) 

where m and n are the volume fractions of the two liquids. The vis¬ 
cosities of mixtures of associated li(|uids or liquids with large dipole 
moments vhich exhibit some interaction may give widely varying vis¬ 
cosities. In fact, mixtures of some liquids have viscosities greater than 
either pure liquid alone. 

Viscosity is an important property in both practical and theoretical 
work. In biology and physiology the viscometer has become an almost 
indispensable instrument for the study of the properties of blood and 
other animal fluids, and in the realm of technology it has been applied 
successfully to the solution of a wide variety of problems presented by 
t he paint, rubber, glue, textile, and other industries. 

Viscosity is an important factor which must be considered in the de¬ 
sign of chemical-engineering equipment, because the cost of pumping is 
often considerable, and these costs depend greatly on the viscosity of 
the liquids or gases. The data given in Table IV and the derivation of 
the fundamental equation itself depend on the assumption that the liq¬ 
uid (or gas) is flowing slowly and gently, with one hypothetical layer 
slipping smoothly past another. When a fluid is forced rapidly through 
a tube or around curves or obstacles, as in industrial absorption towers, 
the flow of liquid or gas changes from smooth or laminar flow to tur¬ 
bulent flow, and, under this condition, the viscosity may increase greatly. 
This increase from normal to high viscosity due to turbulence may occur 
rather suddenly as the velocity is increased. 

* Glasstone, Laidler and Eyring, ^Theory of Rate Processes,^^ McGraw-Hill Book 
Co., New York, 1940. 
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PROBLEMS 

1. Propene has the follcwing vapor pressures at the following absolute t(‘mpera- 
tures: 

r(°K) 150 200 250 300 

p (mm) 3.82 198.0 2,074 10,040 

Graph these data so as to obtain a nearly straight line, and determines the vapor 
pressure at 225° K. A ns. 740 mm. 

2. In an industrial operation 10,000 cu ft of air is blown through a chamber p(‘r 
minute. The air at 25° and 40 per cent relative humidity is dried by removal of the 
water in an adsorbing agent. Calculate how many kilocalories of heat will b(‘ required 
per hour to regemerate the adsorbing agent by evaporating the water (582 cal p(‘r 
gram). The vapor pressure of wato at 25° is 23.7 mm. 1 cu ft = 28.310 liters. 

Ans. 90,600 kcal. 

3. The heat of vaporization of ether is 88.39 cal per gram at its boiling point., 34.5°. 

(a) Calculate the rate of change of vapor pressure with temperature dpIclT, n(^ar 
the boiling point. 

(h) What is the boiling point at 750 mm? 

(c) What is the vapor pn^ssure at 36.0°? 

Alls, (a) 26.5 mm per degree, (b) 34.1°. (r) 800 mm. 

4. The vapor pressure of solid benzene is 2.24 mm at —30° and 24.5 mm at 0°; 

and the vapor pressure of liquid Ixmzene is 26.73 mm at 0° and 118.5 mm at 30°. 
Calculate from these data (a) the molting point of benzene and (b) the heat of fusion 
of benzene. Ans. (a) 5.8°. (b) 2366 cal/mole. 

5. From the data of the tables given in this chapter estimate the temperatures 

at which methanol has a vapor pressure of 92.5 mm. Ans. 16°. 

6. Methanol has a surface tension of 22.6 dynes per centimeter and a density of 

0.79 at 20°. What is the radius of the largest capillary which will permit the liquid 
to rise 1.5 cm? Ans. 0.0389 cm. 

7. If it takes 10 minutes to drain a capillary pi pet at 25° when filled with water, 
how long wall it take to drain it when it is filled with ethanol (density — 0.789)? 

_ Ans. 15.4 minutes. 

8. (a) How many tons of water can be evaporated from a square mile of land 
on a windy summer day, if it is assumed that the limiting factor is the supply of solar 
heat which amounts to about 1.3 cal per minute per square centimeter for a 10-hour 
day? The temperature is 25°, the vapor pressure of water is 23.7 mm, and the heat 
of vaporization 582 cal per gram. One mile = 1.609 kilometers. 

(b) How many liters of air is required to hold this much water if the temperature 
is 25° and the barometer 740 mm? 
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9. Ten liters of air was bubbled through carbon tetrachloride at 20°. The loss 
in weight of the liquid was 8.698 g. Calculate the vapor pressure of carbon tetra¬ 
chloride by the approximate formula and by the more exact formula. 

10. (a) If 0.1 g of water is introduced into an evacuated 1-liter vessel at 100°, 
what will be the pressure in millimeters of mercury? 

(h) If 10 g of water is introduced into an evacuated 1-liter vessel at 100°, what 
will be the pressure in millimeters of mercury? 

11. A room 5 by 10 by 4 m is filled with air containing some water vapor. The 
temperature is 20°, and the relative humidity is 60 per cent. The vapor pressure 
of water at 20° is 17.36 mm. (The relative humidity is the partial pressure of water 
vapor divided by the vapor pressure of the liquid water.) How many grams of water 
are contained in the air of this room? 

12. A block of ice is jilaced in a lake of pure water, fonicd 100 ft b(dow the surface, 
and maintained in a quiet steady position. What will Ixi the temperature of the sur¬ 
face of tile ice? Assume that the densities of the ice and waU?r arci not changed by 
bhe pressure. At atmospheric pressure the melting jioint (jf ice is 0°. The densities 
of ice and water an^ 0.9106 and LOCK), res|xadively. 

13. Calculahi the vapor pressure of bemene at 25° from the knowledgi* of 
the boiling point and the lu^at of vaporization. 

14. The critical temperature of carbon tetrachloride is 283.1°. The densities in 
grams per ml of the liciuid di and vapor dv at different temperatures are as follows: 


<° 

100° 

150° 

200° 

250° 

270° 

280° 

di 

1.4343 

1.3215 

1.1888 

0.9980 

0.8666 

0.7634 

dv 

0.0103 

0.0304 

0.0742 

0.1754 

0.2710 

0.3597 


What is the critical molar volume of carbon Ud.rachloride? 

15. Acetone has a density of 0.790 and rises to a height of 2.56 cm in a capillary 
tube having a radius of 0.0235 cm. What is the surface tension of the acH^tone at 
this temperature? 

16. Estimate (a) the critical temperature and (6) the luiat of vaporization per 

gram of n-heptam; Cyllie from the fact that the boiling tem{xrature is 98.4° at 1 atm. 
Tlu; density is 0.684. (c) Estimate the surface tension at 25°. 


17. The vapor pressure of 2,2-dimethylbutanol is given by the expression, 

-4849.3 

log p =--14.701 log T + 53.1187 

where p is expressed in millimeters of Hg. Calculate the heat, of vaporization (a) 
at 25°, (6) at the boiling point, 136.7°. 

18. What is the boiling point of water on a mountain win re the barometer reading 
is 500 mm? 

19. It is proposed to operate a large calcium oxide lined furnace at a temperature 
of 2100° C. The volatility of the calcium oxide, CaO, may be a difficulty. Air is 
blown continuously through the furnace at a rate of 1000 cu ft (28,320 liters) per 
minute (measured at 0° C and 760 mm pressure). Assuming that, if the sublimation 
pressure of the calcium oxide is large enough to give a loss of more than 5 kg per 
day, the process will be impractical, calculate the maximum pennissible sublimation 
pressure (vapor pressure) in millimeters of the CaO, if the process is to be practical. 
Assume that the air becomes saturated with CaO vapor. 
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20. At 0° ice absorbs 80 cal per gram in melting; water absorbs 597 cal in vaporizing. 

(а) What is the heat of sublimation of ice at this temperature? 

(б) At 0° the vapor pressure of both ice and water is 4.6 mm. What is the rate 
of change of vapor pressure with temperature dp/dT for ice at this temperature? 

(c) Estimate the vapor pressure of ice and of liquid water at —5°. 

21. Liquid mercury has a density of 13.690 g per milliliter, and solid mercury 
has a density of 14.193 g p<ir milliliter, both being measured at the melting point 
— 38.87° C. The heat of fusion of Hg is 2.33 cal per gram. What are the melting 
points of mercury {n) under a pressure of 10 atm and (b) under 3540 atm? The 
obs(‘rved melting point under 3540 atm is —19.9° C. 

22. Th(‘ boiling point of n-butyl chloride* is 77.96°. 

(a) Using this as the only exjK'rimental datum available, calculaU; the vapor 
pressure at 50°, and compare with that calculated from the empirically determintMl 
equation (in which p is expressed in centimeters): 

log p ~ --1- 6.912 


(h) Calculate the heat of vaporization per gram. 

23. The densities of vapor and liquid methyl ether at various temperatures are 
as follows: 


i 

30° 

50° 

70° 

100° 

120° 

di 

0.6455 

0.6116 

0.5735 

0.4950 

0.4040 

do 

0.0142 

0.0241 

0.0385 

3.0810 

0.1465 


If the critical temperature of this substance is 126.9°, what is its critical volume? 

24. The vapor pnvssures of ethyl chloride art^ 465 mm at 0° and 760 mm at tlie 
boiling point of 12.7°. Compare the heats of vaporization as calculated by tin* 
approximate equation using increments, with tlu* more exact values obtained by 
integration. 

25. Estimate the critical temperature of benzene from the surface-tension data. 
The density of benzene at 25° is 0.879. 

26. Plot log of viscosity of mtircury against the reciprocal of the absolute tempta- 
ature for the following data, and estimate the viscosity of mercury at 50°. 

t 0° 20° 35° 98° 203° 

rj 0.01661 0.01547 0.01476 0.01263 0.01079 


27. A certain liquid boils under atmospheric pressure (760 mm) at <°. I'^stimate 
(a) the critical temperature of the substance, (6) the heat of vaporization of li(iuid, 
(r) its boiling point at 720 mm pressure. How accurate would you expect these 
estimates to be? 

28. Plot the logarithm of the vapor pressure of mercury against 1/7^ for values of T 
between 0° and 360° (from reference tables), and draw tangents at two different tem¬ 
peratures. Show that the heat of vaporization changes with the hiinperature. If 
mercury vapor is monatomic, what can be stated regarding the specific heat of liquid 
mercury? 

29. Mercury does not wot a glass siu-face. Draw a figure analogous to Fig. 47 
(page 184) for mercury and glass, and calculate the relative positions of the mercury 
surfaces, if the diameter of the capillary is 0.1 mm. The density of mercury is 13.5 
g per milliliter. The surface tension of mercury is 520 dynes per centimeter. 
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30. Using the equation defining viscosity, determine the dimcasions of viscosity 
in terms of the fundamental units of mass, length, and time. 

31. Look up data for five typical inorganic and organic liquids, and estimate to 
what extent on(5 can assumi^ that, although the specific heats of liquids vary greatly, 
the heat capacity per cubic centimeter is reasonably constant. 

32. Show that, the observed boiling point To °K at a barometric pressure of p mm 
may be corrected approximatt^Iy to the corrected boiling point, Toon at 760 mm 
by the following equation: 

To 
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SOLUTIONS 

A solution may be defined as a system of different chemical substances 
whicdi has the same chemical composition and physical properties in 
every part. If the system is composed of only two chemical substances, 
it is called a binary solution. When sugar is added to Avater, for example, 
a solution of sugar in water is produced. The substance which is present 
in the larger quantity is usuall}" called the solvent and the substance 
present in lesser quantities the solute. Thus, sugar is the solute dissolved 
in the solvent water. This designation is purely arbitrary, particularly 
when two liquids can be dissolved in each other in all proportions. 
Under such conditions either one may be regarded as the solvent. 

The quantitative prediction of solubility on the basis of physical prop¬ 
erties of the solute and solvent is possible for only a limited number of 
solutions. In general, it can be stated that similar substances such as 
benzene and toluene or alcohol and water will dissolve in each other, as 
well as substances which tend to interact chemi(,‘ally. For example, the 
attraction of the molecules or ions for solvent water provides the neces¬ 
sary energy for breaking apart the crystal lattice when certain crystals 
such as sugar or salts are placed in water. Substances which are not 
alike or which do not combine chemicall}^ generally are not very soluble 
in each other. For example, hydrocarbons and fats, as a rule, are in¬ 
soluble in water but soluble in some organic solvents. 

The Composition of Solutions. The composition of a solution can be 
specified in four or five different ways, each of which has advantages for 
a particular purpose. 

Volume concentrations are used in volumetric analysis because it is 
convenient to introduce with each milliliter of solution a definite number 
of molecules. A molar solution contains 1 mole of solute in a liter of 
solution. A normal solution contains the combining or equivalent weight 
in grams of the solute dissolved in a liter of solution, but it is necessary 
to specify whether the solution is normal with respect to neutralization 
or oxidation or other reaction arid to what stage the oxidation or neu¬ 
tralization is carried. 

Weight concentrations are used in physical chemistry because they 
are uninfluenced by temperature, whereas the volume concentrations 
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are subject to variations caused by changes in density. A molal solution 
contains 1 mole of solute dissolved in 1000 g of solvent. The term '^moIaF^ 
and symbol “m” usually refer to weight concentrations, whereas the 
term ‘^molar^^ and symbol usually refer to volume concentrations. 
One may be converted into the other when the density of the solution is 
known. 

Mole fractions are used in theoretical work because many physical 
properties of solutions are expressed most simply in terms of the rela¬ 
tive numbers of molecules. The mole fraction A of a substance in a solu¬ 
tion is defined as the number of moles of that substance divided by the 
total number of moles of all the substances comprising the solution. If 
a solution contains ua moles of the substance A and ub moles of the 
substance then, the mole fractions are defined as follows: 

Ua 

Mole fraction of A = Na =- (1) 

riA + ub 


Mole fraction oi B — Nb ~ - (2) 

Ua + nB 

It is obvious that the mole fraction of A plus the mole fraction of B must 
be equal to 1. If three or more different substances are involved, the 
denominator always contains the total number of moles of all kinds. 

Percentage by weight is often used in technical work to express the 
composition of a solution. 


Example 1. Illustrate the four different ways in which concentrations of 
solutions can be expressed using a solution containing 1 mole of ethanol (46 g) 
in 1000 g of water, the density of tlie solution being 0.992. 

Weight concentration: 

] mole ^ ^ molal 


Volume concentration: 


1000 g 

1 mole 


Mole fractions: 


1000 -h 40 
0.992 


X 1000 = 0.948 molar 


ml 


Mole fraction H 2 O — Ni — 777 ^ 


Mole fraction C 2 H 6 OH = Nz = 


Percentage by weight: 

Percentage H 2 O = 


«-+ 1 
1 

■i^ + l 


0.982 
= 0.018 


1000 


Percentage C 2 H 6 OH == 


1000 + 46 
46 


1000 + 46 


T X 100 = 95.6 
X 100 - 4.4 
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Solutions of Gases. The addition of one gas to another constitutes 
the simplest type of solution, in which each substance possesses the same 
properties after mixing as before. This case of two gases occupying the 
same volume might well be called a mixture, but the term solution is a 
broader term which includes not only simple mixtures of this type but 
also those cases where some physical or chemical interaction, as in the 
case of the dissolving sugar, is required in order to enable the molecules 
of both substances to spread uniformly throughout the whole volume. 

With the exception of gases like hydrogen chloride and ammonia which 
react with each other, most gases can be mixed in any proportions, and 
the resulting mixture has properties which would be expected if they 
retained the properties which they possessed as individual gases. For 
example, the total pressure of a mixture of gases is equal to the sum of 
the partial pressures of ea(;h gas taken alone in the same volume. This 
is known as Dalton’s latv of partial pressure. It is expressed by the rela¬ 
tion 

P = Pa + Pb + Pc -\ - (3) 

where pa, Pbj Pc are the partial pressures of the gases C, and p is 
the total pressure. 

Dalton’s law was verified experimentally by Ramsay who placed a 
heated thin-walled palladium vessel containing nitrogen in a larger ves¬ 
sel through which hydrogen could be passed. At high temperatures the 
palladium walls will allow hydrogen to pass through readily but will not 
permit nitrogen to pass through. The pressure of the gas in the inner 
palladium vessel was measured with a manometer, and, when the hy¬ 
drogen was swept through the outer vessel at a constant pressure, the 
manometer registered an increase in pressure equal to that of the hy¬ 
drogen pressure. The hydrogen had passed into the inner palladium 
vessel exerting its full pressure, and the manometer registered the total 
pressure equal to the sum of the partial pressure of the nitrogen origi¬ 
nally present, plus the partial pressure of the hydrogen added later. 

It would be expected that this law would not be any more accurate 
than the simple gas law and that it would be subject to severe limitations 
at high pressure. Data regarding deviations from Dalton’s law have 
been very meager. 

Edwards and Roseveare * measured the following volume changes at 
25® and 1 atm when 3174 ml of the first gas was mixed with 3421 ml of 
the second gas and the pressure was readjusted to 1 atm: Nitrogen + 
hydrogen increased 1.23 ml; carbon dioxide + hydrogen increased 2.14 
ml; and ethylene + hydrogen increased 2.94 ml. 

* Edwards and Roseveare, J. Am. Chem. iSoc., 64 , 2816 (1942). 
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These changes in volume provide interesting material for the direct 
calculation of the interattraction between molecules in one of the sim¬ 
plest possible chemical systems. 

Ideal and Nonideal Solutions. It has been shown that an ideal gas 
is one in which there is no attraction between the molecules and no 
change in internal energy when the volume is changed. Similarly, in an 
ideal liquid solution there is no special force of attraction between the 
components of the solution, and no change in internal energy is pro¬ 
duced on mixing. Under these conditions no change in the character of 
liquids is produced by mixing, merely a dilution of one liquid by the 
other. When two liquids are mixed to give an ideal solution, there is no 
heat effect, and the properties are strictly additive. The volume of the 
solution is the sum of the volumes of the two liquids, and there is no 
more shrinkage or expansion than wlien tw^o different samples of the same 
liquid are mixed. Other physical properties of the solution, such as re¬ 
fractive index, fluidity, and vapor pressure, can be calculated directly 
by averaging the properties of the components which make up the solu¬ 
tion. 

One of the most fundamental properties of a substance is the tendency 
for its molecules to pass into the surrounding space. It is manifest, for 
example, in the vapor pressure of a liquid or solid and in solubility. In 
solutions this escaping tendency describes accurately the activity of the 
substance when surrounded by the molecules of the other substances. 
It is measured directly as the partial vapor pressure of the solute or the 
solvent in the solution. Thus, measurement of vapor pressure is of con¬ 
siderable importance in the study of solutions. 

The vapor pressure of a pure liquid depends on the rate of escape of 
molecules from the surface of the liquid, and, when the liquid is mixed 
with another liquid, the concentration is decreased, and the rate of 
escape from the surface diminished. Moreover, in an ideal solution, 
where the character of the liquid remains unchanged, the partial vapor 
pressure of one component is directly proportional to the fraction of 
molecules of that component in the mixture. In other words, 

Ua 

Pa =-,- Pa^ = NaPa^ (4) 

nA + riB 

where pa is the partial pressure of the component A, pa^ is the vapor 
pressure of the pure substance, and rtA/iriA + or Na^ is the mole 
fraction of the component A. Likewise, in an ideal solution of two com¬ 
ponents the vapor pressure of the other component would be given by 
the expression: 


Pb - NbPb^ 
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Example 2. The vapor pressure of pure benzene at 20° is 74.7 mm. What is 
the partial pressure of benzene above a solution of benzene and toluene having 
a mole fraction of 0.9 benzene? These two liquids form a solution which is 
nearlv ideal. 

0.9 X 74.7 = 67.2 mm 


If there are several components present in an ideal solution, each will 
have a partial pressure equal to its vapor pressure in the pure state 
multiplied by its mole fraction in the solution. 

In an ideal solution of A and B the behavior of each substance is un¬ 
affected by the presence of the other. For example, the attraction be¬ 
tween two neighboring molecules of Ay A-A, is just the same after the 
molecules have been dispersed through the solution, and the attraction 
between two neighboring molecules of By B-By is just the same as in 
pure B. Methanol, for example, forms an ideal solution with ethanol, 
and a given molecule behaves just the same as it did before mixing. The 
fraction of molecules getting to the surface where they (*.an pass off into 
the vapor is equal to the mole fraction in the solution. Ideal solutions 
are rare. They are more likel^^ to be found when both components are 
similar chemically. 

In a iionideal solution there may be attraction A-B between neighbor¬ 
ing A and B molecules which is greater than the A-A attraction or the 
B~B attraction. This may result in the lessening of the partial vapor 
pressures of A and B. Again, the presence of B molecules may cause the 
A~A attraction to decrease and thus increase the partial vapor pressures 
of A ; and the presence of A may decrease the force of attraction between 
B and B so that the escaping tendency or vapor pressure of B is increased. 
These changes in the A-A and the B~B attractions may be manifested 


TABLE 11 

Partial Pressures of Benzene and Toluene in Solution at 20° 


, Mole 

Benzene 

Toluene 

Total 

Fracjtioii 







Benzene 








Pobs, 

jPcalc. 

Pob3. 

Pcalc. 

Poba. 

Pcalc. 

0.00 

0 

0 

22 

i 

22 

22 

22 

0.27 

18 

20 

17 

16 

36 

36 

0.44 

34 

33 

12 

12 

47 

45 

0.55 

41 

41 

11 

10 

51 1 

51 

0.67 

49 

50 

8 

7 

57 

57 

1.00 

75 

75 

0 

0 

75 

75 


1 Bell and Wright, J. Phys. Chem.y 31, 1884 (1927). 
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as heat effects or volume changes or abnormalities in viscosity, surface 
tension, and other properties of the solution, but the vapor-pressure 
change is usually regarded as the most significant of the physical meas¬ 
urements. 

The exact interactions of A-A, B-B, and A-B have not been worked 
out quantitatively yet, but the general principles of electrostatic at¬ 
tractions between ions, dipoles, and induced dipoles discussed on pages 
39 and 40 seem to be well established. 

In Tables 1, II, and III three different types of solutions are illustrated. 
The partial vapor pressures can be obtained experimentally by the gas- 

TABLE II ^ 

Patitiai. Pressures of Acetone and Chloroform in Solution at 35.2° 


Mole 

Fraction 

Chloroform 

Acetomi 

Total 



1 










Chloroform 

Poba. 


7^obs. 

Pc&\c. 

PohH. 

Pcalc. 

0 

0 

0 

344 

344 

344 

344 

0.2 

34 

59 

270 

275 

304 

334 

0.4 

82 

117 

183 

207 

265 

324 

0.6 

148 

177 

102 

137 

250 

314 

0.8 

225 

236 

42 

67 

267 

303 

1.00 

293 

293 

0 

0 

293 

293 


^ Zawidzki, Z. physik Chern.^ 36, 129 (1900). 

TABLE Illi 

Partial Pressures of Acetone and Carbon Disulfide in Solution at 35.2® 


Mole 

Fraction 

CSa 

Carbon Disulfide 

Acetone 

Total 

Pob3. 

iPcalc. 

Pobs. 

Pcalc. 

iPobs. 

Poalc. 

0 

0 

0 

344 

344 

344 

344 

0.2 

280 

102 

290 

275 

570 

377 

0.4 

378 

206 

255 

204 

633 

410 

0.6 

425 

306 

230 

138 

655 

444 

0.8 

460 

410 

190 

67 

650 

477 

1.00 

512 

512 

0 

0 

512 

512 


^ Zawidzki, Z, physik Chem,^ 36, 129 (1900). 
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saturation method, in which a known volume of air or other gas is passed 
slowly through the solution, and the two liquids are vaporized in ratios 
corresponding to their vapor pressures. The mixed vapors are then 
condensed from the gas stream and analyzed with a refractometer. The 
partial vapor pressures Pobs. are determined for each liquid. The sum 
of the two gives the total Pobs.* The calculated partial pressures Pcaic. 
are calculated by multiplying the vapor pressure of the pure liquid 
by its mole fraction in the solution. The data are given in the tables 
and shown graphically in Figs. 49, 60, and 61. The broken lines give 
the value of Pcaic.- 

One of the types of interaction leading to nonideal solutions is that in 
which a “hydrogen bond^^ (described on page 38) can be formed, making 
the A-B attraction greater than the A-A or the B-B attraction. Ex¬ 
amples of this hydrogen bonding are found when proton acceptors, which 
contain the double-bond oxygen as in acetone or other ketones or in 
acetic acid or other carboxylic acids, are mixed with proton donors such 
as NH groups or CHCI3. When there is a possibility of such hydrogen 
bonding between the different compounds, the solution will prolmbly 
be nonideal, and the partial pressure of the two components will prob¬ 
ably be less than the calculated value, as is the case for acetone and 
chloroform. According to this reasoning, carbon tetrachloride and 
acetone should give a more n(^arly ideal solution than chloroform and 
acetone. 

The benzene-toluene solution is an ideal solution in which the mole¬ 
cules of the two substances are much alike, and the experimentally 
determined pressures agree with the calculated partial and total 
pressures. 

In the acetone-chloroform solution the observed values are con¬ 
siderably less than the calculated values. The acetone molecules are 
held back in solution by the chloroform molecules more than by other 
acetone molecules; and the chloroform molecules are held back more by 
the acetone molecules. This mutual attraction is to be expected in view 
of the fact that an actual chemical compound (CH 3 ) 2 CO*CPI()l 3 is 
formed, which indeed can be isolated. With many other substances the 
mutual attraction caused, at least in part, by an attraction between di¬ 
poles or between dipoles and induced dipoles, is sufficient to produce non¬ 
ideal solutions and yet insufficient to give a recognizable chemical com¬ 
pound between the two. 

The acetone-carbon disulfide solution is typical of those solutions 
which give abnormally large vapor pressures—the molecules require 
less energy to get into the gas phase than when surrounded by mole¬ 
cules of their own kind. 



IDF]AL AND NONIDEAL SOLUTIONS 



0 ^ _I_ I . 1 - I 1.1 _1_I_ 

0.0 0.1 0.2 0.3 0.4 0.5 0.6 0.7 0.8 0.9 1.00 


Toluene Mole fraction benzene Benzene 

Fig. 49. Partial vapor pressures of toluene-benzene solutions illustrating an ideal 

solution. 



Mole fraction CHCI3 Mole-fraction CS2 

Acetone Chloroform Acetone Carbon Disulfide 

Fig. 60. Partial vapor pressures of solu- Fig. 61. Partial vapor pressures of solu¬ 
tions of acetone and chloroform showing tions of acetone and carbon disulfide show- 
pressures less than those calculated for an ing pressures greater than those calculated 
ideal solution. for an ideal solution. 
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Raoult’s Law and Henry’s Law. The simple relation expressed in 
equation 4 was discovered empirically in 1884 by Raoult for a solvent 
containing small quantities of solute. The solute is so dilute that the 
solvent is but slightly affected. RaoulVs law may be expressed as follows: 


Psolvent P solvent ^solvent 


(5) 


According to this law, the partial vapor pressure of the solvent is equal 
to the vapor pressure of the pure solvent multiplied by the mole fraction 
of the solvent in the solution. 

Henry's law applies to the solute. 


Psolute '^solute 


( 0 ) 


The partial vapor pressure of the solute is proportional to the mole frac¬ 
tion of the solute. This equation is distinctly different from Raoult's 
law in that the proportionality (constant K is not the vapor pressure of 
the pure solute but a constant which must be evaluated experimentally 
for each solution. The differenc^e lies in the fact that the solute is diluted 
to such an extent that its properties may l:)e quite different from those 
of the solute in its pure state. Raoult’s law applies to the solvent in 
solutions so dilute that the properties of the solvent arc not greatly dif¬ 
ferent from those of the pure solvent. 

In an ideal solution Henry’s law, as well as Raoult’s, is an exact law, 
and equation 6 becomes identical with equation 4. Moreover, the pro¬ 
portionality constant K becomes identical with the vapor pressure of the 
pure solute. 

In nonideal solutions the value of K in Henry’s law is determined by 
measuring the vapor pressure of the solute iii dilute solutions at known 
mole fractions. Then, 

Peolute 
-^Bolute 


K 


(7) 


and the same values of K should be obtained from data at different mole 
fractions. In practice, the law is not exact, and the properties of the 
dissolved solute, including its escaping tendency, change as the con¬ 
centration changes.* 

Solutions of Gases in Liquids. When a dissolved substance evapo¬ 
rates into a closed space, the concentration of its molecules increases, 
and the rate at which these molecules return to the solution increases 

* If the ‘^constant’’ K changes, the most significant value to take is the one ob¬ 
tained by plotting a few values of p/N against N for the solute and extrapolating it 
to infinite dilution as shown on page 279. The inttircept of the curve at A = 0 gives 
the value of K to be taken for theoretical calculations. 
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until a dynamic equilibrium is attained. The partial pressure in the gas 
space under these conditions is the partial vapor pressure of the solute 
in solution. The solute can be a permanent gas just as well as a liquid 
or a solid, and it then seems more natural to look at the phenomenon as 
the solution of a gas in the solvent rather than as the solute escaping from 
the solution to give a definite vapor pressure. However, equation 6 is 
still applicable; in fact, it was while studying the solubility of gases in 
liquids that Henry discovered this relationship. 

The solubilities of a few gases are given in Table IV in terms of Henry’s 
constant K in which the concentration of molecules in the gas phase, 

TABLE IV 


Solubility of Gases at 25° 
pA proRsim; of gas A in niilliincjters 
NA mole fraction gas A in solution 


Gas 

Solvent 

WatiT 

BcTizene 

Ha 

.'5.34 X 10’ 

2.75 X lO' 

Ns 

f...51 X 10’ 

1.79 X 10® 

O2 

3.30 X 10’ 


CO 

4.34 X 10’ 

1.22 X 10® 

CO2 

1.25X10'' 

8..57 X 10“' 

CH4 

31.4 X lO** 

4.27 X 10® 

C2H2 

1.01 X 10'' 


C2H4 

8.07 X lO** 


C2H6 

23.0 X lO"* 



expressed in millimeters of pressure, is divided by the concentration of 
the gas in solution expressed in mole fractions. 

Sometimes the solubilities arc expressed in terms of Bunsen coeffi¬ 
cients, which give the number of liters of gas reduced to 0° and 760 mm 
pressure which will dissolve in 1 liter of the solvent under a pressure of 
760 mm at a specified temperature. 


Example 8, Express the solubility of carbon dioxide in water at 1 atm 
pressure and 25® in terms of moles n per liter, assuming that the liter of solution 
contains practically 1000 g of water 


K = 1.25 X 10« - 


760 ( 1000\ 

nco, V 18.02/ 
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The number of moles of carbon dioxide r/co 2 considered negli^z:ibly small 

in comparison with the number of moles of water, 1000/18.02. Then, 

760 X 55.55 

nroi = T^XlO^ "" ^ ^ 

The Bunsen solubility coefficient for carbon dioxide may be calculated from 
this value, givinji; 

3.88 X 10-^ X 22.41 ^ ^ 

As a first approximation, the volume of gas which dissolves is inde¬ 
pendent of the pressure above the solution, because the number of moles 
of dissolved gas changes directly as the pressure, and the volume of the 
gas above the solution changes inversely as the pressure. 

Henry’s hw, like most of the laws of solutions, is not exact except in 
very dilute solutions. ITp to a pressure of 1 atm it holds within 1 to 3 
per cent with many gases. 

Dalton showed that the solubility of the individual gases in a mixture 
of gases is dir(H;tly proportional to their partial pressures, the solubility 
of each gas being nearly independent of the presence of the others. The 
solubility of oxygen in water is nearly twice as great as that of nitrogem, 
and, since the solubility of one gas is unaffected by the presence of the 
other, the dissolved air is considerably richer in oxygen than the air 
above water. 

The theoretical explanations of the solubility of inert gases in liquids 
have not yet been developed. A few empirical facts regarding the sub¬ 
ject w'ill be helpful in eventually formulating a satisfactory theory: 

(a) The order of increasing solubility of gases in a liquid usually re¬ 
mains the same in different liquids. 

(5) The increase in volume caused by the solution of a mole of the gas 
in a solvent is nearly equal to the corresponding value of h in the equa¬ 
tion of van der Waals. 

(c) The solubility of a gas in liquids is usually decreased by an increase 
in temperature. There are numerous exceptions, however, especially 
with the solvents liquid ammonia, molten silver, and many organic 
liquids. 

(d) The solubility of gases in water is usually decreased by the ad¬ 
dition of other solutes, particularly electrolytes. The extent of this 
“salting out” varies considerably with different salts, but with a given 
salt the relative decrease in solubility is the same for different gases. 
For example, if a certain salt reduces the solubility of oxygen in water to 
80 per cent of its value, it will also reduce the solubility of nitrogen in 
water to about 80 per cent of its value 
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The solubility of the unreactive gases is probably caused by an at¬ 
tractive force between the solute molecules and the solvent molecules 
due to dipole-induced dipoles (page 40), more generally referred to as 
van der Waals^ forces. Even though a molecule is electrically neutral as 
a whole, there are parts of the molecule that are positively charged and 
other parts that are negatively charged, as indicated by the existence of 
a dipole moment. These electrically charged parts are able to induce 
electric charges of the opposite sign in molecules which are in the im¬ 
mediate neighborhood. For example, helium molecules can certainly 
have no unbalanced electric forces, and the attractive force due to 
electric dipoles which they induce in each other is so weak that it is over¬ 
come by the slight thermal agitation which exists at 4° K, the boiling 
point of helium. Water molecules, on the other hand, have a consider- 
a})le dipole moment, and, although the molecule as a whole is neutral, 
the charged parts induce an opposite charge in a neighboring molecule, 
and a force of attraction is set up between the two, causing some helium 
to be dissolved in water. 

A similar example is found in the solubility of butane in water. The 
supposedl}^ inert butane molecule has been found to form a solid hydrate 
with water. This unexpected phenomenon was a technical problem in 
the passage of moist butane gas through pipes in cool weather. 

The solubility of gases and other solutes is affected by the addition of 
large quantities of salts. Sometimes the salting-out effect can be ex¬ 
plained on the hypothesis that it is caused by the hydration of the salt. 
A portion of the water combines with the salt, and the water which is 
thus removed from the role of solvent is no longer free to absorb gas. 
More specifically, one can consider that the water molecules with their 
electric dipoles are partially oriented with respect to the ions or dipoles 
of the dissolved salt and are less free to induce dipoles in the molecules 
of gas.* Sometimes the salts interact with solute as, for example, the 
salting in of hydrochloric acid which leads to a greater solubility. 

It is common observation that a glass of cold water, when warmed to 
room temperature, shows the presence of many small air bubbles. The 
rate of escape of the molecules of dissolved gas from the liquid is in¬ 
creased more by an increase in temperature than is the rate at which 
molecules of the gas phase strike the surface and dissolve in the liquid 
leading to a decreased solubility. From an energy standpoint, the forces 
of attraction which cause the gas molecules to crowd into the liquid are 
partially offset by the increased kinetic energy at the higher temper¬ 
atures. 

* The influence of salting out on the dipole of a second substance has been measured 
by Williams and Albright, Tram, Faraday Soc.y 33, 247 (1937). 
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Vapor Composition of Binary Systems. If an ideal solution could be 
found composed of two liquids with identically the same vapor pressure 
at a given temperature, the composition of the vapor would be the same 
as that of the liquid. But, if one of the components has a higher vapor 
pressure than the other, it will be present in excess in the vapor, even 
when there are the same number of molecules of each in the liquid, that 
is, at mole fraction such that Na = Nb == 0.5. In fact, at all mole frac- 



Toluene Mole per cent benzene Benzene 

Fia. 52. Vapor pressuie- (•omposition graph at constant ttnnperature for an idt‘al 
solution, tolu(me and benzene. 

tions the vapor will be richer than the liquid in the more volatile com¬ 
ponent. The same general considerations apply to solutions which are 
not ideal, but in these solutions the partial pressures cannot be cal¬ 
culated with exactness from the mole fractions. 

In Fig. 62 the total vapor pressure of an ideal solution, benzene in 
toluene, is plotted against the mole per cent of the component which has 
the higher vapor pressure. The temperature is constant. There must 
be two curves, one for the liquid and one for the vapor composition, 
because the composition of the two is generally not the same at a given 
pressure. The line shown in Fig. 52 for the vapor pressure plotted 
against the composition of the liquid is straight because the solution is 
ideal. Ideal solutions are comparatively uncommon. The vapor- 
pressure curve for n-hexane in benzene at constant temperature, shown 
in Fig. 63, is a more common type of diagram. Because the partial pres- 
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Fig. 53. Vapor pressure-composition graph at constant temperature for a nonideal 
solution, n-hexane and benzene. 



Benzene Mole per cent n>hexane in benzene n-Hexane 


Fig. 54. Temperature-composition graph at constant pressm*e for a nonidcal solu¬ 
tion, n-hexane and benzene. 






208 


SOLUTIONS 


sures are not proportional to the mole fraction (or mole per cent), the 
liquid curve is no longer straight. 

The curve for the liquid in Fig. 53 gives the total vapor pressure 
exerted by a liquid of the composition given on the x axis. The curve for 
the vapor gives the pressure at which vapors of a specified composition 
first show a tendency to form a liquid phase. 

Since the vapor is relatively richer in the more volatile component, it 
follows that the curve representing vapor composition must always lie 
closer to the component which has the higher vapor pressure. For ex¬ 
ample, in Fig. 53, since n-hexane is seen to have a higher vapor pressure 
than benzene, the vapor curve must lie nearer to the side corresponding to 
n-hexane than does the curve which gives the composition of the licjuid. 

More often the boiling temperatures (the temperature at which the 
total pressure becomes ecjual to the atmospheric pressure) are plotted 
against the mole per cent, as shown in Fig. 64 for n-hexane and Ijenzene 
at 735 mrn.* The liquid with the higher vapor pressure (hexane) has 
the lower boiling point, and the w^hole appearance of the curves is re¬ 
versed. Since the vapor is relatively richer in the more volatile com¬ 
ponent, the vapor curve lies closer to the pure component having the 
lower boiling point, that is, closer to the pure n-hexane. 

Maximum and Minimum Boiling Points. In some cases, the de¬ 
parture from ideal behavior is so great that the curves exhibit actual 
maxima as shown in Fig. 66 for acetone and chloroform at 750 mm. 



Acetone Mole per cent chloroform Chloroform 

Fig. 55. Temperature-composition graph for acetone and chloroform showing a 

maximum. 

It may be remembered that this system has a minimum in the total 
vapor-pressure curve as shown in Fig. 50. These maxima and minima 
* Tongberg and Johnston, Ind. Eng. Chem., 26 , 734 (1933). 
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fall at the same composition in both curves (except for slight changes due 
to the differences in temperature). 

Many pairs of liquids are known whose boiling-point curves pass 
through a minimum, as shown in Fig. 66 for ethanol in benzene. The 



Ethanol Mole per cent benzene in ethanol. Benzene 

Fig. 56. Temperature-composition graph for ethanol and benzene showing a 

minimum. 


vapor-pressure curves would pass through a maximum at the same com¬ 
position. Typical solutions exhibiting maxima and minima in the boil¬ 
ing point curves are given in Tables V and VI. 


TABLE V 

Binahy Mixtures with Maximum Boiling Points 


Components 

Pressure, 

mm 

Maximum 
Boiling Point 

Weight, per cent 

Hydrochloric acid + water 

760 

108.58° 

20.222 hydrochloric 


700 

106.42 

20.360 hydrochloric 


600 

102.21 

20.638 hydrochloric 

Nitric acid -f water 

760 

120.5 

68.0 nitric 

Acetic acid -f water 

760 

107.1 

77.9 acetic 

Chloroform -f acetone 

760 

64.5 

65.5 chloroform 

Phenol + cyclohexanol 

760 

182.5 

90.0 phenol 
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TABLE VI 


Binary Mixtures with Minimum Boiling Points 


Components 

Pressure, 

mm 

Minimum 
Boiling Point 

Weight, per cent 

Ethanol + water 

760 

78.13" 

95.57 ethanol 

Carbon tetrachlorides 




-\r methanol 

760 

55.70 

44.5 carbon tetrachloride 

Carbon disulfide acetoiu^ 

760 

39.25 

61 .0 carbon disulfide 

Ethyl a(;etate -f- wat(‘r 

500 

59.4 

92.46 (‘tliyl a(retate 


A very complete list of liquids giving maximum and minimum boiling 
points is now available.* 

Maxima and minima are not confined to vapor-pressure and boiling- 
point curves, but they are sometimes found when freezing points, den¬ 
sities, viscosities, heats, and other properties are plotted against com¬ 
position. They are not found in ideal solutions. Whenever a maximum 
exists, there must be at least two opposing factors, one tending to in¬ 
crease the magnitude of the property and the other tending to decrease 
it as the concentration is changed. 

The mixture of hydrochloric acid and water has been studied ex¬ 
tensively, and the composition of the constant-boiling mixture is so 
reproducible that it is used as a standard in quantitative analysis. If 
any solution of hydrochloric acid is boiled for a sufficient time under a 
pressure of 760 mm, the temperature will gradually rise to 108.58 and 
remain stationary, and the mixture boiling at this constant temperature 
will contain 20.222 per cent hydrochloric acid by weight. 

In the case of hydrochloric acid and water, the minimum in the vapor- 
pressure curve, or maximum in the boiling-point curve, is due to the 
ionization of hydrochloric acid. Water and pure hydrochloric acid have 
high vapor pressures, but the electrically charged hydrogen and chloride 
ions cannot escape from the solution. It is shown in the next chapter 
that they lower the vapor pressure of the water. In small amounts, 
hydrochloric acid added to water lowers the vapor pressure through its 
ions; but in large amounts, it increases the vapor pressure by adding to 
the solution the more volatile hydrochloric acid molecules, a fact which 
can be realized from the sharp odor of hydrochloric acid in the con¬ 
centrated solutions. 


Horsley,Table of Azeotropes and Non-Azeotropes, AnaZ. Chern,, 19,508--600 (1947) 
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It was thought at one time that maxima of this type correspond to 
deiinite chemical compounds, and indeed a maximum in a freezing-point 
composition does indicate the formation of a chemical compound, as 
explained in a later chapter. The composition of 20.22 per cent HCl 
in the constant-boiling mixture corresponds very closely to the formula 
HC/I -81120, but the relation is accidental. It has been proved that such 
mixtures are not definite chemical compounds since the composition 
of the distillate changes when the distillation is carried out under dif¬ 
ferent pressures, as shown in Tables V and VI. Usually, these maxima 
do not come at compositions corresponding to any chemical formula, and, 
if maxima in two different properties occur in the same mixture, they 
often occur at different compositions. 

(diemical combination or attraction due to the existence of dipoles or 
induced dipoles in the molecule is, nevertheless, a factor in many solu¬ 
tions. The tendency for two liquids to attract each other in a loose 
compound through the formation of a hydrogen bond is responsible for 
the formation of some systems with a minimum vapor pressure and 
maximum boiling point, particularly if the vapor pressures are fairly 
close together. Supporting this view, Ewell and Welch * have shown 
tliat most of the ketones form with alkyl halides boiling-point curves 
which have maxima, if the boiling points are close together. 

Distillation of Binary Systems. When binary or two-component 
systems are distilled under constant pressure, three types of boiling-point 
curves can be distinguished, as shown in Figs. 54, 55 and 56. 

The lower-boiling-point component (or mixture of components in 
minimum-boiling mixtures) is present in relatively greater amount in the 
vapor phase in all these diagrams in which boiling temperatures are 
plotted along the y axis. 

When binary mixtures which exhibit a maximum in their boiling- 
point curves, as shown in Fig. 55, are vaporized the more volatile com¬ 
ponent comes off in greater amount than the liquid mixture as shown at 
l-v and V-v\ The boiling point of the remaining liquid then rises until 
the liquid phase acquires the composition corresponding to the maxi¬ 
mum, at 65.5 per cent of chloroform in Fig. 55. The liquid and vapor 
then have the same composition, and distillation proceeds without 
further change in composition, provided the pressure remains constant. 
Such a solution which distils without a change in composition or tem¬ 
perature is called an azeotropic solution. 

A constant-boiling temperature does not necessarily show that the 
liquid is a pure compound. Such a criterion for purity of an organic 
liquid should be supplemented with other tests. 

* EweU and Welch, /. Am. Chem. Soc., 68 . 2476 (1941). 
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Similarly, if a mixture having an initial composition which corresponds 
to V is distilled, the liquid phase becomes relatively less rich in chloroform 
and finally acquires the composition of the mixture having the max¬ 
imum boiling point. 

From all solutions with more than 05.5 mole per cent, pure chloroform 
can be separated in the distillate by successive distillations, but pure 
acetone cannot be obtained. The ultimate residue will contain 05.5 
mole per cent chloroform and 34.5 per cent acetone. Pure acetone can 
be obtained in the distillate however by successive distillations of solu¬ 
tions which contain less than 05.5 mole per cent chloroform. 

Thv^ third type of boiling-point curve has a minimum, as shown in 
Fig. 5(), for ethanol and benzene. Any mixture whose composition lies 
between that of A and M may be separated by fractional distillation. 
Pure A is then left in the residue, and the mixture M, having the com¬ 
position of the minimum boiling point, is obtained as the distillate. In 
like manner, mixtures whose composition lies between those of B and M 
can also be separated by fractional distillation into pure B and the mix¬ 
ture M. Pure B, however, cannot be obtained on distilling a mixture 
whose composition lies between that of A and M, As shown in Fig. 5(), 
the vapor compositions v and v' are nearer to the minimum boiling com¬ 
position than the corresponding li(iuid compositions I and V. 

Fractional Distillation. When a mixture of two liquids vaporizes, 
that component wliich has the higher partial vapor pressure tends to 
concentrate in the vapor, thus producing a difference in composition 
between the liquid and the vapor which is in equilibrium with it. This 
vapor may be condensed, and the vapor coming from this condensate 
is still further enriched in the more volatile component. This successive 
vaporization and condensation is called fractional distillation. 

The situation is represented in Fig. 67a for a simple binary mixture in 
which there is no maximum nor minimum in the boiling curve. Al¬ 
though the data of the figure are only for one pressure, data at other 
pressures give similar curves. The dotted line which makes an angle 
of 45° with the x axis is such that any point on it has the same value 
along the x and y axes; in other words, the composition of vapor and 
liquid along this hypothetical line is the same. The full line along yi 
and 2/3 gives the composition of vapor plotted along the y axis correspond¬ 
ing to any composition of liquid plotted along the x axis. If the mixture 
has a minimum vapor pressure as in Fig. 50, the curve intersects the 
45° line with a maximum slope as shown in Fig. 67b. If the mixture has 
a maximum, as in Fig. 51, it intersects with a minimum slope as shown 
in Fig. 67c. In Fig. 57a, there are two points where the composition 
of vapor and liquid is the same, namely, pure A and pure B. In Figs. 



FRACTIONAL DISTILLATION 213 

57h and c there is a third point where they are the same, namely, at the 
maximum or minimum boiling point. 

The process of fractional distillation may be illustrated by reference 
to Fig. 57a. If one starts with a large amount of liquid of composition 
Xi and evaporates a small portion, the vapor will be found to have the 
composition yi . If all this vapor is condensed, the condensed liquid will 
have the composition yi also. If the composition of the condensed 
liquid is called X 2 , it follows that X 2 = yi^ Wlien a very small portion of 




Fig. 57. Fractional-distillation diagrams used in calculation of the number of theo¬ 
retical plates in a fractionating column: (a) simple solution; (b) solution with mini¬ 
mum in vapor-pressure curve; (c) solution with maximum in vapor-pressure curvti. 

this liquid of composition X 2 is evaporated, the vapor will have the com¬ 
position 1 / 2 . If this process of evaporation and condensation is con¬ 
tinued, it is possible to obtain a very small amount of the more volatile 
component in a practically pure state. 

A series of successive vaporizations and condensations may be carried 
out in a fractionating column, without the material having to be trans¬ 
ferred from boiler to condenser at every step. The simplest form to 
visualize is the tower of bubble caps diagrammed in Fig. 68. 

When all the condensed vapor is returned to the boiling liquid under 
conditions of total reflux, fresh liquid of constant composition cor¬ 
responding to composition Xi of Fig. 57 is fed in at the bottom through 
the reservoir and valve, and vapor from it bubbles out through the liq¬ 
uid in the first or lowest trough. The composition of this liquid cor- 
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responds to 2/1 or X 2 . The vapor from the first layer of condensed liquid 
now corresponds to 2 / 2 , and it passes up through the second bubble cap 
where it is condensed to give the second layer of liquid having com¬ 
position X 3 which is equal to that of 1 / 2 . The overflow is returned to the 
first layer and eventually down to the residue. The process is con¬ 
tinued through a whole series of liquid layers. Each layer is called a 



plate. The distillate at the top is greatly enriched in the more volatile 
component, some enrichment taking place at each condensation and 
evaporation, that is, at each plate. 

The column is well insulated, or it is surrounded by a controlled heat¬ 
ing jacket so that there will not be general condensation on the walls. 
The whole system reaches a state of equilibrium in which the composi¬ 
tion of liquid on each plate remains unchanged. In actual practice, for 
continuous distillation the incoming liquid is fed into the tower near the 
middle. 

In the laboratory, distillations are usually carried out in batches, and 
the liquid in the bottom is gradually reduced in volume as the vapor at 
the top is distilled out and recovered by condensation. The mathe¬ 
matical analysis under these conditions is more complicated, but, if the 
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column is operated at nearly total reflux, so that very little of the vapor 
is distilled out, a state of equilibrium is reached which is practically the 
same as that described for the continuous-flow operation. 

The bubble-cap towers are not often used, because it is simpler to 
pack the tower with material which will provide efficient contact be¬ 
tween liquid and vapor and will occupy only a small volume so that there 
is free space to permit a large through-put of vapor. Helices of glass, 
spirals of screen, and various types of packing * are used with varying 
degrees of efficiency. 

The efficiency of a column is expressed in terms of the number of 
theorcitical plates to which it is equivalent. A theoretical plate may be 
considered as a hypothetical section of the distilling column of such 
length that the vapor leaving at the top of the section has had oppor¬ 
tunity to come into equilibrium with the liquid leaving at the bottom of 
the section. It may be visualized as the equivalent of a layer in a 100 
per cent efficient bubble-cap tower, that is, one in which the vapor leav¬ 
ing the plate is in complete equilibrium with the circulating liquid on the 
plate. 

The number of theoretical plates in a column at infinite reflux can 
be determined by finding the composition of the exit vapors and that 
of the liquid in the distilling flask under conditions of total reflux, mark¬ 
ing these two })oints on the 45° line of Fig. 57a and finding the number of 
horizontal-vertical steps which can be drawn between the two com¬ 
positions. Thus, if the composition of the distillate is found to be X 4 and 
that of the residue to be Xi, three steps can be drawn connecting the two. 
Since the distilling pot itself corresponds to one theoretical plate, the 
column to which this example applies has two theoretical plates. 

A fractionating column operating at total reflux obviously would not 
be very practical for separating liquids, but the higher the reflux ratio, 
that is, the greater the ratio of liquid returned to the distilling flask to 
the vapor distilled out, the greater is the efficiency of separation. An 
ordinary distilling flask and unpacked column may be equivalent to one 
or two theoretical plates, but, when it is well packed, with special pack¬ 
ing which presents a large area of the flowing liquid to the vapor, it is 
possible to have the equivalent of a theoretical plate every inch or so. 
Fractionating columns of 10 to 20 theoretical plates operating at a reflux 
ratio of 10 to 1 effectively separate liquids which have boiling points so 
close together that they cannot be separated in a simple distillation flask. 

* Daniels, Mathews, and Williams, ‘‘Experimental Physical Chemistry,’’ McGraw- 
Hill Book Co., New York, 1941; Morton, “Laboratory Techniques in Organic Chem¬ 
istry,” McGraw-Hill Book Co., New York, 1939, Chapter IV. 
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Marked improvements have been made recently in laboratory distilla¬ 
tions and purifications, as well as in industrial distillations. The demands 
of the petroleum industry have given an impetus to the development of 
the theory and practice of fractional distillation. 

Immiscible Liquids. The vapor-pressure relations of two immiscible 
liquids are shown in Fig. 69. Each exerts its own vapor pressure inde¬ 
pendently of the other. The total vapor pressure is obviously the sum 
of the vapor pressures of the two liquids if neither licjuid dissolves in the 



I'uj. 59. Pr( 3 S 8 ur(vtenip(^raturo graph for immiscible Ii(jui(ls, water and bromo- 

benzene. 


other, and the vapor pressure and composition of the vapor are constant 
at constant temperature, independent of the composition of the liquid 
mixture. 

In the example shown, the total vapor pressure reaches atmospheric 
pressure 0 at 95°, and both liquids distil together at this temperature. 
When cither one of the liquids has completely distilled away at this 
temperature, the vapor pressure drops to that of the remaining liquid, 
M or N, 

Since the pressure of a gas is proportional to the number of molecules 
in a given space, the vapor pressures are represented by pa and ps and 
the number of moles by ua and ub for the two immiscible substances A 
and B. Then, 

PR riB 


(8) 
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The number of moles can be calculated by dividing the weight in grams 
6y the molecular weight, giving 


or 


Pa wa/Ma 
Pb wbIMb 

Wa _ PaMa 
wb pbMb 


(9) 


This formula is useful in calculating the relative weights wa and Bp 
of the two liquids which are condensed out in distillation. 

A common laboratory and industrial operation which makes use of 
this relation is steam distillation. The steam is blown through a liquid 
which is immiscible with water, and the condensing steam carries with 
it quantities of the other liquid. 

If an organic substance is immiscible with water and unaffected chem¬ 
ically by steam, it is possible to effect a purification by steam distillation, 
even though the vapor pressure is relatively low. It is the low molec¬ 
ular weight and the cheapness of water which render it so suitable for 
distillations of this kind. 


Example 4- How inariy grains of water would ho re(iuirod to steam-distil a 
kilogram of Viromohenzeiie? The vapor pressure of bromobenzeiie is 125 nun 
at 95°, and that of water is 635 nirn. 

^ Mceii^r 125 ^ 157 TOOO * ^ 

The behavior of partially miscible liquids is similar to completely 
miscible liquids as long as there is only one liquid layer, showing that 
the two liquids dissolve completely in each other. When the mutual 
solubility is exceeded and two layers are formed, the vapor-pressure re¬ 
lations resemble those of the immiscible liquids. 

Partial Molal Quantities. The concept of partial molal quantities, 
developed by G. N. Lewis, has helped materially in placing the study of 
solutions on an exact basis. For example, when a mole (32 g) of meth¬ 
anol is added to a small quantity of water, the change in volume pro¬ 
duced on mixing is not the same as when it is added to a large quantity 
of water. The volume depends on the concentration, and, since the 
concentration changes during the mixing, the measurements are com¬ 
plicated in a manner which was not realized in the early Avork on solu¬ 
tions. This problem can be solved readilv with the methods of partial 




SOLUTIONS 


218 


differentiation by determining the change produced by the addition of 
an infinitesimal quantity of the solute. The partial molal volume F is 
defined by the equation 



( 10 ) 


where n is the number of moles. In words, it is the rate of change in 
volume produced by the addition of solute to the solution at constant 
temperature and pressure. The partial molal volume of the solute V 2 
changes with the concentration, and it can be visualized as the increase in 

volume produced by adding 1 mole 
of the solute to a large quantity of 
the solution, a quantity so large in 
fact that the addition of the 1 mole 
of solute does not increase appre¬ 
ciably the concentration of the solu¬ 
tion. For example, a mole of meth¬ 
anol weighs 32.03 g and occupies 
40.45 ml. When it is added to a 
large reservoir of pure methanol, 
the volume is increased 40.45 ml, 
but, when it is added to a large res¬ 
ervoir of a solution containing 0.2 
mole fraction of methanol and 0.8 
mole fraction of water, the in¬ 
crease is only 37.7 ml. An obvious 
method for determining the partial molal volume of a solute consists in 
plotting the volume of the solution against the number of moles of solute 
contained in 1000 g of the solvent (that is, against the molality), and 
determining the slope of the curve as shown in Fig. 60. The slope of the 
curve dV/dn 2 at any molality gives the rate of change in volume with 
the moles of solute added, and this is by definition the partial molal 
volume of the solute. In Fig. 60 the tangent is drawn to the curve at 
a molality of 13.35, and it is found to have a slope of (1625 — 1375)/ 
(16.30 — 9.60) or 37.3, which is the partial molal volmne of the meth¬ 
anol at this molality. 

The partial molal volume of water is determined in a similar manner 
by drawing tangents to the curve obtained by plotting the molal volume 
of the solution against the molality of the water in the methanol-water 
solution. 

Other specialized graphical methods are available for obtaining partial 
molal Quantities with greater precision than can be obtained by this 



Fig. 60 . Determination of partial molal 
volumes by the method of tangents. 
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simple graphical determination of tangents.* Sometimes calculated 
quantities are plotted in such a way that the errors of graphing apply 
only to a correcting term rather than to the whole quantity. 

Other properties such as partial molal free energy or partial molal 
heat capacities or partial molal enthalpies may be determined in the 
same way as the partial molal volumes. The partial molal free energy 
F of a given component is an important quantity which is used in de¬ 
riving formulas for the thermodynamic behavior of solutions because it 
has the same value in every phase which is in equilibrium. 

After the partial molal volumes (or other properties) have been de¬ 
termined, the volume of the whole solution can be obtained at any con¬ 
centration by direct addition, as shown by equation 11, 

UiVI + ^2^2 + ^3^3 + * * * — V (11) 

where V is the volume of the whole solution, and where ni, n 2 , ris, etc.) 
refer to the number of moles of the different components and V to the 
corresponding partial molal volumes. 

Heat of Solution. The heat effect which accompanies the dissolving 
of a mole of solute is known as the molal heat of solution. It changes with 
the concentration all the way from an infinitely dilute solution, that is, 
pure solvent, to a saturated solution as is illustrated in Fig. 61. This 
figure gives the heat absorbed when ^2 moles of sodium bromide is dis¬ 
solved in 1000 g of solvent, f The addition of 1 mole of this solute to 
1000 g of water absorbs 800 cal of heat, and it might be expected that 
the addition of 2 moles to 1000 g of solvent would absorb IGOO cal. How¬ 
ever there is an interaction of the solute ions with the solvent which 
gives a heat effect that usually is not directly proportional to the amount 
of solute added. In concentrated solutions, the solvent molecules be¬ 
have quite differently from those in the pure solvent, and, of course, 
there is an interaction between solute molecules when the concentration 
is large. In sodium bromide, shown in Fig. 61, the addition of 2 moles 
of solute to 1000 g of solvent absorbs 1390 cal, the addition of 3 moles 
absorbs 1790 cal, and the addition of more solute gives a continuously 
decreasing absorption of heat per mole dissolved. When the solution 
becomes saturated at 9.0 molal, the further addition of solute produces 
no further effect because no more can dissolve. 

The integral heat of solution is defined as the heat absorbed when 1 
mole of solute is dissolved in a sufficient quantity of the solvent to give 
the specified concentration. In Fig. 61, the integral heats of solution at 1, 

* Lewis and Randall, ^^Thermodynamics and the Free Energy of Chemical Sub¬ 
stances,^^ McGraw-Hill Book Co., New York, 1923, page 38. 

t Hamed and Crawford, J. Am. Chem. Soc., 69, 1903 (1937). 
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2, and 3 molal are, respectively, 830, qy 695, and or 597. It 
is possible also to calculate the heat absorbed when a given number of 
moles is added to a solution of specified concentration. Thus, in Fig. 61, 
the addition of 1 mole of solute to 1 mole of solute in a 1-molal solution 
absorbs 1390 — 830 or 560 cal of heat. 

The partial molal or differential heat of solution is defined as d(A//) 
-i- dn 2 f where All is the heat of solution of n 2 moles of solute in 1000 g 



Fig. C)1. Integral and differential heat of .solution of sodium bromide in water. 

of solvent. It is the heat of solution of a mole of solute in a quantity of 
solution so large that the addition of the one more mole of solute does 
not change appreciably the concentration of the solution. It is illus¬ 
trated by the tangent at 3.0-molal solution, which has a value of 330 
cal per mole. The average heat of solution obtained by dividing differ¬ 
ences in AH by the corresponding differences in is not definite. It 
depends on the range of concentrations which is covered. Before these 
methods of differential calculus were applied to solutions, confusion 
existed, and different investigators reported different heats of solution. 

The partial molal heat of solution in the pure solvent is the limiting 
slope of the curve as n 2 approaches zero. It represents the heat ab¬ 
sorbed when a mole of solute is dissolved in an infinitely large amount 
of pure solvent to form an infinitely dilute solution. For sodium bromide 
at infinite dilution d{AH)/dn 2 = 830 cal per mole. The slope of the 
curve when n 2 is the molality of the saturated solution, represents the 
heat absorbed when a mole of solute is dissolved in a large amount of 
nearly saturated solution. 
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The integral heats of solution are recorded for a number of solutes in 
Fable VII. They give values of AH when 1 mole of the substance is 
dissolved in the number of moles of water specified—usually 200. When 
AH is positive, heat is absorbed; when it is negative, heat is evolved. 

TABLE VII 

Integral Heats of Solution in Water at 20° 


Solute 

Moles 

H 2 O 

A//, 

kcal/mol(‘ 

Solute 

Moles 

H 2 O 

A//, 

kcal/mole 

H 2 SO 4 

200 

-17.7 

NaCl 

200 

1.3 

HNO 3 

200 

- 7.5 

KCl 

200 

4.4 

HCl 

200 

-17.4 

KBr 

200 

5.0 

HBr 

200 

- 20.0 

KI 

200 

5.1 

HI 

200 

-19.2 

CUSO 4 

800 

-15.9 

NaOII 

200 

- 10.0 

CuS04-5H20 

800 

2.8 

NaNOs 

200 

5.0 

HCOOH 

49 

0.30 

KNO 3 

200 

8.5 

CH 3 COOH 

30 

0.1 

NH 4 NO 3 

200 

6.3 

CCI 3 COOH 

500 

2.7 

NH 4 CI 

200 

3.9 

CII 3 OH 

19 

2.0 


Usually, heat is absorbed when a crystalline salt dissolves, because in 
the solution process the atoms or ions are torn apart from each other in 
the crystal lattic.e. If this process is not offset by other processes, it 
might be expected that as much heat would be absorbed as is absorbed 
in the fusion of the crystal. In fact, the heat of solution of a substance 
in a solvent to give an ideal solution is exactly equal to the heat of fusion. 
Combinations with the solvent can evolve heat which partially or wholly 
offsets this cooling effect. 

The importance of this attraction of the solvent for the solute in the 
process of solution may be illustrated by the dissolving of sodium chlo¬ 
ride. In the crystal lattice of sodium chloride, positive sodium ions and 
negative chloride ions attract each other strongly. The energy that is 
required to separate them is so great that nonpolar solvents like benzene 
or carbon tetrachloride will not dissolve sodium chloride; but a solvent 
like water, wliich has a large dielectric constant and a large dipole mo¬ 
ment, combines with the ions and in so doing evolves a large amount of 
heat. In this way, the large energy required for breaking up the crystal 
lattice is made available. With sodium chloride the heat of interaction 
with the solvent just about offsets the heat of separation of the ions, and 
there is very little heat effect. With some substances the combination 
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with the solvent more than offsets the energy required to separate the 
units of the solute, and heat is actually evolved. 

When a solution is diluted by the addition of more solvent, there is a 
heat change corresponding to the difference in the integral heat of solu¬ 
tion at the two concentrations. As the dilution is increased, the thermal 
effect produced by the addition of more solvent becomes less and less 
and ultimately approaches zero. 

The previously unpublished data of Professor T. F. Young of the 
University of Chicago presented in Table VIII give unusually exact in- 

TABLE VIII 

Heats of Solution and Dilution of Sodium Chloride in Water at 25® 

AH in calories for rn HoO + ^2 NaCl = solution containing n,i H 2 O -f ^'2 NaCl 


Molality 

no 

MI 

d{AH) 

d{MI) 

MI 

n2 

dn>2, 

dn\ 

Kg H 2 O 

0.0000 

00 

923 

923 

-0.0000 

0.00 

0.0100 

5551 

962 

979 

-0.0029 

9.62 

0.0225 

2467 

977 

997 

-0.008 

21.98 

0.0400 

1388 

989 

1009 

-0.015 

39.56 

0.0900 

617 

1004 

1018 

-0.023 

90.4 

0.1600 

347 

1008 

1009 

-0.002 

161.3 

0.2500 

222.0 

1005 

986 

-f 0.086 

251.2 

0.3600 

154.2 

994 

952 

0.27 

357.8 

0.4900 

113.3 

977 

909 

0.61 

478.7 

1.0000 

55.51 

i 898 

737 

2.90 

898 

1.9600 

28.32 

750 

471 

9.80 

1470 

3.2400 

! 17.13 

597 

280 

18.5 

1934 

4.0000 

' 13.88 

532 

235 

21.4 

2128 

4.8400 

11.47 

480 

244 

21.6 

2323 

5.7600 

9.64 

448 

318 

13.5 

2580 

6.0025 

9.25 

443 

350 

10.1 

2659 


formation regarding the heat of solution and heat of dilution for sodium 
chloride over a wide range of concentrations. It is interesting to note 
that there is a change of sign in the heat of dilution as the solution be¬ 
comes dilute. 

REFERENCES 

Hildebrand, ‘‘Solubility of Non-cilectrolytes,^^ Reinhold Publishing Corp., New 
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PROBLEMS 

1. A solution of KNO 3 contains 192.6 g of salt per liter of solution. The density 
of the solution is 1.1432. Calculate the concentration in terms of (a) molality, 
(6) molarity, (r) mole fraction, (d) weight per cent. 

Ans. (a) 2.004. (b) 1.905. (c) 0.0348. (d) 16,85. 

2. In an evacuated vessel of 6-liter capacity, 1.0 g of water and 1.0 g of hexane 
are evaporated and heated to 350°. 

(а) What is the total pressure in atmospheres? 

(б) What is the mole fraction of water in the vapor? 

(r) What is the percentage composition (by weight) of the vapor? 

Ans. (a) 0.577 atm. (6) 0.828. (c) 50. 

3. Exactly 1.1 (X) g of carbon dioxide was introduced into a 1-liter flask which 

contained some pure oxygen before being subjectc^d to partial evacuation. The flask 
was warmed to 100° and the pressure found to be 608 mm Hg. Considering oxygen 
and carbon dioxide to be the only gases present, calculate the weight of oxygen in 
the flask. Ans. 0.0351 g. 

4. At 20°, 1 volume of wah^r absorbs 0.03405 volume of oxygen under atmos¬ 
pheric pressure and 0.01696 volume of nitrogen under atmospheric pressure. When 
air (20.9 per (HUit oxygen and 70.1 p(;r cent nitrogen by volume) is dissolved in water 
under atmosplu'ric; pressure, what is the percentage (by volume) of oxygen and of 
nitrogen in the dissolved gases? 

Ans. O 2 = 34.65; N 2 = 65.35 per cent by volume. 

5. The solubilities of carbon monoxide and nitrous oxide in water are 0.757 and 
0.539, respectively, where solubilities are (expressed in volume of gas under standard 
conditions per volume of solution. The solubility of carbon monoxide in 1.0 molal 
Mg(N 03)2 is 0,559. Calculate the solubility of nitrous oxide in 1.0 molal Mg(N 03 ) 2 . 
The experimental value is 0.385. Ans. 0.398 volume per volume of solution. 

6. pjthanol and methanol form a solution which is nearly ideal. The vapor 
pressure of ethanol is 44.5 mm, and that of methanol is 88.7 mm at 20°. (a) Cal¬ 
culate the mole fraction of methanol and ethanol in a solution obtained by mixing 
100 g of each, (b) Calculate the partial firessures and the total vapor pressure of 
the solution, (r) Calculate thti mole fraction of methanol in the vapor. 

Ans. (a) NcutiOn ~ 0.590; Nc^hbOii — 0.410. 

{b) PC 2 H 5 OH = 18.25; PCH 3 OH = 52.32; Ptotai = 70.6. 

(c) 0.741. 

7. Prove that, for ideal solutions of two volatile liquids A and B, 

p = = p°^ -I- - P°a) 

Check this equation against a graph for the total vapor pressure of an id(‘al solution. 

8. Th(‘ vapor pressure of the immiscible liquid system diethylaniline-water is 
760 mm at 99.4°. The vapor pressure of water at that temperature is 744 mm. 
How many grams of sh;am are necessary to distil over 100 g of diethylaniline? 

_ Ans. 562 g. 

9. Ten grams of pure acetic acid IIC 2 H 8 O 2 is dissolved in 100 g of water. The 
density of the solution at 20° is 1.0123. Calculate the concentration of acetic acid 
in terms of (a) per cent by weight, (6) molality, (r) molarity, (d) mole fraction. 

10. It has been established that the refractive index of a solution of carbon tetra*' 
chloride in benzene is a linear function of the mole fraction of either component. 
For benzene, nl? ~ 1.5024. For carbon tetrachloride, nlf = 1.4618. Calculate the 
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per cent by weight of CCI 4 in a solution of the two having a refractive index at 18° 
of 1.4807. 

11 . At 25° and 1 atm pressure, the solubility of oxygen, O 2 , in water is 0.001225 
mole per liter. How many grams are dissolved in a lake which is 1 mile in diamett^r 
with an average depth of 20 ft, if complete equilibrium with the air is assumed? 

12 . Benzene and toluene form a solution which is nearly ideal. At 80° the vapor 
pressures of benzene and toluene are as follows: vapor pressure of benzene = 753 
mm Hg; vapor pressure of toluene = 290 mm Hg. In a solution containing 0.5 
mole fraction of benzene and 0.5 mole fraction of toluene, what is tbe composition 
of the vapor at 80 °? 

13. From th(i data given b(;low construct a complete temperature-composition 
diagram for the system ethanol-ethyl acetate. The data apply to 760 rnm. A 
solution containing 0.8 mole fraction of ethanol EtOII is distilled completely at 760 
mm. (a) What is the c^omposition of the first vapor to (^oiru^ off? (5) Of the last 
drop of licjuid to evaporate? (c) What would be the values of the above quantities 
if the distillation were carried out in a cylinder provided with a piston so that none 
of the vapor could escape? 


V ethanol 

liquid 

■V ethanol 

vapor 

Temperature 

H ethanol 

licjuid 

V ethanol 
vapor 

Temperature 

0 

0 

77.15 

0.563 

0.507 

72.0 

0.025 

0.070 

76.7 

0.710 

0.600 

72.8 

0.100 

0.164 

75.0 

0.833 

0.735 

74.2 

0.240 

0.295 

72.0 

0.942 

0.880 

76.4 

0.360 

0.398 

71.8 

0.982 

0.965 

77.7 

0.462 

0.462 

71.0 

1.00 

1.0000 

78.3 


14. The boiling point of the immiscible liquid system naphthalene-water is 98° 
under a pressure of 733 mm. The vapor pressure of water at 98° is 707 mm. Cal¬ 
culate the per cent of naphthalene in the distillate. 

15. When 1 mole of water was added to an infinitely large amount of an aqueous 
methanol solution having a mole fraction methanol 0.40, the volume of the solution 
in(!reas(}d 17.35 ml. Whim 1 mole of methanol was addt^d to such a solution, the 
volume inc^t^as(^d 39.01 ml. Calculate the volume of a solution containing 0.40 mole 
of methanol and 0.60 mole of water. 

16. Plot enough of the data of Table VIII to determine graphically the partial 
molal heat of solution of sodium chloride in 0.8 molal sodium chloride solution. 

17. The integral heat of solution of 1 mole of II 2 HO 4 in n moles of water is given 
by the formula: 


ML 


solution 


~17,860n 


cal 


Calculate AH for the following reactions: 

(a) Solution of 1 mole of H 2 SO 4 in 5 moles of water. 

(b) Solution of 1 mole of H 2 SO 4 in 10 moles of water. 

(c) Solution of 1 mole of II 2 SO 4 in a large excess of water, 100,000 moles for example. 

(d) Addition of a large excess of W'-ater to a solution containing 1 mole of H 2 SO 4 in 
10 moles of water. 

(e) Addition of 5 moles of water to a solution containing 1 mole of H 2 SO 4 in 5 moles 

of water. _ 


18. Ten grams of carbon tetrachloride (density = 1.595) and 50 g of benzene 
(density = 0.878) are mixed. Calculate the composition of the mixture in terms of 
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(a) per cent by weight of each compound, (6) mole fractions, (c) molal concentration, 
and (d) molar concentration, considering the benzene to be the solvent, assuming for 
this calculation that the solution is ideal. 

19. Three flasks are connected by stopcocks. Given the following data: 

Volyme Pressure 

Flask (liters) Contents (atm) 

A 1 O 2 2 

7? 2 N 2 I 

C 3 H 2 3 

Calculate (a) total pressures, {b) partial pressure of each gas, and (c) mole fraction 
of each gas after the stopcocks are opened and the gases are mixed at constant tem¬ 
perature. 

20. A 10-liter tank of methane at 740 mm total pressure and 25° contains 1 liter 
of water. How many grams of methane is dissolved in the water? 

21. The reduction in solubility of gases such as carbon dioxide in aqueous solutions 
by inorganic salts is, within experimental errors, an additive function of ion con¬ 
centrations. Using this fact, calculate, from the following data, the solubility of 
carbon dioxide in a 0.1 M solution of sodium nitrate at 25°. The solubilities are 
expressed in terms of volume of gas measured at 0° and 760 mm per volume of solu¬ 
tion at 25°. The salts arc dissociated into ioiLs such as K"*” and Cl~ (page 250). 

Data at 25° 

^Solution Solubility CO 2 


PurelHO 0.7567 

O.lMKCl 0.7432 

O.lATNaCl 0.7379 

O.lil/KNOa 0.7501 


22. At 25° the vapor pn^ssures of chloroform and carbon tetrachloride arc 199.1 
and 114.5 mm, respectively. If the two liciuids form an ideal solution, (a) what is 
the composition of the vafKjr in equilibrium with a mixture containing 1 mole of 
each; (6) what is the vapor pressun^ of the mixture? 

23. For mixtures of benzene and isopropanol the following data are available at 
25°. Draw a complete pn'ssure-composition diagram including partial pressure 
curves for each of the constituents. What would be the approximate composition 
of distillate obtained by distilling a liquid whose mole fraction (with respect to 
isopropanol) was 0.521 until its mole fraction had become 0.70? The vapor pressure 
of pure benzene at 25° is 94.4 mm. 


Mole fraction 

of isopropanol 

Partial pressure of 

In liquid 

In vapor 

isopropanol in mm 

0.000 

0.000 


0.059 

0.123 

12.9 

0.146 

0.205 

22.4 

0.362 

0.255 

27.6 

0.521 

0.288 

30.5 

0.700 

0.365 

36.4 

0.836 

0.470 

39.5 

0.926 

0.635 

42.2 

1.000 

1.000 

44.0 
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24. Calculate the partial molal volume of zinc chloride in 1 molal ZnCl 2 solution 
using the following data: 

Per cent by weight of ZnCL 2 6 10 14 18 20 

Density, g per ml 1.0167 1.0532 1.0819 1.1275 1.1665 1.1866 

25. Using the following data for cadmium nitrate in water plot the total heats 
of solution, A// against the molality w, and determine the differential heat of solution 
of cadmium nitrate in a 4 molal solution. 

m (molality) 1.063 1.799 2.821 4.251 6.372 9.949 

A//(joules) -34.2 -56.7 -88.3 -126.0 -174.4 -228.5 


26. The dissolved air described in Problem 4 is expelled by boiling into an evacu¬ 
ated space. When this mixture of 34.65 j)er cent oxygen and 65.35 per c(‘nt nitrogen 
by volume is redissolved in water at 20° under atmospheric pressure, what is th(^ com¬ 
position of the dissolved gas? 

27. Two 2-liter vessels are connected with a tube and stopcock of negligible 
volume. Initially the first bulb contains 10 g of water and is at 10°. The otluT 
bulb contains 5 atm of NHs and is at 0°. Calculate* the total pressure in the system 
when the stopcock is opened and the whole apparatus is brought to equilibrium at 
25°. The solubility of NH3 in water at 25° is 27.011 moles per 1000 g II 2 O. Neglect 
second-order effects. 

28. In the system isopropyl ether-isopropanol the vapor and liquid have the 
following compositions of isopropyl ether: 

Mole Fraction Isopropyl Ether 

In liquid 0 0.084 0.19 0.44 0.66 0.75 0.78 0.88 0.95 100 

In vapor 0 0.30 0.45 0.64 0.73 0.76 0.78 0.84 0.91 100 

Plot the data, and state whether this system exhibits a minimum or maximum boiling 
point. If so, which? What is the composition of this mixture of maximum or mini¬ 
mum boiling point? With a rough sketch show what the temperature-composition 
diagram would look like. 
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SOLUTION OF NONVOLATILE SOLUTES 

When only one of the components in a liquid system is volatile, as in 
an aqueous solution of sugar, both the measurements and the theoreti¬ 
cal calculations are simplified. The total pressure of the system gives 
at once the partial pressure of the volatile component. The solute or 
solutes play no part in the measurements except insofar as they affect 
the escaping tendency, that is, the vapor pressure, of the solvent. Be¬ 
cause the vapor pressure is lowered, the boiling point is raised and the 
freezing point is lowered. The phenomenon of osmosis is connected 
also with the lowering of the vapor pressure. All four of these properties 
are interrelated, and they are used for calculating molecular weights and 
other properties of dissolved substances. 

From a kinetic point of view, the lowering of the vapor pressure may 
be explained as due to solute molecules reducing the effective concen¬ 
tration of the solvent. Accordingly, it is the number of molecules or 
separate units, rather than their kind, which determines the extent of 
the vapor-pressure lowering. 

Lowering of the Vapor Pressure. Raoult^s law is the fundamental 
formula for connecting the concentration of the solute with the vapor 
pressure of the solvent. In fact, Raoult first applied it to the lowering 
of the vapor pressure by various nonvolatile solutes and expressed it in 
the statement that the lowering of the vapor pressure divided by the 
vapor pressure of the pure solvent is equal to the mole fraction of the 
solute. 

As given in the last chapter, the equation, 

Psolvent -^solvent V solvent (I) 

is applicable to ideal solutions, but the equation holds well for non¬ 
ideal solutions also if they are dilute, because the solvent is only slightly 
changed from its normal behavior by the addition of a small amount of 
solute to it. 

The difference between two quantities often can be determined 
experimentally more accurately than the absolute value of one of them. 
According to this principle, the difference between the vapor pressure of 
the solutions and that of the pure solvent can be determined and cal- 
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culated much more easily and accurately than the vapor pressure of the 
solution. Writing equation 1 in the equivalent form for the solvent, we 
have 


p = Nip' 


0 _ 


ni 


rii + 712 


where p is the vapor pressure of the solution (or rather the partial 
pressure of the solvent in solution), is the vapor pressure of the pure 
solvent and n 2 is the number of moles of solute; Ui is the number of 
moles of solvent, and Ni is the mole fraction of the solvent in the solu¬ 
tion. By rearranging terms it can be shown that 


- V _ ^2 

Til + 


( 2 ) 


where N 2 is the mole fraction of the solute. 


Example 1 . Raoult * found that, when 2.47 g of ethyl benzoate was dissolved 
in 100 g of benzene at 80°, the vapor pressure was lowered from 751.9 to 742.6 
mm. Calculate the molecular weight M 2 of ethyl benzoate from these data. 
The molecular weight of benzene is 78.1. 

P^ - P ^ 712 

p® 712 + Til 

2,47 

751.9 - 742.6 M 2 

751.9 ~ 2.47 100 

M 2 ’78.1 

M 2 = 154 


The molecular weight obtained by adding together the atomic weights is 
150.2. If the solution were more dilute, its behavior would be more nearly 
ideal, and the calculated value would check better with the correct value. 

The molecular weight may be calculated as well by equation 1 as by equation 
2, but the mathematical operations must be carried out with greater precision. 
Thus, with a slide rule the calculation by equation 1, 


742.6 


100 

78.1 

100 2.47 

78.1 M 2 


X 751.9 


may give for M 2 a value anywhere between 130 and 180. However, with a five- 
place logarithm table the calculation gives 154, as obtained by equation 2. 

♦ Raoult, Z, physik Chem.y 2, 371 (1888). 
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This problem illustrates the desirability, when possible, of applying calculations 
to a small correcting term, as is done with equation 2, rather than to the whole 
quantity as is done with equation 1. 

The vapor pressures of the solution may be determined by static 
methods in which the pressure is read directly with a manometer. A 
differential manometer is convenient for measuring the difference 
between the vapor pressure of the solution and that of the pure solvent, 
one arm of the manometer being connected with the solution and the 
other with the solvent. An oil or other liquid of low density is used as 
the manometer liquid, and the difference in vapor pressure is read 
directly on the manometer. Both liquids must be boiled out to remove 
any dissolved air which might later lead to an abnormal pressure. 

In another method a solution containing a nonvolatile solute in one 
dish is allowed to come to equilibrium with a solution of a standard 
substance, such as potassium chloride, in another dish.* The two are 
placed in an enclosed thermostated vessel until there is no further loss 
or gain of weight, and, then, it is known that both solutions have the 
same vapor pressure. The concentration of the potassium chloride 
under these equilibrium conditions is determined with a refractometer, 
or by other means, and its vapor pressure is calculated from a previously 
determined relation between the vapor pressure and the concentration. 
The vapor pressure of the solution which is being measured is equal to 
the calculated vapor pressure of the potassium chloride solution; and 
the concentration of solute in the first solution is determined by chemi¬ 
cal or physical analysis. 

The gas-saturation method described on page 173 is suitable also 
for determining the vapor pressure of solutions. The loss in weight 
of the solution is determined after bubbling through a known volume 
of an inert gas, or the vaporized solvent is caught in an absorption 
tube and weighed or titrated. Again, more accurate results can be 
obtained with a differential method, because errors involving the abso¬ 
lute measurements of volume, temperature, and other variables tend 
to' cancel out. The measurements are made first on the pure solvent 
and then on the solution. Accurate measurements have been made 
with this method on the lowering of the vapor pressure of the solvent 
caused by addition of the solute, f 

Elevation of the Boiling Point. Since the vapor pressure of a solvent 
is lowered by the addition of a nonvolatile solute, it is obvious that the 
solution must be heated to a higher temperature than the solvent in 

♦ Robinson and Sinclair, /. Am, Chem, Soc., 56 , 1830 (1934). 

t Washburn and Heuse, J. Am. Chem. Soc.y 37, 309 (1915). 
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order that both may have the same vapor pressure. This fact is shown 
in Fig. 62 where the curve for the vapor pressure of the solution is seen 
to cut the line of barometric pressure at a higher temperature than does 
the curve representing the vapor pressure of the solvent. If p is the 
pressure (760 mm) at which both the solvent and the solution boil, Ti is 



Fig. 62. Elevation of boiUiig point of a solvent by the addition of a nonvolatile 
solute—a 2.56 molal solution of sodium chloride in water. 


the boiling temperature of the solvent at this pressure, and T 2 the boil¬ 
ing point of the solution. 

This elevation of the boiling point T 2 — Ti or ATb is directly con¬ 
nected with the change in the vapor pressure p and, accordingly, with 
the change in concentration of the solution. 

By the Clausius-Clapeyron equation (page 177), 

# ^ /ON 

dT RT^ ^ ^ 

where is the heat of vaporization per mole. 
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For small changes, 

AT 


RT^ 

pAHvap. 


Ap 


(4) 


and, by Raoult’s law (taking p as the vapor pressure of the solvent), 


Then, 


Ap _ 712 

p ni + n2 


AT 


RT^ n 2 

A/^vap. + ^2 


(5) 


In dilute solutions the change in boiling point is so small that AT 
may be substituted for the differential dT in equation 3, but it must be 
remembered that the resulting formula cannot be used over large con¬ 
centration ranges. Also, in dilute solutions, n 2 is negligible in compari¬ 
son with Ui. For example, the neglect of n 2 in the denominator of 
equation 5 causes an error of 1.8 per c.ent in a 1-molal aqueous solution. 
Thus, equation 5 becomes 


Since 


An = 

RT^ ^n2 

A//vap. ni 

(6) 

n2 

m 


ni 

1000 



Ml 



where m is the molality of the solution and Mi is the molecular weight 
of the solvent, equation 6 becomes 


or 


ATb = 


RT^Mi 

lOOOAfl^vap. 


(7) 


ATh Khm 


( 8 ) 


where Kb is ei constant characteristic of the solvent defined by the 
equation : 


RT^Mi 

1000A//vap. 


(9) 


These relations show that in dilute solution the elevation of the boiling 
point is proportional to the concentration of the solute, and this direct 
proportionality has been abundantly verified by experiment. 

Kb is called the molal elevation of the boiling point. However, it 
must be emphasized that this molal boiling-point constant is not the 
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actual elevation for a 1-molal solution, for in such a concentrated 
solution the assumptions made in deriving equation 8 would not be 
valid. Rather, Kh is the limit of that is, the boiling-point 

elevation per mole, as the concentration becomes zero. It may be eval¬ 
uated theoretically, from the thermodynamic quantities in equation 9 
or experimentally, by measurement of the rise in boiling point produced 
by a small known concentration of a solute whose molecular weight is 
known. The values oi Kh obtained thermodynamically agree closely 
with those obtained experimentally. 


Example 2, Find the molal boiling-point constant for water, which boils at 
100° with the absorption of 539.7 cal i)er grain. 

1.987 X 373.U X 18.02 __ 

^ 1000 X (539.7 X 18.02) ' 

In practical problems where W 2 grams of solute having a molecular- 
weight of M 2 is added to Wi grams of solvent, equation 8 becomes 


ATb = Kbm = Kb 


W2 100 0 
M 2 Wi 


( 10 ) 


Example 3. What is the boiling point of a solution containing 90 g of water 
and 2.00 g of cane sugar (molecular weight = 342)? 


An - Kb 


W2 1000 
M2 Wi 


- 0.513 X 


2.00 

342 


X 


1000 

90.0 


= 0.0333 


Boiling point = 100 + 0.033 — 100.033° 


Experimental Determination of Boiling Points. The importance of 
molecular \veights in establishing the formulas of new compounds has 
been discussed in an earlier chapter. Frequently it is impossible to 
vaporize the material for a vapor-density measurement on account of 
thermal decomposition. The molecular weight M 2 may then be de¬ 
termined from the elevation of the boiling point ATb which is prcxluced 
by dissolving the material in a suitable solvent. Calculations are made 
with the help of equation 10. The molal boiling-point constants for 
several solvents are given on page 237. 

Experimental methods for the accurate determination of the eleva¬ 
tion of the boiling point have been the object of considerable investiga¬ 
tion. The temperature of the boiling solution and not that of the vapor 
is desired. Therefore the thermometer bulb must be placed directly in 
the liquid. The liquid, however, is likely to become superheated and 
register a temperature considerably above its true boiling point. This 
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difficulty has been overcome by heating the solution locally with elec¬ 
trically heated wires immersed in the solution. Small bubbles of vapor 
are formed which prevent superheating. 

In another method the vapor from the boiling liquid pumps a mixture 
of liquid and vapor into an inverted funnel just below the surface. 
The mixture then goes upward in a tube which discharges the mixture 
onto the thermometer bulb, placed above the liquid. During the 
passage of the vapor and liquid through this tube the two have oppor¬ 
tunity to come to equilibrium, and any superheated liquid is cooled by 
further evaporation to the normal boiling point. 

In carrying out these determinations of the boiling points of solutions, 
a weighed (juantity of solute is introduced into a weighed quantity of 
solvent. In a better procedure, however, samples are withdrawn and 
analyzed by chemical or physical means. Since the boiling point is 
affected by changes in the atmospheric pressure, the determinations on 
the solution and solvent must be made simultaneously in two pieces of 
apparatus, or over such short periods of time that the barometer fluctua¬ 
tions are negligible. In accurate work, a barostat may be used to main¬ 
tain a fixed pressure for all determinations. By automatic regulation 
with an electric circuit, compressed air is admitted into a chamber 
whenever the mercury monometer falls below a predetermined pres¬ 
sure. The need of these precautions is evident from the fact that a 
change of 0.3 or 0.4 mm changes the boiling point of most solvents by 

o.or. 

Lowering of the Freezing Point. It has long been known that the 
freezing point of water, or other liquid, is lowered by the addition of a 
solute, and it was pointed out by Blagden more than a century ago 
that the depression of the freezing point is directly proportional to the 
concentration of the solution. The reason for the lowering may be 
understood with the help of Fig. 63. At the freezing point the solid 
and the liquid are in equilibriimi and both must have the same vapor 
pressure. If the solid has a greater pressure than the liquid, it will 
distil over into the liquid phase; if the liquid has the greater pressure, 
it will change into the solid. When solid and liquid solyent are in 
equilibrium, and a solute is dissolved in the liquid, the solid solvent 
will disappear if the temperature is maintained constant, but the dis¬ 
appearance of the solid may be stopped and a state of equilibrium 
established by lowering the temperature. It may be remembered that 
the vapor-pressure-temperature curve of a solid is steeper than that of 
the corresponding liquid because the heat of sublimation of the solid is 
greater than the heat of vaporization of the liquid. At the intersection 
of the two curves, solid and liquid are in equilibrium, and the corre- 
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spending temperature is the freezing point. The greater the concentra¬ 
tion of the solution, the lower is the vapor-pressure curve and the lower 
is the freezing point of the solution, that is, the temperature at which 
the vapor curve of the solution intersects the vapor curve of the ice. 



Temperature (“C) 

Fia. 63. Lowering of the freezing point of a solvent by a solute—a 2.56 molal solu¬ 
tion of sodium chloride in water. 

The quantitative relation between the concentration of the solution 
and the freezing-point depression can be derived as follows: 

Let Pa be the vapor pressure of the pure solid solvent (ice in the case 
of water), let p be the vapor pressure of the solution, and let p^ be the 
vapor pressure of the pure solvent in the liquid state. The derivation 
is limited to solutions in which the solvent freezes out as a pure solid 
unmixed with the solute. (Most solutions, including aqueous ones, 
freeze in this manner, but in some cases a solid solution is formed, as 
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described on page 326.) By Raoult's law, which holds in dilute solu¬ 
tions, 

V = 

where Ni is the mole fraction of the solvent. At the freezing point of 
the solution, a state of equilibrium exists, and 

P. = P = P°iV’i 

Then, differentiating with respect to temperature, we have 

dps dp” odA/’i , 

Substituting for dp^/dT and dp^/dT in equation 11 their equivalents 
in terms of the molar heat of sublimation of the solid solvent A/Zsub. and 
the molar heat of vaporization of the liquid solvent Ai/vap.> as given by 
the Clausius-Clapeyron equation, we have 


dpa _ AH^uh.Ps 

dT - RT^ 


dp° 


Allsuh.Ps AHyap.P I 0 /io\ 

“KT^ + ^ ^ 

Remembering that p., = p^Ni, canceling out equivalent terms, and 
rearranging, we have 

A//,,,b. ~ A/Zy^p. _ din Ni 

nr^ dT ^ ^ 

The molar heat of fusion A/Zfus. is equal to the difference between the 
molar heat of sublimation and the molar heat of vaporization. Then, 


A//fxM. 

RT^ 


dhiNi 

dT 


Integrating between the limits, T corresponding to the freezing point of 
the solution, and To corresponding to the freezing point of the pure 
solvent where = 1, yields 


Jr Jni 


dlnNi 


AH^p^XTq - T) 
RToT 


-IniVi 


(16) 
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This is an exact equation for solutions which obey Raoult’s law, pro¬ 
vided that the heat of fusion AHfus. is constant between Tq and T and 
that the vapor obeys the simple gas law. 

In a binary solution which contains only one solute and one solvent, 
the mole fraction of the solvent Ni is equal to 1 ~ No, where N 2 is the 
mole fraction of the solute. In dilute solutions a simplification may be 
made. Expanding by MacLaurin’s series gives 

- In iVi = - In (1 - N. 2 ) = N 2 + + • • • (1(5) 

and, remembering that for small values of N 2 the higher powers may 
be neglected as an approximation in comparison with the first power,* 
we find 

- In iVi = - In (1 - N 2 ) ^ N 2 
and, substituting into equation 15, 


N 2 


AHuM - T) 
RToT 


(17) 


If the freezing-point depression To — T is designated by AT/ and it 
is remembered that, since N 2 is small, Tq and T are nearly the same, 
equation 17 may be written in an approximate form as 


AT/ = 


RTo^ 

- 

AHfus, 


RTo^ 712 
AHfus, ni + 712 


(18) 


Equation 18 is like equation 5, except that it applies to the freezing 
point instead of to the boiling point. It can be shown in a manner 
similar to that employed in the case of equation 5 that 


and that 


Kf- 


ATf = K/m 

RTo^ 


^Hfus. X 


1000 

~m7 


(19) 

( 20 ) 


where K/ is the freezing-point constant or molal lowering. According 
to these relations, in dilute solutions the lowering of the freezing point 
is directly proportional to the molality m 2 of the solute, and it is clear 
why the simple proportionality fails in the more concentrated solutions. 

Experimental facts are in agreement with this formula. 

* For example, if N 2 ~ 0.01, the expression becomes 0.01 -f- §(0.0001) -f- 
§(0.000001), which is equal to 0.01 within one half of one per cent. 
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Example 4- For water Kf has the value 1.86°, calculated as follows: 




RTomi 
X 1000 


1.987 X 273.12 X 18.02 
(18.02 X 79.7) X (1000) 


According to this equation a normal solute added to 1000 g of water will lower 
the freezing point at the rate of 1.86° per mole, but the relation holds only for 
dilute solutions. Even a 1-molal solution is too concentrated, and the depres¬ 
sion will be something less than 1.86°. In very concentrated solutions the 
behavior may become quite complex. 

The molecular weight can be determined from the freezing-point 
depression by use of the following formula, similar to equation 10, 


ATf 


= Kj 


W2 1000 

M2 Wi 


( 21 ) 


The freezing-point constant like the boiling-point constant may be 
evaluated by direct experiment with a solute of known molecular 
weight. 

The freezing-point constants and boiling-point constants are given 
in Table I for a number of different solvents. 


TABLE I 

Molal Fueezing-Point and Boiling-Point Constants 


Solvent 

Fn^ezing 

J\)int 

Kf 

Boiling 

Point 

Kb 

Acetic acid 

17 

3.9 

118.1 

2.93 

Acetone 



56.0 

1.71 

Benzene 

5.4 

5.12 

80.2 

2.53 

Chloroform 



()0.2 

3.63 

Ethanol 



78.3 

1.22 

Ethylene bromide 

10 

12.5 



Ethyl ether 



34.4 

2.02 

Heptachloroprofiane 

29.5 

12.0 



Naphthalene 

80 

6.8 



Tribromophenol 

95 

20.4 



Water 

0 

1.860 

100 

0.51 


Equation 15 may be written in the form 



IniVi - 


R 


( 22 ) 
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where Tq is the freezing point of the solvent, T the freezing point of 
the solution, and Ni the mole fraction of the solvent. As such, it finds 
application in the study of solutions. Wlien log is plotted against 
l/T, a straight line is produced if the heat of fusion is independent of 
temperature, if the solution is ideal, and if the solid separates as a pure 
component. 

Experimental Determination of Freezing Points. Freezing-point de¬ 
pressions can be determined with great accuracy. Measurements 

of moderate accuracy may be made 
easily with simple apparatus. The 
freezing points of the pure solvent 
and the solution are determined with 
an accurate thermometer. A tube 
containing the solution is jacketed 
and immersed in a bath of ice and 
salt. It is provided with a stopper 
through which an efficient ring 
stirrer, encircling the thermometer, 
is operated with a vertical movement. 
The temperature gradually falls until 
the solid appears, and the first steady 
temperature is recorded as the freez¬ 
ing point. The concentration of the 
solution in equilibrium with the solid 
solvent is determined by analyzing 
the solution. 

In a less accurate method, the so¬ 
lution is made up to a known con¬ 
centration by direct weighing of the 
solute and solvent, but, if much of the solvent freezes out, the con¬ 
centration will be different at the time the thermometer reading is taken. 
This difficulty is accentuated by supercooling which leads to the 
freezing out of a considerable quantity of solvent. 

The most accurate results are obtained with two vacuum-jacketed 
vessels placed in an ice bath and partly filled with cracked ice, as shown 
in Fig. 64. One vessel contains solvent; the other solution. The dif¬ 
ference in temperature is measured to one ten thousandth of a degree 
with a multiple-j unction thermoelement and sensitive potentiometer. 
The two liquids are stirred vigorously, and the concentration of the 
solution in equilibrium with the ice is determined accurately by chemi¬ 
cal analysis or by physical measurements, for example, with a refrac- 
tometer. 





Fig. 64. Apparatus for measuring 
the freezing-point lowering by a 
solute. 
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Table II gives a series of results on aqueous solutions of mannitol 
measured in this way. The close agreement between observed depres¬ 
sions and the depression as calculated by equation 20 lends proof to 
the validity of the freezing-point laws. 

tablp: II 

Lowering of P^'reezing Point of Water by Mannitol ^ 


Moles per 
1000 g H 2 O 

a 7/ (obs) 

<I 

0.00402 

0.0075 

0.0075 

0.00842 

0.0157 

0.0156 

0.01404 

0.0260 

0.0261 

0.02829 

0.0525 

0.0525 

0.06259 

0.1162 

0.1162 


^ Adams, J. A m. Chem. *S’oc., 37, 481 (1915). 

Osmosis. Closely related to the lowering of the freezing point 
and the lowering of the vapor pressure is the phenomenon of osmosis, 
that is, the passage of a solvent through a membrane from a dilute solu¬ 
tion into a more concentrated one. This phenomenon was first ob¬ 
served in 1748 by Abb6 Nollet. If sufficient pressure is applied to the 
more concentrated solution (by means of a piston, a column of mercury, 
or a column of the solution) the passage of solvent will reverse its direc¬ 
tion. The extra pressure which must be applied to the solution in order 
to prevent the osmotic flow of pure solvent into the solution is known 
as the osmotic pressure of the solution. 

Many theories have been proposed to explain the passage of solvent 
through a semipermeable membrane from a dilute solution to a more 
concentrated one. The semipermeable membrane is a barrier so con¬ 
stituted that the solvent can pass through the membrane, but the dis¬ 
solved material cannot pass. From a thermodynamic standpoint the 
solvent merely moves from a region where its escaping tendency is 
large (its vapor pressure is high) to a region where its escaping tendency 
is small. The presence of the dissolved material lowers the escaping 
tendency of the solvent, and the greater the concentration, the greater 
is the lowering. 

A simple illustration is offered by putting a dish containing pure 
water and one containing a solution of sugar or other material into an 
empty desiccator, and immersing it in a thermostat. After standing, 
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the level of the solution will rise, and that of the pure water will fall, 
owing to the diffusion of the water vapor from the pure solvent, where 
the vapor pressure is high, to the solution, where the vapor pressure is 
relatively low. 

One of the ways in which a semipermeable membrane may function 
is shown schematically in Fig. 65. Very small passages exist in the 
semipermeable membrane, so small that the liciuids are kept from 

flowing through by surface tension, even 
if a large hydrostatic pressure is a})plied. 
But the solvent molecules c^an still pass 
through in the vapor phase as individual 
molecules, and there will be a steady mi¬ 
gration from the solvent to the solution as 
indicated by the arrows representing vapor 
pressures—the heavier arrow indicating 
the higher vapor pressure of the solvent. 
The solute cannot pass through by this 
mechanism since it is nonvolatile. That 
this mechanism is possible has been proved 
by the osmosis whi(;h occurs when a solu¬ 
tion is separated from a solvent by a glass 
tube containing many infinitesimal cracks. 

Many semi})ermeable membranes are 
more c.omplex than these systems of min¬ 
ute passag(‘s whic'h permit the diffusion of 
gases but do not permit the diffusion of 
liquids. Animal membranes and certain 
gelatinous materials offer a medium for the diffusion of water but not 
for the diffusion of the solute. Solubility of th(^ solvent in the membrane 
provides another way in which a semipermeable mcimbrane may oper¬ 
ate. For example, if a rubber membrane separates a solution of sugar 
in pyridine from pure pyridine, the pyridine dissolves in the rubber and 
passes through it from the solvent into the solution. 

Ostwald demonstrated theoretically that the pressure due to osmosis 
must be independent of the nature of the membrane employed in 
measuring it. Thus, in Fig. 66, A and B represent two different semi¬ 
permeable membranes in an imaginary apparatus. If the nature of 
the membrane has any influence on the osmotic pressure, the osmotic 
pressure Pb may be imagined greater than the osmotic pressure Pa- 
Under this condition the flow in the compartment between the mem¬ 
branes will be to the left from B to A, and the solvent may be returned 
to the right through a turbine which may be made to do mechanical 



Fig. 65. Hypothetical semi- 
pc^rmeable membrane with ex¬ 
aggerated })ores showing pas¬ 
sage of solvent in gastHJUS state. 
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work. After being returned to the compartment at the right, it will 
flow into the solution and, thence, through the cycle repeatedly. But 
such an arrangement would be a means of producing energy at constant 
temperature in a cyclic process. Since such perpetual motion is con¬ 
trary to experience, the premise of two different membranes must be 
wrong, and it is concluded that all semipermeable membranes give the 
same osmotic pressure. 

In actual practice different membranes may appear to give different 
hydrostatic pressures, but, if sufficient time is allowed for the attain¬ 
ment of equilibrium, and if the membrane does not leak, the pressures 


o 


Solvent 


Solution 

Bv ^ Pb 


Sol ven t 




L 





Fig. 00. llyf)()t/lie(ical exi)eriment proving that tlio osmotic pressure is not affcicted 
by the nature of the semijxjrmeable membrane. 


ultimately will be the same. The nature of the membrane and its area 
determine how rapidly osmosis occurs but not the osmotic pressure at 
equilibrium. If any solute diffuses through the membrane, the mem¬ 
brane is not truly semipermeable. p]xamples of dialysis where certain 
solutes diffuse through and others do not are discussed later (page 527). 

Osmotic Pressure. The first direct measurements of osmotic pressure 
were made by the botanist, Pfeffer, in 1877. Using a mercury manom¬ 
eter he was able to measure the hydrostatic pressure generated in a 
solution by the osmotic flow of water through a semipermeable mem¬ 
brane into a solution of sugar. Pfeffer's results are given in Tables III 
and IV. The approximate volume of solution holding 1 g of cane sugar 
is given under v, the osmotic pressure in atmospheres under P, and the 
absolute temperature under T. 

The significance of Pfeffer's measurements was first perceived by 
vanT Hoff,* who pointed out the existence of a striking parallelism be¬ 
tween the properties of gases and the osmotic properties of solutions. 
As shown in Table III, the product Pv is a constant, just as it is for 

* Van't Hoff, Z. physik Chem.y 1, 481 (1887). 



242 


SOLUTION OF NONVOLATILE SOLUTES 


gases according to Boyle^s law. As shown in Table IV, the pressure is 
proportional to the absolute temperature just as it is for gases; that is, 
P/r = constant. 

TABLE III 

Relation of Osmotic Pressure to Concentration at 287° K 


V 

(ml) 

P 

(atm) 

Pv 

100 

0.70 

70 

50 

1.34 

67 

25 

2.74 

68 

16.5 

4.10 

68 


TABLE IV 

Relation of Osmotic Pressure to Temperature 
Approximately 1 g per 100 ml of solution 


T 

(°K) 

P 

(atm) 

PIT 

273.0 

0.649 

0.00238 

279,8 

0.664 

0.00237 

286.7 

0.691 

0.00241 

288.5 

0.684 

0.00237 

295.0 

0.721 

0.00244 

305.0 

0.716 

0.00235 

309.0 

0.746 

0.00241 


Moreover, the two relations may be combined to give the same 
constant R as is obtained for gases, 

Pv = nET = —RT (23) 

M 

where P is osmotic pressure, v is the volume of the solution, and g is 
the weight of solute having molecular weight M. 

Example 6. From Pfeifer’s data in Table IV, it is seen that 1 g in 100 ml or 
1 mole (342 g) in 34.2 liters gives an osmotic pressure of 0.649 atm at 0°. 

Then, 

_ Pv 0.649 X 34.2 
« = _ = 


273 


0.0813 liter-atm per degree 
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Within the limits of the experimental error, this is the same as the gas constant 
/?, namely, 0.08205, and the standard equation used for making calculations on 
gases can thus be used for cialculating approximate osmotic pressures. 

Example 6. If 2.00 g of sugar having a molecular weight of 342 is dissolved 
in 50 ml of solution at 25°, what will be the osmotic pressure? 

g RT 2.00 X 0.08205 X 298.1 
M V 342 X 0.0500 ‘ ^ 

In eoncenlTatod solutions equation 23 fails to give accurate results 
just as the simpler gas laws fail to apply when the gases are placed under 
high pressure. One correction which helps considerably in the case of 
gases is the subtraction from the total volume of a term to allow for 
the volume of the molecules themselves, designated in the case of gases 
by the term b in van der Waals’ equation. A similar correction helps 
also in calculating the osmotic pressure of concentrated solutions. Thus 
Berkeley and Hartley * measured the osmotic pressure of sugar solu¬ 
tions at 0° and found, for example, that in a solution containing 660.5 g 
of sugar per liter (nearly 2-molar) the experimentally determined osmotic 
pressure at 0° was 100.8 atm, and the value calculated by equation 23 
was 51.2 atm. However, if the effective volume is taken as the volume 
of the solution minus the volume of the sugar, the calculated osmotic 
pressure is about 75 atm. In general, somewhat better results can be 
obtained in calculating osmotic pressures of concentrated solutions if 
the volume is taken as the volume of the solvent rather than the vol¬ 
ume of the solution. In aqueous solution, this is equivalent to taking 
the volume as that of the solvent which contains 1 mole, that is, the 
reciprocal of the molality. In dilute solutions, of course, there is no 
difference between the volume of the solvent and that of the solution, 
and equation 23 is then adequate. 

The discrepancy between experiment and theory in concentrated 
solutions is not peculiar to osmotic pressure. Ideal solutions are rare, 
and we have to accept the fact that the behavior of concentrated solu¬ 
tions is too complicated to be explained by the simple laws which we 
have thus far developed. Undoubtedly the nature of the solvent itself 
is affected by the presence of a high concentration of solute. 

Osmotic pressure has been measured up to 250 atm, a tube of porous 
porcelain material being used as the semipermeable membrane, in the 
pores of which is deposited a precipitate of copper ferrocyanide. The 
solvent is placed inside the tube which in turn is surrounded by the solu¬ 
tion in a gun-metal tube. When solvent passes through this semi- 
permeable membrane, the volume decrease is registered on a capillary 

* Berkeley and Hartley, Tram. Roy. Soc. {London)^ A 206, 481 (1906). 
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tube. Pressure is applied sufficient to prevent this osmotic flow and 
maintain constant the level of the solvent in the capillary tube. This 
pressure is the osmotic pressure. 

Comparison of Experimental Methods. The four properties of 
solutions which have just been studied, vapor-pressure lowering, boil¬ 
ing-point elevation, freezing-point depression, and osmotic pressure, 
are closely connected. The freezing-point depression can be measured 
most accurately and most easily, whereas the osmotic pressure can be 
measured least accurately and only with difficulty. The freezing-point 
method is limited to low temperatures where the solubility is often 
small. The boiling-point readings may be seriously affected by fluctua¬ 
tions in the barometric pressure, and, in water, the inolal elevation is 
only about one third as great as the freezing-point depression. The 
temperature range is limited in both the boiling-point and the freezing- 
point method. The vapor-pressure lowering is adaptable to different 
temperatures and capable of high accuracy, but it requires more elab¬ 
orate apparatus. Osmotic pressure was extensively used in the early 
development of the theory of solutions, and it is important historically, 
but at present the concept of vapor-pressure lowering is much more 
useful in the theoretical treatment of solutions. 

Free Energy of Dilution. The properties of a system are conven¬ 
iently and quantitatively defined in terms of energy. In the study of 
solutions, for example, the free energy of dilution is a useful thermody¬ 
namical quantity. The free energy of dilution may be calculated by 
means of formula 24, which holds true at constant temperature for a 
system doing no work other than expansion work, as shown on page 152. 

dF = dp (24) 

A large reservoir of solution having a vapor pressure p is placed 
near a reservoir of pure solvent having a vapor pressure The tem¬ 
perature T is kept constant throughout. One mole of solvent is vapor¬ 
ized from the solution by keeping the pressure infinitesimally less than 
p. The quantity of solution is so great that the removal of 1 mole of 
solvent does not appreciably increase the concentration of the solution. 
Since the process is carried out reversibly at constant temperature and 
pressure, the free-energy change for process I is zero. 

(I) 1 mole of solvent in solution 1 mole solvent as vapor: 

AF = 0 

The mole of vapor is placed in a cylinder provided with a piston and 
compressed reversibly (that is, by infinitesimal increases of pressure) 
until its pressure is p^. This process may be written as process 11. 
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(II) 1 mole of solvent as vapor at pressure p 1 mole of solvent as 
vapor at pressure : 

p" fp" RT p^ 

-- 7^ = AF = I Vdp = I - dp = RT\n — 

Jp Jp V P 

where is the free energy of 1 mole of the vapor at pressure p^, and F 
is the free energy at pressure p. 

This mole of solvent vapor is then added reversibly to the reservoir 
of pure solvent by applying an external pressure infinitesimally greater 
than p^. The process may be written as process III. 

(ITT) 1 mole solvent as vapor at vapor pressure p® —> 1 mole solvent 
as liquid: 

^F = 0 


All the steps are carried out isothcrmally and reversibly, and the total 
change of frec^ energy involved in the transfer of 1 mole of solvent from 
solution to solvent is 

p^ 

^F = RT\n'— (25) 

P 

This value of AF for the transfer is applicable, regardless of how the 
transfer is carried out. 

This formula can be used equally well for transferring a mole of solvent 
from a solution of one concentration Ci having a vapor pressure pi to a 
solution of another concentration C 2 having a vapor pressure p 2 . Thus, 

AF = RT In ~ (20) 

Pi 

Moreover, these formulas are not limited to the solvent. They may 
be applied to any volatile material in the solution whether called solvent 
or solute. 

In ideal solutions where the vapor pressure of the volatile component 
is proportional to the mole fraction Nj the equation is written thus: 

N2 

AF = RT In — (27) 

Ni 

In very dilute solutions where Raoult^s law applies or in any ideal 
solutions, the vapor pressures are proportional to the concentration of 
the solute; thus, 

AF = RT In¬ 
i'! 


(28) 
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Example 7. What is the free energy of dilution involved when 1 mole of a 
volatile solute in a 0.01 molal aqueous solution at 25° is mixed with enough 
water to give a 0.001 molal solution? 

AF ^ RT\n-= 1.987 X 298.1 X 2.303 X log = -1364 cal 
c 0.01 

The negative sign indicates that the process of dilution is spontaneous. The 
reverse process in which the solute becomes more concentrated would not occur 
spontaneously as explained on page 157. AF would have a positive sign. 


It has been shown that the four properties, vapor-pressure lowering, 
boiling-point elevation, freezing-point depression, and osmotic pres¬ 
sure, may be readily calculated for dilute solutions, but that the simple 
formulas fail when applied to conc^entrated solutions. It is a necessary 
consequence of thermodynamics, however, that at a given temperature 
the deviations from ideal solutions are the same in all the different 
properties. For example, if the vapor-pressure lowering is known, the 
osmotic pressure may be calculated with exactness, even in concen¬ 
trated solutions where RaouU/s law does not hold and where the osmotic 
pressure cannot be calculated from the gas laws. These relations follow 
from the fact that the free energy of dilution is the same, no matter 
whether it is effected by evaporation, by freezing, or by application of 
pressure through a semipermeable membrane. 

The free energy of transfer of a mole of solvent from solution to 
solvent is given by equation 25. The transfer of solvent may be e^ffected 
also by osmosis. A large quantity of the solution is placed in a cylinder 
provided with a movable semipermeable membrane for a piston, and 
the pressure is slowly increased from atmospheric pressure to 2^ + 1, 
where P is the osmotic pressure. The free-energy change for this step 
is obtained by integration of equation 24; if the liquid is incompressible, 
we have 


AF 


i ' 


Vi dP — ViP 


where Vi is the volume of the solution. 

Then the pressure is increased infinitesimally, and solvent passes 
through the semipermeable membrane, because extra pressure on the 
solution is slightly greater than the osmotic pressure P. The free- 
energy change in this step is zero since this is an isothermal reversible 
process in which the pressure on each phase is kept constant. 

After 1 mole of solvent has been forced out,* it is taken from the 

* It is assumed here that the molecular weight is the same in the liquid and gaseous 
states. If it is not, sufficient liquid is removed to produce 1 mole of vapor. 
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cylinder, and the pressure on the remaining volume of solution V 2 is 
slowly reduced to I atm. 

AiF = —V2P 


The total change in free energy is 

AF = (vi - V2)P = F'P (29) 


where F' or {vi — V 2 ) is the partial molal volume of the solvent. It is 
very nearly equal to the volume of 1 mole of the pure solvent and may 
be taken as such in most calculations. 

Combining equations 25 and 29 yields 


pv = /er In — 

p 

RT p® 
P = — In — 
V' p 


(30) 


With this formula it is possible to calculate the osmotic pressure of a 
solution, from the vapor pressures of the solvent and the solution, and 
the molar volume of the solvent. At high concentrations, where the 
osmotic pressures calculated by the simple gas law (equation 23) are 
in error by more than 30 per cent, the values calculated by equation 
30 check with the observed values within less than 1 per cent. 


Example 8. Calculate the osmotic pressure of a IM sucrose solution in water 
from the fact that at 30° the vapor pressure of the solution is 31.207 mm. The 
vapor pressure of water at 30° is 31.824 mm. The density of pure water is 


0.99564. 


F = 


FT 

F' 



F' = 


18.02 

0.99564 


18.10 ml or 0.01811 


P = 


0.08205 X 2.303 
0.0181 



X 303.1 


= 26.93 atin 


Equation 30 can be used also for deriving formula 23. For ideal 
solutions or dilute solutions, where Raoult^s law holds, 

P = p'^Ni 

where Ni is the mole fraction of the solvent. Then, 

In — = - In 


V 


(31) 
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Since Ni is equal to 1 — N 2 , where N 2 is the mole fraction of the 
solute, 

IniVi = In (1 - iVa) (32) 

Then substituting into equation 30 gives 

RT 

/^ = —[-111(1 -A'2)] (33) 

Expanding in a series, we have 

RT / 1 1 , \ 

P-^(N2^-^N2^ + .^N2^+-- ) 

When N 2 is small, higher powers may be negleeted, and 

PF' - N 2 RT (35) 

But N 2 = n 2 /{ni + %), and in dilute solutions No = where 

n 2 is the number of moles of solute and rii tlie number of moles of sol¬ 
vent. Therefore, 

PV'fii = n2RT (35) 

Setting V, the volume of the dilutee solution containing 112 moles of 

solute equal to the volume of the solvent, F'rq (that is, to the volume of 
1 mole of solvent X the number of moles of solvent) gives 


Pv = n 2 RT (37) 

This is equivalent to equation 23, discovered experimentally, and it is 
evident from the approximations introduced why it cannot hold for 
concentrated solutions. 

Dissociation of Solutes. If the nonvolatile solute is broken down into 
smaller nonvolatile units in solution, the effect on the vapor pressure 
and other related properties will be increased. VanT Hoff pointed out 
that dilute aqueous solutions of most inorganic acids, bases, and salts 
give abnormally large osmotic pressures, whereas dilute solutions of 
sugar and many organic substances give osmotic pressures in close 
agreement with the values calculated with the simple law PV = RT. 
He found that by introducing an additional term i he could obtain 
agreement with experimental values using the formula: 

PV = iRT (38) 

At first i was regarded as a constant, but it was soon found that it 
decreases as concentration of the solute increases. The value of i may be 
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determined for any solution by comparing the osmotic pressure or any 
of the related properties of the solution with these properties as meas¬ 
ured for a normal solute such as sucrose. Thus 


t = 


Ap 


ATf 


AT, 


Pq {Ap)o (ATf)o (ATb)o 


(39) 


where the subscript zero refers to the solution of a normal solute. The 
vapor-pressure lowering Ap is equal to p«oiv«nt - Psoiution- 

The abnormal behavior of salts is easily observed in the depression of 

AT/ . 

the freezing points of solutions. Since for a normal solute-is 1.86, 

m 

ATf / 

‘ 1.86. Usually the molal freezing point depressions ATf/m 


i = 


m 


are considerably greater than 1.86. 

The data are shown graphically in Fig. 67 where it is seen that i ap¬ 
proaches the values 2, 3, and 4 at infinite dilution. It is evident that the 



Fia. 67. Values of i extrapolated to infinite dilution for electrolytes of different 

valence types. 


depressions are considerably greater than those of normal solutes such as 
sucrose or mannitol. For a given solute they increase as the concentra¬ 
tion is decreased and, at infinite dilution, approach definite limits which 
are multiples of the normal depression 1.86°, Thus, with solutions of 
KCl and MgS 04 , the molal depression approaches the value 3.72° (or 
2 X 1.86°) as the solutions are diluted, while the respective limits toward 
which the molal depressions of solutions of K 2 SO 4 and K 3 Fe(CN )6 tend 
are 3 X 1.86° and 4 X 1.86°. 

These facts, together with numerous other properties of dilute solu- 




250 


SOLUTION OF NONVOLATILE SOLUTES 


tions of acids, bases, and salts, find their most satisfactory explanation 
in the theory of electrolytic dissociation. 

Arrhenius’ Theory of Electrolytic Dissociation. In 1887 Arrhenius * 
proposed the theory that aqueous solutions of acids, bases, and salts 
are dissociated, to a greater or less extent, into positively and negatively 
charged particles or ions, and that the increase in the number of dis¬ 
solved units due to this dissociation is the cause of the enhanced osmotic 
pressure. These ions, like the original solutes from which they come, 
arc nonvolatile. Arrhenius strengthened this theory greatly by point¬ 
ing out that substances which give abnormal osmotic effects yield solu¬ 
tions which conduct the electric current, whereas solutions of such sub¬ 
stances as cane sugar, urea, and alcohol, which exert normal osmotic 
pressures, do not conduct electricity any better than the pure solvent. 
In other words, only electrolytes f are capable of undergoing ionic dis¬ 
sociation, and exhibiting abnormally large osmotic pressures and related 
effects; hence Arrhenius termed the hypothesis the electrolytic dissocia¬ 
tion theory. When electrically charged electrodes are introduced into 
the solution, the positive ions move toward the negative electrode, and 
the negative ions move toward the positive electrode, the passage of a 
current through the solution consisting in the transfer of electric charges. 
The relation between electrical conductance and the degree of ioniza¬ 
tion is discussed on page 483, 

The chemical properties of an ion are very different from the prop¬ 
erties of the corresponding atom or molecule. For example, sodium 
ions are stable in an aqueous solution of sodium chloride, whereas 
sodium atoms in the electrically neutral condition react violently with 
water, evolving hydrogen and forming a solution of sodium hydroxide. 
Chlorine in such compounds as CHCI3, CCI4, is not precipitated by 
silver nitrate, since these compounds are not dissociated by water, 

Arrhenius pointed out further that the multiples of the normal freez¬ 
ing-point depression at infinite dilution, such as are shown in Fig. 67, 
are identical with the number of ions into which a molecule of solute 
can dissociate. Thus KCl can dissociate into two ions, and Cl”, 
and at infinite dilution the depression is just twice the normal value. 
In other words, i is 2 . For K 2 SO 4 three ions are possible, 2K'^ and 
S 04 *; thus i has a value of 3 at infinite dilution. Likewise MgS 04 gives 
two ions, and K 3 Fe(CN )6 gives four ions, and Fe(CN)6®. This 
explanation of Arrhenius has been abundantly verified. 

* Arrhenius, Z, physik Chem.f 1, 631 (1887). 

t The term dectrolyie strictly refers to the solution of an ionized substance, although 
it is often applied to acids, bases, or salts, because, when dissolved, they produce 
electrolytes. 
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Example 9, The freezing point of a 0.01 molal solution of barium chloride 
is —0.050®. What is the approximate vapor pressure of the solution at 25® if 
the vapor pressure of pure water is 23.756 mm? 

0.050 _ 

(A7»o 0.01 X 1.86 

Ap = = 2.7-^^ 23.756 = 0.0115 

ni 1000 

18.02 

p = 23.756 - 0.0115 = 23.744 mm 


Further discussion of the constant i and the influence of concentra¬ 
tion on the behavior of electrolytes is deferred until page 508. 
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PROBLEMS 

1. The vapor pressure of a solution containing 13 g of solute in 100 g of H 2 O 

at 28° is 27.371 mm. Calculate the molecular weight of the solute. The vapor 
pressure of water at this temperature is 28.065 mm. Ans. 92.3. 

2. Purified nitrogen gas is slowly bubbled through a solution of 3.000 g of a 

nonvolatile organic compound dissolved in 200 g of benzene and then bubbled 
through pure benzene. Thejolution is found to be 2.1540 g lighter, while the pure 
benzene suffered a loss in weight of 0.01^60 g. What is the apparent molecular weight 
of the dissolved substance? Ane, 157. 

3. If 68.4 g of sugar (molecular weight = 342) is dissolved in 1000 g of water, 
what are (a) the vapor pressure, and (6) the osmotic pressure, at 20 °? (c) What is 
the freezing point? id) What is the boiling point? The density of the solution at 
20° is 1.024. The vapor pressure of water at 20° is 17.363. The heat of vaporization 
of water is 539 c4l per gram, and the heat of fusion is 79.6 cal per gram. 

Ans. (a) 17.30 mm. (6) 4.61 atm. (c) -0.372°. (d) 100.103°. 

4. Ten grams of benzene, 10 g of toluene, and 10 g of naphthalene are added 

together to give a homogenous solution. If it is assumed that the solution is ideal, 
how many grams of toluene will be vaporized by passing through 10 liters of air at 
30° if the vapor pressure of toluene at this temperature is 36.7 mm, that of benzene 
is 118.5 mm, and that of naphthalene is negligible? Ans. 0.617 g. 

5. Solutions of hydrogen chloride in chlorobenzene obey Henry’s law. In dilute 
solutions, 

X = P. = 0.438 
m 

where p is given in atmospheres and m is molality. What is the partial pressure of 
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HCl in mm of hydrochloric acid over a 1 per cent by weight solution of HCl in 
chlorobenzene? Ans, 93.2 mm. 

6 . An aqueous solution of maltose at 25*^ has a vapor pressure of 23.476 mm 

whereas pure water has a vapor pressure of 23.756 mm. What is the osmotic pressure 
of the solution? Ans. 16.11 atm. 

7. When cells of the skeletal muscle of a frog were placed in a series of sodium 

chloride solutions of different concentrations, it was observed microscopically that 
the cells remained unchanged in 0.7 per cent NaCl solution but shrank in more con¬ 
centrated solutions and swelled in more dilute solutions. Calculate the osmotic 
pressure of the cell protoplasm at 25°. A7is. 5.91 atm. 

8 . Show that the free energy of mixing of two liquids which form a perfect solu¬ 
tion is „ 

AF = n 2 RT In Nz -f 7iiRT In Ni 

9 . Calculate AF for tlie mixing of 1 mole of benzene and 1 mole of toluene, to give 

an ideal solution at 25°. Aiis. —822 cal. 

10. Given a 0.01 molal solution of urt^a in water at 25°, calculate (a) the boiling 
point of the solution. 

(b) The vapor pressure of the solution if the vapor pressure of pure water is 23.75(). 

(c) The osmotic pressure (assuming that the density of the solution is practically 

1 . 0 ). 

11 . On the basic of Raoult's law and the relation that the vapor pressure of the 
solvent in solution is proportional to the mole fraction of the solvent, show that 
Ap/p — nz/ni. 

12 . Calculate the vapor pressure of a 15 per cent solution of urea NH 2 CONH 2 at 
25°. The vapor pressure of water at this temperature is 23.756. 

13. (a) If 10 g of phenol added to a given quantity of benzene lowers the freezing 
point of benzene X °, how many degrees (in terms of X) will 20 g lower it if the solu¬ 
tions are ideal? 

{h) The boiling point of a certain solvent is B°, and the boiling point of a solution 
of this solvent containing 10 per cent by weight of a nonvolatile solute is R + y°. 
Calculate in terms of B and Y the boiling point of a solution containing 20 per cent 
by weight of the solute, assuming an ideal solution. 

14. Calculate the freezing-point depression of water produced by dissolved air in 
equilibrium with air (79 fKjr cent nitrogen, 21 per cent oxygen) at 1 atm. At 0 °, 
100 g of water dissolves 4.49 ml of oxygen and 2.35 ml of nitrogen when the pressure 
of each gas is 1 atm. 

15. Calculate the freezing point of a solution of 20 g of naphthalene CioHg in 80 g of 
heptachloropropane, C 3 HCI 7 . 

16. When 1.4511 g of dichloroacetic acid is dissolved in 56.8699 g of caibon tetra¬ 
chloride, the boiling point is increas^id 0.518°. The boiling point of carbon tetra¬ 
chloride is 76.75°, and its heat of vaporization is 46.5 cal per gram at the boiling 
point. What is the molecular weight of the acid? How can the discrepancy be 
explained? 

17. Calculate the change in free energy involved when a mole of water is trans¬ 
ferred (by isothermal distillation) at 25° from pure water to a large quantity of a 
9.9 per cent glycerol solution which has a vapor pressure of water amounting to 
23.300 mm. The vapor pressure of pure water is 23.756 mm. 

18. Human blood freezes at —0.56°. (a) What is its osmotic pressure at 37°? 
(b) What is the free-energy change when one mole of water is evaporated from this 
blood? 
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19. A certain number of grams of a given substance in 100 g of benzene lowers 
the freezing point by 1.28°. The same weight of solute in 100 g of water gives a 
freezing point of —1.395. If the substance has its normal molecular weight in 
benzene and is completely dissociated in water, into how many ions does a molecule 
of this substance dissociate when placed in water? 

20 . The vapor pressure of water at 25° is 23.756 mm. Calculate the vapor pressure 
of solutions containing (a) 6.01 g of urea NH 2 CONH 2 , (b) 0.94 g of phenol CeHsOH, 
and (c) 6.01 g of urea -f 9.4 g of phenol per 1000 g of water, assuming no chemical 
action between the two substances, (d) Calculate (c) assuming that a stable com¬ 
pound is formed containing 1 mol(^ of the urea to 1 mole of phenol. 

21. Using in part data from an earlier chapter, calculate the boiling point of a 
solution containing 10 g of hcptachloropropane in 100 g of carbon tetrachloride, 
assuming that the hcptachloropropane is nonvolatile. 

22. (a) How many grams of methanol CH 3 OII must be added to a 10-liter tank 
of water to prevent fn^ezing at — 5°? (b) How many grams of calcium chloride 
CaCl 2 , assuming complete dissociation and no interaction? (c) How many grams of 
glycol (CH 20 H) 2 ? 

23. Derive an equation which relates the elevation in the boiling point of a liquid 
by the addition of a nonvolatile solute to the corresponding lowering of the vapor 
pn^ssure. 

24. Ten grams of bvnzono vaporizes isothermally from a solution containing an 
equimolecular mixtun^ of b(‘nzcne and diphenyl and condenses in a large amount of 
solution of benzene and nitrobenzene in which the mole fraction of benzene is 0 . 1 . 
Calculate the change in free en(Tgy at 25°, assuming that both solutions are ideal. 

25. (a) What, molal concentration of solutes at 20° is required to raise by osmosis 
a column of solution having a density of approximately 1.0 to a height of 100 ft? * 

(b) What is the vapor pressure of the solution at 20 °? The vapor pressure of 
pure water at 20° is 17.363. 

26. The total vapor pressure of a solution containing 3 per cent by weight of 
ethanol C 2 H 5 OH in water is 760 mm at 97.11°. The vapor preasure of pure water 
at, this t(im{x^rature is 685 mm. Using Raoult’s law and Henry's law, calculate the 
partial pressure at 97.11° of ethanol and water over a solution containing 0.02 mole 
fraction of ethanol. 


27. By combining Raoult's law, the Clausius-Clapeyron equation, and Trouton’s 
rule, sliow that the boiling point 7'b of a dilute solution of a nonvolatile solute and 
the mole fraction of solvent Na arc related by the approximate equation: 

== constant 


* The rise of the sap in a tall tree is not to be attributed entirely to osmosis. 
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CHEMICAL EQUILIBRIA 

The Law of Mass Action. The idea of the reversibility of chemical 
reactions seems to have been first stated clearly in 1799 by C. Berthollet, 
while he was acting as scientific adviser to Napoleon in Egypt. He 
noted the deposits of sodium carbonate in certain salt lakes and con¬ 
cluded that they were produced by the high concentration of sodium 
chloride and dissolved calcium carbonate, the reverse of the laboratory 
experiment in which sodium carbonate reacts with calcium chloride to 
precipitate calcium carbonate. 

In 1862 the influence which the concentration of alcohol and acetic 
acid have on the amount of ethyl acetate formed was reported by 
M. Berthelot and St. Gilles. 

These investigations and others led Guldberg and Waage to state the 
mass law according to which the rate of a chemical reaction is propor¬ 
tional to the active masses of the reacting materials. They realized clearly 
that the important factor is not the quantity of reactants but the quan¬ 
tity of reacting material per unit of volume. They defined active mass 
as the molecular concentration. The mass law has come to be the 
foundation of much of our quantitative formulation of rates of chemical 
reaction and chemical equilibria. If we use concentrations in moles per 
liter in our modern formulas, the results are not exact, but, if we use 
activities which are defined arbitrarily, our calculations are accurate. 

In general, a reversible reaction may be written 

A ^ G + i7+... (1) 

and the concentrations c of each constituent in moles per liter may be 
written c^, c^, c^, Cff. According to the mass law, the speed with which 
A and B react depends on the concentrations of A and B. Then, 

RatOforward reaction ^ ^A^'B Or R^teforward reaction ~ h\C^CB 

where ki is the specific rate constant. The rate is greatest when A and 
B are first mixed together, and it gradually decreases as these reactants 
are used up. 

The products of the reaction, G and H can react in the reverse reac- 
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tion to give A and B, and the rate of this reaction also depends on the 
concentration of G and H. Then, 

Itatereverae reaction “ k2CGCH 

When more than 1 mole of a single substance is involved in the 
equation of a reaction, the number of moles must be considered in 
the mass law because the reaction rate depends on the number of col¬ 
lisions. Thus, if the reaction involves 2A + IJS, the collisions of 1 mole 
of A with a second mole of A will be as frequent as with a mole of B and 
so the rate expression will be IciCaCaCb or 

Rate = kiCA^CB 


In the more general equation, each of the substances in the equation 
has a coefficient, 1, 2, or 3, etc., and equation 1 may be rewritten 

dA bB -(-••• ;;i± gG -f- hH -f* * * * (2) 

showing that a moles of A and b moles of B react to give g moles of G 
and h moles of H. At equilibrium, 

Ratefor^j^rd reaction R^f^reverse reaction 



where Kc is a constant defined as the equilibrium constant expressed 
in concentrations. Concentrations are usually given in moles per liter. 
A more rigorous derivation for the equilibrium constant is given by 
means of thermodynamics on page 269. It can be shown that equa¬ 
tions 3 and 4 are strictly true only for ideal dilute solutions and ideal 


gases. 

Equilibrium Constants. In the study of equilibria in solutions Kc is 
widely used, but in various equilibria the concentration of the gases is 
frequently given in terms of the partial pressures p of the gases. Since, 
at any one temperature, the partial pressure p of an ideal gas is propor¬ 
tional to its concentration c in the gas phase, we may write equation 3 


in the following manner: 


Vq^Vh ^-•• 
Va.^Pb''- • • 


(4) 


where Kp is the equilibrium constant expressed in partial pressures. 
Unless otherwise specified, the pressures are given in atmospheres. 
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The values of Kc can be easily converted into Kp because c = l/v 
— pIRT where c is expressed in moles per liter or in the reciprocal of 
the number of liters containing one mole, and p is expressed in atmos¬ 
pheres. Substituting these values of c into equation 3, we have 


/pg y/p//Y 

\Rt) \Rt) / 1 X PH^ 

/^y/^ Y “ w/ p.4“ X Pfl" 

\rt) \rt) 


f^Rrp)^a+b)-(.g+h)K^ 


(5) 


Letting An ecjual the change in the number of moles of gas during the 
reaction, that is {g + h) — (a + 6 ), we have 

Kp = K^XRlT^ ( 6 ) 

In reactions where the same number of moles of gas occur on both 
sides of the equation. An = 0 and Kc — Kp. Since concentrations are 
expressed in moles per liter and partial pressures in atmospheres, it 
is evident that the gas constant R must be expressed in liter-atmos¬ 
pheres. 


Example 1, For the reaction N 2 + 3 H 2 = 2 NH 3 , at 400®: 


Calculate Kp. 


Kc 


CN2 X 


0.507 


Kp = {RT)^^Kc = (0.08205 X 673.1)X 0.507 = 1.66 X lO'^ 


A large value of Kp means that the numerator is greater than the 
denominator, and a small value means that it is smaller. In this re¬ 
action the ammonia concentration at equilibrium is high when Kp is 
large, and it is low when Kp is small. The magnitude of the equilib¬ 
rium constant is a measure of the extent to which the materials react 
to give the products, that is, a measure of chemical affinity. 

Certain conventions are observed in the use of equilibrium constants 
to avoid confusion. The equation for the reaction is always given^ and the 
products at the right of the equality sign are placed in the numerator. 

When the equation for the reaction is reversed, the new equilibrium 
constant becomes the reciprocal of the other. Thus rewriting Example 1 , 


2NH3 = N2 + 3H2 


CN 2 X CHa^ _ _ J_ 

^NHs^ 0.507 


1.9? 
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If the reaction is written 


NHa = |N2 + I Hz 


K, 



= Vl.97 = 1.40 


These fractional exponents are usually avoided by multiplying 
through by an appropriate integer. 

Determination of Equilibrium Constants. Many chemical and phys¬ 
ical measurements can be used in the determination of equilibrium 
constants. A considerable amount of ingenuity is often needed, not 
only in devising methods for analyzing the mixture without disturbing 
the equilibrium but also in calculating the concentration of all 
the substances present from an experimental determination of only 
one or two. 

If there is a change in pressure or in volume during the reaction, the 
composition at equilibrium can be calculated readily, as shown in the 
following section. Other physical properties, such as absorption of 
light, or refractive index or electrical conductance, can be used in 
special cases to determine the concentration of one or more of the sub¬ 
stances at equilibrium. Frequently chemical methods can be used, 
but, if they involve a different temperature, it is necessary to “freeze 
the equilibrium mixture in some way so that it will not shift during the 
analysis. Sudden chilling or addition of an excess of some chemical 
reagent or removal of a catalyst is often effective for this purpose. 

Usually the original concentrations of the reactants are known, and 
their concentrations at equilibrium are determined directly, or they 
are calculated indirectly from the concentration of the products of 
equilibrium. For example, in the reaction. 


A +B^G + II 


if 1 mole of A and 1 mole of B are mixed in a volume of 1 liter and 
allowed to come to equilibrium, and if 0.9 mole per liter of G is found 
by analysis, it follows that the concentration of H must equal that of 
G, and the concentration of A and of B at equilibrium must be 1 — 0.9 
or 0.1. The equilibrium constant then is written 

^ cgXch 0.9 X 0.9 

- —- ol 

ca X CB 0.1 X 0.1 
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It is essential to know that equilibrium has been reached before the 
analysis of the mixture can be safely used for calculating the equilibrium 
constant. Sometimes the reaction is very slow and the mixture may 
be far from equilibrium even though it does not appear to change. 
The following may serve as criteria for the attainment of equilibrium. 

1 . The same equilibrium constant is obtained when the equilibrium 
is approached from both sides. In the example given, the same value 
is obtained for K when A and B are mixed as when G and H are 
mixed. 

2 . The same equilibrium constant is obtained wlien the concentra¬ 
tions of reacting materials are varied over a wide range. 

3. When the mixture is allowed to stand for longer and longer periods, 
a concentration is finally reached which does not change with further 
standing. 

Flow methods are sometimes used for determining equilibrium con¬ 
stants. For example, known mixtures of nitrogen and hydrogen are 
forced through a heated chamber (containing a catalyst), and the 
issuing gas is passed quickly through a capillary tube to an absorption 
bottle where the ammonia is titrated. The partial pressures of all 
three gases can then be calculated. The gas is passed through at var¬ 
ious rates of flow, and the equilibrium constant is calculated when the 
passage through is so slow that making it still slower does not increase 
the concentration of ammonia. When ecjuilibrium is established, a 
longer period of time will not produce any further change in the con¬ 
centrations. 

Dissociation of Gases. The determination of the density of a gas 
provides one of the simplest methods for measuring quantitatively the 
extent to which the gas is dissociated. When a gas dissociates, more 
molecules are produced, and at constant temperature and pressure the 
volume increases. The density or the weight per liter then decreases, 
and the difference between the density of the undissociated gas and the 
partially dissociated gas permits a calculation of the degree of dis¬ 
sociation. 

If we start with 1 mole of gas and let a represent the fraction dis¬ 
sociated, then 1 -- O' will denote the fraction remaining undissociated. 
If 1 mole of gas yields v moles of gaseous products, the total number 
of moles present at any time will be 

(1 — a) + m or 1 + (v — l)a 

Since the density of a given weight of gas at constant pressure is 
inversely proportional to the number of moles, the ratio of the density 
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di of the imdissociated gas to the density of the partially dissociated 
gas d 2 is given by the expression, 

d2 1 



V — \ d2{v ~ 1) 


It is always advantageous to visualize a formula if possible by check¬ 
ing it with some simple calculation. With reference to equation 8, if 
there is no dissoc^iation a = 0 and d\ = d 2 ] if dissociation is complete, 
a — \ and d 2 {v — \) = di — d 2 or di — vd^. Obviously, both these 
relations are in agreement with the experimental facts. 

Molecular weights may be substituted for densities, giving 


M, - M2 
M2{v - 1 ) 


(9) 


where Mi is the molecular weight of the undissociated gas and M 2 is 
the average molecular weight of the gases when the gas is partly dis¬ 
sociated. Densities are converted into molecular weights by multiply¬ 
ing the molar volume in liters at a given temperature by the weight of 
1 liter. The use of formula 9 is illustrated in Table I with the reaction. 


N2O4 ^ 2NO2 

in which y = 2, 

TABLE I 

Densities of Partially Dissociated Nitrogen Tetroxidb (N 2 O 4 ) at One 

Atmosphere Pressure 


Temp., 

°C 

Average Molecular Weight 
Partially Dissociated 

Gas (M 2 ) 

92.02 - Mi 
^ M 2 

15 

82.00 

0.122 

25 

77.64 

0.185 

35 

72.45 

0.270 

45 

66.80 

0.378 

55 

61.24 

0.502 

65 

66.51 

0.628 

75 

62.85 

0.741 
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The mean molecular weight of the partially dissociated gas is 
determined experimentally, and M i is taken as the theoretical molecular 
weight of undissociated nitrogen tetroxide (N2O4), that is, 92.02. 
Here there is a simple quantitative check on the dissociation process, 
for the NO 2 formed by dissociation is brown, and the undissociated 
N 2 O 4 is colorless. It is easily noticed that the color becomes darker 
brown as the temperature is raised and the density becomes less. The 
intensity of the brown color may be measured quantitatively with a 
colorimeter or photoelectric colorimeter. 


Example 2. If 1.588 g of nitrogen tetroxide gives a total pressure of 760 mm 
when partially dissociated in a 500-cc glass vessel at 25°, what is the degree of 
dissociation al 

Pv = -f- RT 
M 

RTg 0.08205 X 298.1 X 1.588 
^ P r ~ IX 0.500 

= 77.68 


a = 


92.Q2 - 77.68 
77.68 


0.1846 


Equilibrium Constants in Gases. The dissociation of nitrogen te¬ 
troxide is represented by the equation. 


and 


N2C)4 2 NO 2 




Pno2^ 

PN2O4 


( 10 ) 


If a represents the degree of dissociation, (1 — a) is proportional to 
the number of moles of undissociated N 2 O 4 ; 2a is proportional to the 
number of moles of NO 2 ; and (1 — a) + 2 a or 1 + a is proportional 
to the total number of moles. 

If the total pressure is P, the partial pressures are as follows: 


Then, 


1 — a 

PN 2 O 4 = 7 --— P and 
1 + a 


2a 

- P 

1 + 



1 +a 


(11) 
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In this reaction there is an increase in volume, 1 mole of gas disso¬ 
ciating into 2. According to the principle of Le Chatelier, it is possible 
to predict qualitatively that a decrease of pressure will cause the sys¬ 
tem to shift toward 2 NO 2 , which occupies the larger volume. Equa¬ 
tion 11 makes it possible to calculate quantitatively the degree of disso¬ 
ciation of N 2 O 4 at any pressure. 


Example 3. At 25.0° and 1 atm, nitrogen tetroxide has been found by vapor 
density measurements to be 18.46 per cent dissociated. Find Kp. 


1 _ ^2 


4 X (0.1846) 
1 - (0.1846)2 


Calculate the degree of dissociation of nitrogen tetroxide at 0.5 atm and 25°. 


and 


Kp = 0.141 


4a2(0.5) 

1 —0:2 


0.141(1 - a^) = 2a2 


a = 0.257 


Another gaseous equilibrium only slightly more complicated than 
the dissociation of nitrogen tetroxide is the dissociation of phosphorous 
pentachloride. At temperatures something over 200° C the following 
reaction takes place: 

PClfi PCI3 + CI2 

When 1 mole of PCI5 dissociates, there will be at equilibrium 1 — a 
mole of PCI5, a mole of PCI3, and a mole of CI2, where a is the degree of 
dissociation. If these gases are contained at equilibrium in a vessel of 
V liters, the concentrations in moles per liter are 

1 — a a a 

Cpcu == - J \ and CCI2 == - 

V V V 

The total number of moles is 


[1 — a] + a + a= 1+a 

and the mole fractions are 

1 — a a a 

-^pcu = —;— I ^pcu = —;— ; and Nch = 


l+a IH-a ^1+a 

If P is the total pressure, the partial pressures are 


Ppcu 


1 - a 

1 +a 


Pf PPCIb 


a a 

P; and pci 2 = ——P 


l+a 


1 + a 
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The equilibrium constant can be expressed in moles per liter {Kc), or in 
partial pressures (Kp), as follows: 




gpCla X CCI2 

cpcu 


a a 

~ X- 

V V 


1 — a (1 — ol)v 


( 12 ) 


Ppaa X PCI2 

Ap — 

Ppcu 


a 

1 + a 


P X 


a 

- p 

1 + a 


1 — q: 

- p 

1 + q: 



(13) 


Several examples will be given to illustrate the calculation and use of 
equilibrium constants. 


Example 4- At 250° 1 liter of partially dissociated phosphorus pentachloride 
gas, at 1 atm, weighs 2.695 g. Calculate the degree of dissociation a from 
the measured density of the gas and calculate the equilibrium constant Kp, 
If we start with 1 mole of phosphorus pentachloride having a molecular weight M 
of 208.3, there are 1 + a moles in the partially dissociated gas, and the density d 
is given by the expression: 


g M P 
I+a^ RT 


(14) 


d = 2.695 - 


208,3 X I 

(1 + a)0.08205 X 523.1 


a = 0.80 


According to equation 13, 

K, 


0.802 X 1 
1 - 0 . 80*2 


1.78 


This reaction is an interesting one to study in more detail. Qualita¬ 
tively, it can be seen that increasing the total pressure will decrease 
the amount of dissociation, because the undissociated gas occupies the 
smaller volume. If chlorine is added, pciz increases, and, since Kp re¬ 
mains constant, ppch niust diminish, and ppcu i^^st increase. The 
degree of dissociation is decreased also by the addition of ppcu- 
general the dissociation of any substance is repressed by the addition of 
its dissociation products. The addition of an inert gas at constant 
volume has no effect on the dissociation as long as the partial pressures 
of the gases remain unchanged. 
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Example 5. What will be the degree of dissociation of phosphorus penta- 
chloride when 0.1 mole at 250° is placed in a 3-liter vessel containing chlorine 
at 0.5 atm pressure? Let x = the additional number of moles of chlorine or 
phosphorus trichloride formed by the dissociation of the phosphorus penta- 
chloride. 

, xRT\ , (0.08205)(523.1)a; 

-{ 0.5 H-) 0.5 H---^ 

K = 1 78 = ^ ^ _L-l ^ ^_ 

^ Ppcu ( 0.1 - x)RT 0.1 -a: 

V 

X = 0.0574 


The degree of dissociation = 0.0574/0.1 = 0.574. 

Example 6. How many moles of PCU must be added to a liter vessel at 250° 
in order to obtain a concentration of 0.1 mole of chlorine per liter? 

X — number of moles of PCU added to vessel 




1.78 = 


PpC[aPci2 

Ppci5 




V ) 


(x 


0 . 1 )^ 

V 


O.P RT 
{x - 0.1) ^ V 


_ 0.01 X 0.08205 X 523.1 
{x — 0.1) 

X — 0.341 mole 


Examples 5 and 6 could have been worked out just as well by con¬ 
verting Kp into Kc and then making the calculations with Kc in moles 
per liter. 


Example 7. Under what total f)ressure must an equimolecular mixture of 
chlorine and phosphorus trichloride be placed in order to obtain 1 atm of phos¬ 
phorus pentachloride at 250°? If we let x = Ppcia = Vva^. equilibrium, 


K,, = 1.78 = 


PpciaPcij 

Ppcu 


a: = 1,33 atm 


X 


2 


1 


The total pressure at equilibrium is 

ppcia “h Pci 2 "b Ppcis ~ 1.33 + 1.33 1 = 3.66 atm 

Example 8. Under what pressure must an equimolecular mixture of chlorine 
and phosphorus trichloride be placed at 250° in order to obtain an 80 per cent 
conversion of the phosphorus trichloride into phosphorus pentachloride? 


Kp = 1.78 = 


0.20 X 0.20 
I 1 - 0,202 


P = 42.7 atm 
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Another classical example of an equilibrium in gases is the dissociation 
of hydrogen iodide or hydriodic acid gas at temperatures above 400°. 
Very careful measurements are available * for the equilibrium 

2HI — H 2 + I 2 

Quartz vessels of known volume were filled with hydriodic acid at a 
measured pressure and heated in an electric thermostat to 425.1° for 
several hours until equilibrium was established. The vessels were 
then chilled quickly and analyzed for iodine by titration with sodium 
thiosulfate. The concentration of hydrogen at equilibrium is equal to 
that of the iodine. The concentration of hydriodic acid at equilibrium 
is obtained by subtracting the iodine from the initial hydriodic acid. 
The equilibrium concentrations in moles per liter are shown in Table II. 

TABLE 11 

Equilibrium between Hydrogen, Iodine and Hydriodic Acid at C98.2 K 


^I2 

(mole/liter) X 10^ 

rH2 

(inole/liter) X 10'^ 

f'ui 

(mole/liter) X 10'^ 

11 

1.7069 

2.9070 

16.482 

1.827 X 10““ 

1.2500 

3.5600 

15.588 

1.831 

0.7378 

4.5647 

13.544 

1.835 

2.3360 

2.2523 

16.850 

1.853 

3.1292 

1.8313 

17.671 

1.835 

0.4789 

0.4789 

3.531 

1.840 

1.1409 

1.1409 

8.410 

1.840 

0.4953 

0.4953 

3.655 

1.832 


The last three sets of data were obtained by starting from the other 
side of the equilibrium, weighing the initial quantity of iodine, measuring 
the pressure of hydrogen, and titrating the iodine after reaching equi¬ 
librium. The hydriodic acid concentration was determined by sub¬ 
tracting the final iodine concentration from the initial concentration. 
The close check between the two sets of data show that equilibrium was 
reached in every case. 

Sometimes calculations are facilitated by expressing the concentra¬ 
tions with letters. Thus, if a moles of hydrogen is mixed with b moles 
of iodine, and 2x moles of hydriodic acid is formed, when equilibrium 

* Taylor and Crist, J, Am. Chem. Soc.^ 68, 1381 (1941). 
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is established, a — x is the amount of hydrogen, and b — xis the amount 
of iodine present. Then, substituting these quantities into the expres¬ 
sion for the equilibrium constant gives 


(?)■ 


(a — x)(b — x) 


G ‘j- b — N' (u — 6)^ -f- l(jGbKc 

X --(16) 

2(1 - 4i^c) 

It is of interest to note that a change in pressure does not alter the 
equilibrium in this gaseous reaction. Making use of the partial pres¬ 
sures of the components of the gaseous system, instead of the concen¬ 
trations, we have 

'Ph2 X Pi, 


Now, if the total pressure on the system is increased to n times its 
original value, all the partial pressures are increased in the same propor¬ 
tion, and 

npH2 X npi. 


n^PBi 


which is seen to be equivalent to the original expression, since n cancels 
out. The equilibrium is thus seen to be independent of the pressure. 
This independence applies only to those systems in which no change in 
volume occurs during the reaction. It may be remembered also that 
in this case Kp = Kc^ 

Illustrations of the calculations of more complicated gaseous equilibria 
will now be given. 

Example 9, The reaction CO 2 + H 2 ;=^ CO + H 2 O was investigated by 
passing mixtures of CO 2 and H 2 over a catalyst at 900° at 1 atm pressure. The 
resulting gas was chilled quickly to room temperature by passage through a 
capillary and was analyzed. In one experiment the partial pressures were as 
follows: CO 2 = 0.2142; H 2 = 0.2549; CO = 0.2654; H 2 O 0.2654 atm. Cal¬ 
culate the number of moles of hydrogen present in another equilibrium mixture 
containing 22.72 moles of CO, 22.72 moles of H 2 O, and 48.50 moles of CO 2 . 
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VgoVh^o 0.2654 X 0.2654 
PCO 2 PH 2 0.2142 X 0.2549 


= 1.290 


- 1.290 = 




22.722 


48.50 X 1.290 


— 8.25 moles H 2 


Example 10. Ammonia is formed from a mixture of three parts of hydrogen 
and one part of nitrogen (page 385). At lower temperatures the yield is still 
higher, but the time required for equilibrium to be reached would be too great 
to be practical, except for the addition of a catalyst. The pressure is kept as 
high (200 atm) as practical and the temperature as low as practical. 

Under equilibrium conditions at 400® and 10 atm pressure 3.85 per cent of 
ammonia is obtained. 

Calculate Kp for the reaction N 2 + 3 H 2 ^ 2 NH 3 . The ratio of three volumes 
of H 2 to one volume of nitrogen is maintained, regardless of the amount of 
ammonia formed. Of the 96.15 per cent by volume which is not ammonia one 
fourth is nitrogen and three fourths is hydrogen. 


(0.0385 X 10)2 


TT = ?^NH3 ^_ 

"" PN 2 PH 2 ' (i X 0.9615 X 10)(i X 0.9015 X lOy 


= 0.000164 


Calculate the total pressure P necessary to give a mixture containing 5 per 
cent ammonia at this temperature. 

= 0.05P Pn2 = i X 0.95P = I X 0.95P 


Kp = 0.000164 - 


_ 0.0025P2 
(0.2375P)(0.7125P)^ “ 0.0859P" 


(0.05P)2 


p2 == 


0.0025 


0.000164 X 0.0859 


177.5 P = 13.3 atm 


Calculate the percentage of ammonia when the mixture is subjected to a 
pressure of 50 atm. 


Ph 2 “ 3 Pn 2 Pn 2 “1“ Ph 2 + Pnhs — SO atm Pnhs — 50 — 


Kp 


= 0.000164 = T 

PN2??H2® (PN2)(3PN2) 27pn2 

^ ~ = \/0.000164 X 27 = 6.65 X 10“* 

PNj 


Pnj = 10.62 Phj = 3 X 10.62 = 31.86 
Pnh, = 50 - (10.62 + 31.86) = 7.52 
7.52 

Per cent ammonia = ^ 777 : X 100 =15 
50.0 
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Equilibria in Solutions. Concentrations in solution are frequently 
expressed in moles per liter. The following reaction is a classical exam¬ 
ple of an equilibrium involving liquids: 

CH3COOII + CaHsOH CH3COOC2H5 + IhO 

The volume of the solution is v liters, and the number of moles of 
each of the four compounds is designated as a, h, c, and c/, respectively. 
The additional number of moles of ester and water formed by the reac¬ 
tion of acetic acid and alcohol is denoted by x. Then, if the slight 
change in volume of the liquids due to the chemical reaction is neg¬ 
lected, the concentration of each of the compounds is 

a — X b — X 

CCU3COOH = - ; ^CaHsOH = - 

V V 


Then 


c “b X 

CCHsCOOCaHfi = - ; 

V 


d X 

^‘HaO = - 

V 


^^CH^COOCaHs^HaO (c + x)((i + x) 
CCHaCOOHCCallsOH — x){b — x) 


(17) 


The use of this eciuation is illustrated in the following example. 


Example 11, One mole of acetic acid is mixed with one mole of ethanol at 
25°, and after equilibrium is reached a titration with standard alkali solution 
shows that 0.667 mole of acetic acid has reacted. Calculate Kc. 


Kc = 


0.667A X 0.667/r 


^CH3C00(^2H6<^H20 _ __ 

CCH3C00HCC2H5OH “ (1.000 ~ 0.667)A X (1.000 ~ 0.667)A 


4.00 


When 0.50 mole of ethanol is added to 1.000 mole of acetic acid at 25"^, how 
much ester will be formed at equilibrium? 

(1.000 -,X0,500 -,) ' 


In a quadratic equation two solutions are always possible, but usually one may 
be shown to be wrong and incompatible with the })hysical-chcmical facts. In 
the present case it is impossible to produce more moles of ester than corresponds 
to the number of moles of ethanol, and so the value 1.577 is ruled out. Actually 
0.422 mole of ester and 0.422 mole of water are formed, and (0.500 — 0.422) or 
0.078 mole of ethanol and (1.000 — 0.422) or 0.578 mole of acetic acid remain 
unreacted. An experimental value of 0.414 mole of ester was obtained. Addi¬ 
tional calculations are as follows: 


Moles ethanol added to 1 mole of acetic acid 

0.08 

0.28 

2.24 

8.00 

Moles of ethyl acetate calculated 

0.078 

0.232 

0.864 

0.945 

Moles of ethyl acetate formed experimentally 

0.078 

0.226 

0.876 

0.966 
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It may be noted from this example that a large excess of one of the 
reactants causes the other reactant to undergo nearly complete reaction. 

In the equilibrium just studied, the volume terms cancel out, and so 
the equilibrium constant is not affected by changing the volume. When 
there is a change in the number of molecules, however, it is necessary 
to consider the volume of the solution in calculating the eciuilibrium 
constant. 

Free-Energy Changes in Chemical Reactions. A very important 
relation exists between the equilibrium constant and the change in free 
energy. It connects chemical reactivity with the measurements of 
thermodynamicis and electrochemistry. 

The following general reaction is representative of any chemical 

reaction. aA + bB + ■ ■ ■ gG + hH + ■ ■ ■ (18) 


We will assume at first that A, (7, and H are ideal gases, each exerting 
its own partial pressure p^, etc. The gases are present in such large 
quantities that the loss or gain of one mole of a or fe does not materially 
affect the concentrations nor the partial pressures. 

It will be remembered from page 152 that 



Then, 

F == nRT In p + constant (20) 


where the integration constant varies with the temperature but is 
constant at a given temperature. 

In the reaction given by equation 18, a moles of the substance A dis¬ 
appear, and the system, therefore, undergoes a loss in free energy of 

Fa = clRT In pa + Ca 


Owing to the disappearance of J5, the system suffers a further decrease 
in free energy: 

Fb = bRT In pb + Cb 


Owing to the appearance of G and H, the system increases in free energy 
by the amount, 

and 

Fb[ = hRT In ph + Ch 


Fq = gRT In po + Co 


The net change in free energy is, therefore, 

AF = gRT In po + hRT In pn — o,RT In pa — bRT In p® + C (21) 
where C ^Cq + Ch-Ca- Cb- 
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At equilibrium, AF = 0; hence 


Pg^Vh'' 

In- r = 


c 


This derivation shows that at equilibrium at a given temperature 
r Va^Pn’' 


-Pa Pb 


equil. 


= a constant, Kp 


( 22 ) 


where C is a constant such that RT In Kp = —(\ Kp has bem defined 
previously as an equilibrium constant. 

If the reactants and products are not at their equilibrium partial 
pressures p but at any arbitrary pressures p', there is a finite free-energy 
change, and 

AF= -RT In Kp + RT In 

The quantity Iva'^Vb^ is so easily confused with the partial 

pressures at equilibrium that it is well to rewrite this equation as 

AF = -RT In Ap + RT In ^ = -RT In Kp + RT In Qp (23) 

Pa""Pb 


where p refers to the partial pressures at equilibrium, p' refers to non- 
eciuilibrium partial pressures of reactants and products, and Qp is de¬ 
fined as the pressure quotient, Iva^Vb^ • This is an exceedingly 

important equation which will be applied to practical problems in later 
chapters. 

There is a special case which is of importance—that in which the 
reactants in their standard states (1 atm for gases) react to give the 
products in their standard states (1 atm). The free-energy change in¬ 
volved in reaction between substances in their standard states is desig¬ 
nated with a superscript zero A/^ and is called the standard free-energy 
change. Under these conditions the last term drops out because all the 
values of p' are unity, Q is 1 and log 1 = 0, and, then, 

Af^ = -RT\svKp (24) 

The superscript zero indicates that the change in free energy refers 
to th^ reaction in which the reactants in their standard staieSf usually at 
1 aim, are converted into products in their standard states (at 1 aim). This 
equation shows that the decrease in the standard free energy during a 
reaction is a measure of the magnitude of the equilibrium constant, 
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that is, of the chemical affinities involved. It determines just how far 
the reaction will go and how the partial pressures will be related at 
equilibrium. Equations 23 and 24 can be combined to give equation 25: 

AF = + RT In (25) 

The values of AF® for many common substances can be found in 
tables of standard free energies of formation, and equation 25 will then 
permit one to calculate the free energy change in taking reactants at 
given partial pressures and converting them into products at given 
partial pressures. 


Example 12. What is AF^ at 25° for the reaction, 


N2O4 (g) ^ 2NO2 (g) 

Kp = = 0.141 

PN2O4 

AF® = -FT In/vp = -1.987 X 298.1 X 2.303 log 0.141 = +1161 cal 


According to this calculation, 1 mole of N 2 O 4 at 1 atm can be converted into 
2 moles of NO 2 at 1 atm and 25°, only with some external aid which is equivalent 
to a change in free energy of 1161 cal. 

Example 13, What is AF® at 25° for the reaction, 


2NO2 {g) ^ N2O4 {g) 


^204 _ I 
V^o} “ 0.141 


7.09 


AF® = -ETlnKp = -1.987 X 298.1 X 2.303 log 7.09 = -1161 cal 


It is clear that, if a reaction is reversed, the equilibrium constant becomes the 
reciprocal of that for the forward reaction, and the free-energy change has the 
same magnitude but the opposite sign. 

Example H. Wliat is the free-energy change involved at 25° if 10 g of N 2 O 4 
at 2 atm is changed into 10 g of NO 2 at 0.3 atm? 

AF -RT In Zip + RT In Q, = -RT In A' + RT In 

PNjO, 

= -1.987 X 298.1 X 2.303 log 0.141 + 1.987 X 298.1 X 2.303 log^ 

= 1161 - 1837 = -676 cal 


This free-energy change is for 1 mole of N 2 O 4 . The free-energy change for 
10 g is (10/92.0) X (-676) = -73.5 cal. 

Formulas similar to 22-25 may be derived in which the partial pres¬ 
sures are replaced by concentrations. The free-energy change in the 
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case of dilute ideal solutions, for the isothermal change of state, 
aA(at ca) + bB{sit cb) ^ ^(r(at cq) + /fci?(at ch) 
is given by 

AF = -RTln~ -- + /2rin-^^--= -RTlnKc + RTlnQc (26) 

Ca'^Cb^ Ca'^Cb'^ 

where the concentrations ca, cb^ cq, and ch are for equilibrium at con¬ 
stant pressure and the concentrations etc.., are arbitrary. If the 
primed values are all unity, we have again the important equation for 
the standard free-energy change, 

AF^ = -RTXnKc (27) 

In such calculations conc^entrations are customarily expressed in molali¬ 
ties; the standard state of each solute is taken as the concentration of 
1 mole per 1000 g of solvent if the solution is ideal. Molarities expressed 
in moles per liter an^ sometimes used. Pressure is fixed, but usually for 
solutions its value is not important. 

Example 15. The ecpiilibriuin constant for the association of benzoic a(;id 
to a dimer in dilute benzene solutions at 43.9® is 2.7 X 10^ in terms of molar 
concentrations. Calculate AF^, and state its meaning. 

2C6H5COOn = (C6H6C00H)2 

Kc = = 2.7 X 10^ 

^ monomer 

AFO = -RT In Kc = -1.987 X 317.0 X 2.303 X 2.4314 
= -3527 cal 

Hence, there is a free-energy decrease of 3527 cal when 2 moles of benzoic acid 
monomer, CcHsCOOH, at a concentration of 1 mole j^er liter of solution, is 
converted to 1 mole of benzoic, acid dimer at a concentration of 1 mole per liter, 
in benzene at 43.9®. The reaction is spontaneous as written. 


In concentrated solutions mole fractions should be used. In ideal 
concentrated solutions the partial pressures can be calculated accurately 
from the mole fractions, whereas the calculations based on moles per 
liter may be in serious error. Calculating on the basis of mole fractions 


gives 


AF = - RT In 


No^Nji’' 

NaW 


+ RT In 


Ng'^Nh'^ 

Na'’^Nb''‘ 


(28) 


= — RT In -f- RT In Qn 
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Example 16. Calculate Knj assuming ideal solutions, for the following reac¬ 
tion at 25°: 

C 2 H 5 OH + CH 3 COOH CH 3 COOC 2 H 6 + H 2 O 


if the addition of 1 mole of alcohol to I mole of glacial acetic acid yields at 
equilibrium 0.667 mole of ester. Calculate and interpret AF^. 

In this equilibrium mixture, 


^ alcohol — ^ acid 


1.000 - 0.667 

2.000 






0.667 

2.000 


Kn = 



(0.667)2 

(0.333)2 


4.00 


AF® = -RT In Kn = -1.987 X 298.1 X 2.303 X log 4.00 
= -822 

For this reaction where An — 0, Kc ~ K w ~ Kp and AF® is the same. When, 
however, there is a change in the number of molecules during reaction Kc, Kp 
and Kn will differ and the AF^s will not be equal. The standard states will 
then be different. 


It is essential to have a clear understanding of the influence of con¬ 
centration in changing the value and even the sign of AF. In the three 
following examples it is assumed that the solutions are ideal and that 
equation 26 is exact. 


Example 17. 
isomer, 


In a simple hypothetical reaction such as a change into an 
B 


if the system is at equilibrium when A and B are at equal concentrations, 
Ca = cb, what is the value of AF°? 

Kc = — =l and = -RT\n Kc = -RTla 1 = 0 
ca 

Example 18. In another system C^D there is a state of equilibrium at 27° 
when the concentration of the product D is ten times as great as C. What is 
the value of AF°? In this example and the next few involving AF® it is assumed 
that the solutions are ideal 

Kc = — =‘^ and 61^ = -RT In K. = -1.987 X 300.1 X 2.303 log 10 
ccr 1 

«= -1373 cai 
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If AF^ has a negative sign, that is, if the free energy of the products is 
less than the free energy of the reactants, there is a tendency for the 
reactants (the materials at the left of the reaction as written) at unit 
concentration to react to give the products at unit concentration. 

If a system is in a state of equilibrium when the concentrations of the 
products are less than those of the reactants, AF^ is positive; there is no 
tendency for the reactants at unit concentration to react to give the 
products at unit concentration, but on the contrary the reaction tends 
to go in the reverse direction. 


Example 19. In the reaction ^ (7 at 27° there is equilibrium when the 
concentration of the product is one-tenth that of the reactant E. Calculate 




"E 


TTT 
1 ’ 


AF^ - -RT\n Ka = -1.987 X 300.1 X 2.303 log— 

10 

= -1.987 X 300.1 X 2.303 X (-1) = +1373 


It is clear from the positive value of AF^ that E at unit concentration will not 
react spontaneously to give G at unit concentration. However, some production 
of G can be effected by increasing sufficiently the concentration of E or by reduc¬ 
ing the concentration of G by removing it as it is formed at concentrations less 
than unity. 

Example 20. Referring to example 19, calculate AF for the reaction at 27° 
in whicli FJ at a concentration of 20 goes to G at a concentration of 1. 


E{c = 20) ;=± G{c = 1) 

AF = -RT In Ke + RT In —, = AF^ + AY In ^ 

ce' 20 

= 1373 + 1.987 X 300.1 X 2.303 X (-1.301) 

= 1373 - 1786 - -413 

The negative sign of AF in this equation shows that the reaction will take 
place spontaneously under these conditions. By sufficiently increasing the con¬ 
centration of E, E can be partially converted into G in spite of the unfavorable 
equilibrium constant and positive value of AF^. The distinction between AF 
for any concentrations and AF^ for standard states at unit concentration must 
be kept clearly in mind. 


Free-Energy Tables. The change in free energy can be calculated 
from equilibrium constants for chemical reactions which involve the 
reactants and products in their standard states. Equation 24 is used 
more often, however, to calculate equilibrium constants from known 
values of AF^. If the free-^nergy change for a given chemical reaction 
cannot be obtained directly from equilibrium constants, it can often 
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be calculated indirectly from other reactions for which the free-energy 
changes are known. 

If several reactions are added together, the free-energy changes are 
additive, just as heats of reaction are additive. The free-energy change 
of the total reaction is the sum of the free-energy changes of all the 
composite reactions. Free energies are usually given in calories. 


Example 21. Calculate the free energy of formation of hydrochloric acid from 
its elements at 25° from the following data: 


H 2 O (0 = H 2 O (g) 

= 2,053 

H 2 (g) + ^02 (g) = H 2 O (1) 

= -56,560 

H 2 O (g) + CI 2 (jg) = 2HC1 (g) + 1 O 2 (g) 

AP = 9,123 

Adding these equations gives 


H 2 (g) + CI 2 (( 7 ) = 2HC1 ig) 

AF“ = -45,384 

or 

IH 2 (?) + ICI 2 (?) = HCl (?) 

AFO = -22,692 

Just as there are tables of heats of formation (page 129) from which 


heats of reaction can be calculated, so also are there tables of free energy 
of formation from which AF^ for various reactions can be (calculated. 
The free energies of the elements at 25° and atmospheric pressure, in 
their most stable states under these conditions, are taken as zero. The 
free energy of formation AF^ of a compound is the change in free energy 
involved when 1 mole of this substance in its standard state at 25° and 
1 atm pressure is produced from the elements in their standard states 
(25° and 1 atm pressure). If the substance is not in its standard state, 
the superscript zero is omitted. Table III gives a few of these values. 

Some of the values of the free energy of formation were obtained 
directly or indirectly from equilibrium constants; others are obtained 
from measurements of electromotive force as explained in Chapter XVI, 
and others are obtained from calorimetric measurements, combining 
heats of reaction and determinations of absolute entropies as explained 
on page 286. 

The use of this table in calculating free-energy changes may be 
illustrated with the following example. 

Example 22. 

H2 {g) + C2H4 {g) - C2H6 {g) 

AFO =. AF^producta - AF?eactants = -7787 - (0 + 16,279) 

= —24,066 cal (at 25° and 1 atm) 

This table gives the changes in free energy for isothermal, isobaric reactions 
at 25°. 
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Calculate Kp at 25° for this reaction between hydrogen and ethylene. 


AF® = -24,066 - -1.987 X 298.1 X 2.303 log 

_ Vcjiu __ A-i _ 24,066 _ 

” Vn, X PC 2 H 4 “ ^ 1.087 X 298.1 X 2.303 


4.39 X 10^7 


TABLE III 


Free Energies of Formation at 25 ° and 1 Atm ^ 


Substance 

AA’®298.1A' 

Substance 

^P^2n.iK 

Water, H 2 O (/) 

-56,560 

Propylene, CgHe (g) 

14,730 

Water, H 2 O (^ 7 ) 

-54,507 

Acetylene, C 2 H 2 (g) 

50,034 

Hydrochloric acid, HCl (g) 

-22,692 

ctV2-Butene, C 4 H 8 (g) 

15,570 

Hydrobromic acid, IIBr (g) 

-12,540 

^rans-2-Butene, C 4 H 8 (g) 

14,800 

Hydriodic acid, HI (g) 

315 

Formaldehyde, CH 2 O (g) 

-26,100 

Sulfur, S (rhombic) 

0 

Formic acid, CH 2 O 2 (g) 

-82,520 

Sulfur, S (monoclinic) 

18 

Formic acid, CII 2 O 2 (0 

-85,150 

Sulfur, S (g) 

30,240 

Methanol, CH 4 O (1) 

-39,960 

Hydrogen sulfide, H 2 S (g) 

-7,840 

Urea, CH 4 N 2 O (s) 

-47,120 

Ammonia, NH 3 (g) 

-3,910 

Oxalic acid, C 2 H 2 O 4 (s) 

-165,900 

Nitric oxide, NO (g) 

20,850 

Acetic acid, C 2 H 4 O 2 (0 

-94,500 

Nitrogen dioxide, NO 2 (g) 

11,920 

Ethyl bromide, C 2 H 6 Br (1) 

-6,180 

Carbon monoxide, CO (g) 

-32,700 

Ethanol, C 2 H 6 O (1) 

-40,200 

Carbon dioxide, CO 2 (g) 

-94,100 

Dimethyl other, C 2 H 6 O (g) 

-26,350 

Lead oxide, PbO (s) 

-45,050 

Ethylene glycol, C 2 H 6 O 2 (0 

-80,200 

Silver ion^, Ag*^ 

18,448 

Acetone, CsHgO (g) 

-36,500 

Zinc ion^, 

-34,984 

Acetone, CsHgO (0 

-37,220 

Methane, CH 4 (g) 

-12,085 

Glycerol, CgHgOa (/) 1 

-113,600 

Ethane, C 2 H 6 (g) 

-7,787 

Fumaric acid, C 4 H 4 O 4 (s) 

-156,700 

Propane, CsHg (g) 

-5,550 

Maleic acid, C 4 H 4 O 4 (s) 

-149,400 

n-Butane, C 4 H 10 (g) 

-3,630 

Ethyl acetate, C 4 H 8 O 2 (0 

-77,600 

zso-Butane, C 4 H 10 (g) 

-4,160 

Diethyl ether, C 4 H 10 O (0 

-28,300 

n-Pentane, C 6 H 12 (g) 

-1,620 

Benzene, CgHe (g) 

30,640 

2-Methyl butane, C 6 H 12 (g) 

-3,190 

Benzene, CgHe (Z) 

29,400 

Tetramethyl methane, 


Cyclohexane, C 6 H 12 (/) 

6,800 

C 5 H 12 ig) 

-3,310 

Cyclohexene, CgHio (0 

18,200 

n-Hexane, Cell 14 (g) 

80 

Benzoic acid, C 7 H 6 O 2 (s) 

1 -60,100 

n-Heptane, C 7 H 16 {g) 

1,750 

Naphthalene, CioHg (s) 

45,200 

n-Octane, CgHig (g) 

Ethylene, C 2 H 4 (g) 

3,400 

16,279 

Sucrose, C 12 H 22 O 11 (s) 

-371,600 


^ The data are taken from different sources including, Pitzer, Chem, Rev.y 27 , 39 
(1940), and Parks and Huffman, “Free Energies of Some Organic Compounds,^' 
Chemical Catalog Inc. Co., New York, 1932. 

* Standard state — 1 gram-equivalent per liter 
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Example 23. Calculate from Table III the equilibrium constant for the 
following reaction at 25°. 

2HI {g) = H 2 {g) + h is) 

= 0 - 2 X 315 - -630 cal 




= -1.987 X 298.1 X 2.303 log A^p 
Ph2 X ... 630 


Phi 


== antilog 


1.987 X 298.1 X 2.303 


= 2.90 


Activities and Fugacities. Formulas 22-28 hold strictly only for ideal 
gases and dilute ideal solutions, but the equilibrium constant and its 
relation to free-energy change are so valuable that they are commonly 
used, even when the gases and solutions are not ideal. It is recognized 
that they are only approximately correct, but they are often sufficiently 
exact for practical purposes, particularly if the pressure is not greater 
than 1 atm and the concentration of nonelectrolytes not greater than 
1 molal. 

To make possible exact calculations, G. N. Lewis introduced the 
terms fugacity and activity, which are defined in such a way that the 
equilibrium constant is a true constant and is independent of the con¬ 
centrations, 

A good illustration of the difficulty of using pressures and concentra¬ 
tions is shown in the determination of the dissociation constant at 25° 
of N 2 O 4 , at different concentrations,* as given in Fig. 68. If N 2 O 4 
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Fig. 68. Extrapolation of appamnt equilibrium constants Kp to low pmssun^s. 


and NO 2 behaved as ideal gases, the values of the dissociation constant, 
calculated from Kp — Pmh should be independent of the pres¬ 

sure. Then, when Kp is plotted against the total pressure, a horizontal 
line should be produced. In Fig. 68 Kp is plotted against millimoles of 
gas per liter, calculated as N 2 O 4 , and it is evident that Kp increases as 
the total pressure is reduced. In the derivation of the relation, AF® = 
—RThiKpii is assumed that the gases are ideal gases, and, accordingly, 
the correct value of Kp to use in thermodynamical calculations is the 
value extrapolated to zero pressure where the gases are strictly ideal 
In this Kp has a value of 0.143 at zero pressure. 

♦ Verhoek and Daniels, J. Am. Chem. Soc.^ 63 , 1250 (1931). 
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Equation 23 was derived for ideal gases, and it does not apply to 
real gases, particularly at high pressures. It is convenient then to use 
a quantity/u0rac% */instead of pressures which is defined arbitrarily by 
the equation: 

F = RT\nf+C (29) 


Another term of practical value in making use of these thermodynamic 
quantities is the activity a which is defined as the ratio of the fugacity / to 
the fugaciity in some arbitrarily chosen standard state 
Thus 


/ 



(30) 


The activity or escaping tendency of a volatile liquid may be visual- 
ized as the tendency to pass off into the vapor state as measured approxi¬ 
mately by its vapor pressure po. When a solute is added, the vapor 
pressure of the solvent p is decreased. The ratio p/po a measure of 
the escaping tendency of the solvent as compared to the escaping tend¬ 
ency in the pure liquid. It may be considered as describing approxi¬ 
mately the activity of the solvent. For example, the vapor pressure of 
pure water at 25° is 23.7, and the partial pressure of water in a 10 per 
cent solution of sulfuric acid is 22.4. Then the relative escaping tend¬ 
ency or activity in solution is 22.4/23.7 or 0.95. 

The change in free energy which occurs in going from the standard 
state to any other state is given by the expression: 


AF = F - = RTlnf 


RTinf = RTln~=^ RTlna (31) 


For a solute, the standard state is usually taken as a hypothetical 
state in which the pure solute (that is, a solution in which N 2 == 1) 
would have the properties which the solute possesses at infinite dilution. 
The activity of a solute at any mole fraction is given by the expression, 
(^2 = / 2 // 2 ^- 

In Table IV the partial pressures of acetone and ether are given in 
millimeters at 30° for solutions of various mole fractions, f 

* Fugacities of gases may be calculated from pressures by correcting for the devia¬ 
tions from ideal behavior at several pressures, and in different ways as given by Lewis 
and Randall, “Thermodynamics and the Free Energy of Chemical Substances,” 
Chapt/cr XVII, McGraw-Hill Book Co., New York, 1923; and by Hougen and Watson 
“Chemical Process Principles II Thermodynamics,” Jolm Wiley & Sons, New York, 
1947. 

t Sameshima, J. Am. Chem. *Soc., 40 , 1489 (1918). 
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TABLE IV 

Vapob Pressure of Acetone-Ether Solutions at 30° 


Mole 

Fraction 

Ether 

Ni 

Vapor 

Pressure 

Ether 

Pi 

Mole 

Fraction 

Acetone 

N2 

Vapor 

Pressure 

Acetone 

P2 

n 

Total 
Pressure 
Pi + P2 

1.000 

646.0 

0.000 

0 


646.0 

0.961 

623.5 

0.0387 

21.8 

0.00177 

645.3 

0.867 

570.8 

0.133 

66.2 

0.00201 

637.0 

0.749 

510.2 

0.251 

106.7 

0.00235 

616.9 

0.504 

390.3 

0.496 

167.5 


557.8 

0.349 

301.5 

0.651 

201.2 


502.7 

0.295 

266.0 

0.705 

213.7 


479.7 

0.162 

166.5 

0.838 

243.1 


409.6 

0.066 

71.0 

0.934 

266.8 


337.8 

0.047 

55.3 

0.953 

270.7 


326.0 

0.020 

20.8 

0.980 

276.6 


297.4 

0.000 

0,0 

1.000 

282.7 


282.7 


If the acetone is considered to be the solute, the standard reference 
state is taken as a hypothetical acetone with the properties which it 
possesses as a solute at infinite dilution. Writing the equilibrium con¬ 
stant for the reaction 


gives 


(CH3)2CO,a, = (CH3)2CO«o.„tion 


K = 


^■solution 

^gas 


(32) 


The gas is sufficiently ideal so that no serious error is introduced by 
substituting the pressure of the gas for the activity. Since the solu¬ 
tion is far from ideal, a considerable error would be introduced by sub¬ 
stituting the mole fraction for the activity of acetone in solution, and 
K would not be the same at different concentrations. However, by 
writing 



(33) 


V2 


and calculating the value of K' at several different concentrations, it is 
possible to extrapolate back to infinite dilution where the solution is 
ideal. This extrapolated value of K' is the true equilibritun constant 
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under conditions where the activity is equal to the mole fraction. This 
extrapolation is illustrated in Fig. 69, where it is found that Kq has the 
value 0.001697. 

Since Kq has been evaluated, it is now possible with the help of equa¬ 
tion 33 to determine the activity of acetone at any concentration from 
its vapor pressure. Thus, at a mole fraction of 0.251, the partial vapor 
pressure is 106.7, and its activity in solution is given by the relation: 

02 = 0.001697 X 106.7 = 0.181 

The fact that the activity of acetone is less than its mole fraction means 
that its escaping tendency (represented approximately by its vapor 



Fid. 69. Evaluation (jf equilibrium constant for acetone vapor and liquid acetone 
in infinitely dilute ether solution. 

pressure) is less than if the acetone retained in this solution the proper¬ 
ties which it possesses in an extremely dilute solution in ether. 

If ether is considered to be the solvent, its activity at any mole frac¬ 
tion is simply the ratio of the partial pressure to the vapor pressure of 
pure ether, which is 646.0 mm. For example, the partial pressure of 
ether at 0.295 mole fraction is 266.0 nun, and the activity of the ether is 
266.0/646.0 or 0.412. If the solution were ideal, the activity would 
be 0.295. 

Of course it is quite arbitrary to take ether as the solvent and acetone 
as the solute; equally useful results would be obtained if ether were 
considered to be the solute. The standard state adopted should be 
specified, but in calculations involving only changes in concentration 
the standard state cancels out. 

It may be suggested that nothing is gained by the introduction of 
these arbitrary quantities, fugacity and activity—that the ability thus 
acquired to express laboratory facts with simple formulas is artificial. 
However, a great gain is made in a practical way. The relation between 
activities and concentration may be determined empirically for a given 
substance by independent experimental measurements, and then many 
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of the useful formulas of thermodynamics may be applied with exact- 
ness. Particularly in the study of electrolytes where the electric charges 
cause large deviations from ideal behavior, it is necessary to use activi¬ 
ties even in fairly dilute solutions. 

Methods for determining activities of electrolytes and other solutes 
are described and illustrated in the appendix on pages 682 to 688. 

Influence of Temperature on Chemical Equilibrium. According to 
equation 24 for ideal gas systems, 

-AF^ = RTlnKj, 


Differentiating with respect to temperature gives 


-dAF^ 

dT 


R In Ap + RT 


d In Ap 
dT 


(34) 


According to the Gibbs-Helmholtz equation * (page 161): 

dAF^ 

AF'^ - All = T - (35) 

dT 

Substituting in equation 35 the value of d AF^/dT obtained in equa¬ 
tion 34 

In 

Ml - M^ = RT In A’ + RT^ - - (3(1) 

dT 


Adding equation 24 to ecjuation 3() and rearranging, we have 

d In Ap AH 
dT ~ ~r¥^ 


(37) 


This is a very important equation which is used for calculating heats 
of reaction from chemical equilibria, and for calculating equilibrium 
constants at different temperatures. The Clausius-Clapeyron equation, 
discussed on page 177 is a special case of this more general equation. In 
fact, the equilibrium constant Kp can be extended to include any type 
of equilibrium such as reactions of gases or solutes, vaporization of 
liquids, and sublimation or solubility of solids. 

For equilibria in solutions (at constant pressure) equation 37 is 
written 

d In Kc AH 
dT ^ ^ 

* Since the pressures are constant for partial differentiation holding p con¬ 
stant has been replaced by ordinary differentiation. 
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For gaseous equilibria, where Kp = KciRT)^"" it can be proved that 


d In Kc AE 
dT " ^ 


(39) 


If the temperature range is small, or if the heat capacities of reactants 
and products are nearly the same, AH can be assumed to be constant, 
and integration of equation 37 gives 


In Kp 


AH 1 

~~Rlr 


+ c 


(40) 


Data are given in Table V for the equilibrium constant at different 
temperatures for the reaction N 2 + O 2 ^ 2NO. Given also are the 


TABLE V 


EguiLiBRiTTM Constants for the Reaction N2 + 02^ 2N0 and Equilibrium 
Pressures of Nitric Oxide 


Tompi'ra- 
tur(', "K 

Kp X lO-i 

Partial Pressures of NO in Atmospheres 

Pnj = 0.8 

P02 = 0.2 

Pnj = 0.8 

PC>2 = 0.1 

Pn2 = 0.8 

P02 = 0.05 

1800 

1.21 

0.44 X 10-2 

0.31 X 10-2 

0.22 X 10-2 

1900 

2.31 

0.01 

0.43 

0.31 

2000 

4.08 

0.81 

0.57 

0.40 

2100 

0.80 

1.05 

0.74 

0.53 

2200 

11.00 

1.33 

0.94 

0.07 

2300 

lO.^K) 

1.04 

1.10 

0.82 

2400 

25.10 

2.00 

1.42 

1.00 

2500 

30.00 

2.40 

1.70 

1.20 

2000 

50.30 

2.84 

2.01 

! 1.42 

2700 

08.70 

3.32 

2.34 

1.00 


partial pressures of nitric oxide in ec|uilibrium with air and with mixtures 
of nitrogen and varying amounts of oxygen. The ecjuilibrium pressures 
of nitric oxide are proportional to the square roots of the pressures of 
oxygen when the pressure of nitrogen is kept constant. 

In Fig. 70 the values of log Kp are plotted against l/T, and it is evi¬ 
dent that a straight line is produced. Such a result is to be expected 
from equation 40, and, in fact, the heat of dissociation AH can be cal¬ 
culated from the slope of the line, as follows: 

AH = —slope X 2.303-R 


(41) 
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For this reaction AH is 43,520, since the slope is —9,510 and R is 



i/T xlO* 

Fig. 70. Log Kp plotted against l/T X 10"^ for the formation of nitric oxide. The 
heat of reaction is calculated from the slope of the straight line. 


The value of the integration constant C in equation 40 can be deter¬ 
mined from experimental values of Kp at definite temperatures, and 
the practical working equation becomes 


log Kp = 


-43,520 
2.303 X 1.987r 


+ 1.365 


Equation 37 can be solved also by integrating between limits Kj^ at T 2 
and iSLpj at the lower temperature Ti, as was done on page 178. 

-A//V 1 

AH° / n-T, \ 

2.303J?\T2 X T,/ 


(42) 
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Example 2^. Calculate the heat of dissociation of nitric oxide from the data 
at 2000° K and 2500° K given in Table V. 

0.00360 AH /2500 - 2000 \ 

0.00Q408 2.303 X 1.987 \2500 X 2000 / 

and 

AH = 43,300 

Example 25, The equilibrium constant Kp for the reaction, 

C0 + H20;=^^C02 + H2 

is 10.0 at 690° K. The heat of the reaction AH is —10,200 cal. Calculate the 
partial pressure of each of the gases in an equilibrium mixture prepared by mixing 
0.400 mole of CO and 0.200 mole of H 2 O in a volume of 5 liters at 500° K. 


log 


-^690“ K 


-10,200(690 - 500) 


= -1.2275 


’ K 5000 K 2.303 X 1.987 X 500 X 690 
log i^soooK = log 10.0 -f 1.2275 = 2.2275 K^oo^ k =* 169 
Let X = number of moles of CO 2 and H 2 produced. 

RT\ / RT\ 


Kj, = 169 - 


X = 0.199 




[(0,4-,):^][(0.2-,):^] " *K«-2 ' 


nRT 0.199 X 0.08205 X 500.0 
VCO 2 - Ph 2 - ~~~ =--= 1-63 atm 


Pco 


V 5 

(0.4 - 0.199) X 0.08205 X 500.0 


= 1.65 atm 


(0.2 - 0.199) X 0.08205 X 500.0 ^ , 

PuiO ~- z -= 0.01 atm 


If the heat of reaction at constant pressure is zero, the right-hand 
sides of equation 37 or 38 becomes equal to zero. In other words, in 
such a reaction a change in temperature does not cause a displacement 
of the equilibrium. 

The reaction of acetic acid and ethanol is an example of a reaction 
in which very little heat is evolved. Accordingly, the equilibrium con¬ 
stant should have practically the same value at all temperatures. 
Experimental measurements show that this is indeed the case. 

iifiuence of Temperature on Free-Energy Changes. We have just 
seen how to calculate equilibrium constants at a specified temperature 
if we know the equilibrium constants at two different temperatures or 
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if we know the equilibrium constant at one temperature and in addition 
know the heat of reaction. Another approach to the same problem is 
through the calculation of the free-energy change for the reaction at a 
specified temperature. Knowing A/^, we can then calculate K from 
the important relation = —RTlnK, 

In the present section we will show how to calculate the change with 
temperature of AF^ from a knowledge of the heat of reaction and the 
heat capacities of products and reactants. Often the free energies of 
formation AF/^ and the heats of formations A/// and the heat capacities 
are known at 25°, and it is desired to calculate AF^ at high tempera¬ 
tures. In order to obtain a formula for calculating free-energy changes 
at different temperatures, we first differentiate AF/T with respect to 
temperature at ccaistant pressure, thus: 



But, according to the Gibbs-Helmholtz equation derived on page 161, 
at constant pressure, 

a(AF) AF AH 

-—^ =- (44) 

dT T T 


Substituting into equation 43, we have 


\T/ _ \T T / 
dT ~ 


- AF 


AH 

rp2 


(45) 


But AH depends on the temperature and on the difference between 
the heat capacity of the products and the reactants (page 137), as 
shown in the equation, 

AH = AHo+JACp dT (46) 


where AHq is an integration constant, a hypothetical heat of reaction 
at absolute zero, if it is assumed that the heat capacity relations, de¬ 
termined at ordinary temperatures, hold down to absolute zero. The 
heat capacity of a substance can usually be expressed by an empirical 
equation of the type, 


To + TiT+T2T^+^-- 


( 47 ) 
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where the Fs represent empirical constants. Since the difference be¬ 
tween the heat capacity of the reactants and the products is ACp, 

ACp = 

(products) ^p (reactants) = AFo + AFiT + AFa^^ + • • • (48) 

On substituting into equation 46 and integrating, we get 

MI = A//o + J*ACp dT = AHo + AFqT + ^ATiT^ 

+ IaT2T^+--- (49) 

and, again, Hiibstituting e(]nation 49 into etiiiation 45, 



On integrating, we have 
AF AHo 

Y = ^- In T - ^AFiT - -jAFaT^ ...+ j (51) 

and 

AF = AHo - ^ToT In T - •••+IT (52) 

The integration constant AHo be evaluated by the experimental 
determination of AH at some temperature; and the integration con¬ 
stant I may be evaluated by the experimental determination of AF at 
a definite temperature. 


Example 26. Calculate the free energy of formation of hydrochloric acid at 
1327° or 1600° K from the free energy and heat of reaction at 25°. 

+ §Cl2 = HCl, AF§,8 k = -22,692, A// 298K = -22,063 

By equation 46, 

AHo = AH - r ACp dT 
•'o 

According to the empirical equations for the heat capacities of gases (page 135) 
ACp = CpMci - (|C^.H2 + 2C';,.ci2) = 6.70 + 0.00084T 

_ (6.62 + o.ooo8ir ^ 8.28 + o.oooser^ _ „ ^ 

AHo = -22,063 -|- 0.75 X 298 - | X 0.000155 X 298» = -22,063 
-t- 224 - 7 = -21,846 
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Substituting in equation 52 yields 


-22,692 = -21,846 + 0.75 X 298 X 2.303 X 2.474 - ^ X 0.000155 
X 298^ + 298/ 

, -22,692 + 21,846 - 1273 + 7 _ , 

^ = 298 ~ 

and 

AF^ = -21,84G + 0.75rin T - 7.75 X - 7M7T 

This general equation may now be used to calculate the free energy of forma¬ 
tion of hydrochloric acid at any temperature for which the heat capacity equa¬ 
tions are valid. 

AF?6 ook == -21,846 + 0.75 X 1600 X 2.303 X 3.204 - 7.75 X 10“^ 

X 16002 - 7.087 X 1600 = -24,528 

Hydrochloric acid is less stable at the higher temperature. This difference in 
stability is easily seen by comparing the equilibrium constants. 

At 25°, AF^ = -22,692 and K = 4.3 X 10^®, whereas at 1327°, AF^ = 
-24,528 and K ^ 2.2 X lO^. 

CalciUations of EquiUbrium Constants from Enthalpy and Entropy. 

The relation between the entropy change and free-energy change in an 
isothermal reaction was given in equation 20 of Chapter VIII: 

AF = AH - T AS (53) 

It is evident that, when there is no change in entropy during a reaction, 
the change in enthalpy is equal to the change in free energy. Usually, 
however, there is an entropy change during the reaction, and the de¬ 
crease in free energy is greater or less than the decrease in enthalpy, 
depending on the sign of A^S. 

Since entropies and heats of reaction can be determined from calori¬ 
metric measurements alone, it is now possible to calculate free-energy 
changes and equilibrium constants without involving any chemical 
measurements. This determination of chemical affinities from thermal 
data is a goal which was eagerly sought by many early investigators. 

The calculation of chemical equilibria from entropy data using equa¬ 
tion 53 and equation 10 of Chapter VIII is particularly valuable in 
organic chemistry because frequently no other method is available. 
Often the reaction rates are so very slow that direct measurements of 
equilibrium are impossible. Methane may be taken as an example. 
Methane appears to be a stable substance at room temperature, and 
carbon and hydrogen appear to be unreactive toward each other. It is 
not possible then to measure the equilibrium among the three at low 
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temperatures, but it may be determined indirectly from the entropies 
and the heat of reaction. 

Example 27, Calculate from thermal data alone the equilibrium constant of 
the following reaction at 600°: 

graphite + 2 H 2 {g) = CH 4 (g) AH,n = -21,045 

The entropies of Cgrapwte) H2, and CH4 are 4.8, 38.9, and 56.6, respectively, at 
873° K and 1 atm. 

= ;Sproduct8 - = 56.6 - (38.9 X 2 + 4.8) = ~26.0 

AF^ == AH - T AS = -21,045 - [873 X (-26)] = 1653 

Since 

= -RT In K 
K = 0.386 

This method of calculating equilibrium constants from entropy data 
has come into extensive industrial use, particularly in determining 
whether or not a given synthesis is thermodynamically possible. 

The limiting factor in many calculations of this type is the low accu¬ 
racy with which the heats of reactions are known. These values are 
usually obtained from differences between large quantities, and a small 
error in one of these values makes a large error in the value of AF. In 
the calculation of the methanol equilibrium, for example, an error of 
0.1 per cent in one of the values for the heat of combustion makes an 
error of 35 per cent in the equilibrium constant. For a time the validity 
of the third law itself was questioned because of the large discrepancy 
between the calculated and observed equilibrium in the methanol syn¬ 
thesis. This discrepancy was finally traced to a considerable error in 
the heat of combustion of methanol. As a rule, a greater error can be 
tolerated in the entropy measurements than in the measurements which 
determine the values of the enthalpy. 

Many new measurements of entropies and free energies are being 
recorded in the current literature, and tables of reliable data will ulti¬ 
mately make possible the calculation of most equilibrium constants. 
Parks and Huffman * gave an excellent collection of the data for organic 
compounds available up to 1932, together with theoretical discussions 
and examples of the use of these data. A very helpful collection of 
data and techniques for calculating thermodynamic data has been 
written by Wenner.f Semiempirical and theoretical methods are 

* Parks and Huffman, ^Tree Energies of Some Organic Compounds,The Chem¬ 
ical Catalog Co., New York, 1932. 

t Wenner, “Thermochemical Calculations,” McGraw-Hill Book Co., New York, 
1941. 
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given for estimating specific heat and other important constants from 
meager data. 

When data are not available for certain compounds it is still possible 
to estimate free energies and entropies, using empirical rules based on 
the molecular structures. For example, when CH 3 is substituted for 
a hydrogen atom, attached to a chain, the molar free energy of forma¬ 
tion at 25°, A/^ 98 k is increased by about 1900 cal; when C 2 H 5 is sub¬ 
stituted, it is increased by 3000 cal. In a similar way the substitution 
of a hydrogen atom by an OH group to form a primary alcohol gives a 
change in of “-34,000; Cl for II gives a change of —1600; NII 2 

for H gives a change of ()(X)0; and NO 2 for II gives a change of 7000. 
For example, if A/^osk of C 2 H 6 is known to be —10,700, AF^^sk of 
C 2 H 5 OH should be about (—10,700 — 34,000), or —44,700. Experi¬ 
mental measurements give —40,200 cal. 

Useful rules for estimating enthalpies, entropies and free energies are 
given by Hougen and Watson.* Extensive tables of enthalpies, en¬ 
tropies, and free energies at different temperatures, are now becoming 
available.! Special attention has been paid to the hydrocarbons. 

Equilibria between Solids and Gases. The calculation of an equilib¬ 
rium constant is simplified if one or more of the substances taking part 
in the equilibrium is a solid or a liquid. As long as the solid or liiiuid is 
present, the partial pressure of the gas remains fixed and equal to the 
vapor pressure. Moreover, this pressure is independent of the amount 
of solid or liquid present. This constant pressure can then be incor¬ 
porated in the equilibrium constant. Pure solids and liquids and the 
vapors in equilibrium with them are usually assigned activities of unity, 
and so they can be neglected in writing the expression for the equilib¬ 
rium constant. Thus, for the reaction, 

CaC 03 (s) ^ CaO(s) + CO 2 (g) 
the equilibrium constant may be written 

, PCaO X PCO 2 

f\ p 

PCaCOs 

Since pc&o and pcaCOs are constant at any one temperature, they do 
not really affect the equilibrium, and the constant Kp is used where 

Kp = PCO 2 (54) 

* Hougen and Watson, ^‘Chemical Process Principles Part 11. Thermodynamics,’^ 
John Wiley & Sons, New York, 1947. 

t Rossini and associates, ^*Selected Values of Chemical Thermodynamic Prop¬ 
erties," National Bureau of Standards, Washington, D. C., 1947, and American 
Petroleum Institute Research Project 44. 
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The relation between Kp and Kp is 


fVC&COz 

J\^p 

Pc&o 


I'he equilibrium constant, at any one tcrnpeirature, is determined 
solely by the pressure of the carbon dioxide evolved. Table VI gives 
the values of the pressure of carbon dioxide corresponding to various 
temperatures. 

TABLE VI 


Dissociation Pressures of CaCOs 


Temperature, 

Pressure, 

atm 

500 

0.000096 

600 

0.00242 

700 

0.0292 

800 

0.220 

897 

1 .000 

1000 

3.871 

1100 

11.499 

1200 

28.680 


When solid ammonium hydrosulfide is heated, it is almost completely 
dissociated into ammonia and hydrogen sulfide, as shown by the fol¬ 
lowing equation: 

NH4HS (.) - NH3 {g) + H2S (g) 

This reaction was investigated by Isambert, who found that the total 
gas pressure at 25.1° is equal to 0.66 atm. Writing an equilibrium con¬ 
stant for this reaction and remembering that PNnmsj f he vapor pressure 
of the solid ammonium hydrosulfide, is constant, we have 


, Pnhs X PH 2 S 

Ivp 

PNH4HS 


^ Pnhs X PhjS 


where Kp is a constant at a given temperature. 

The total pressure P must be equal to the sum of the partial pressures, 
but the NH4HS is so largely dissociated that its pressure can be neg¬ 
lected. Then: 

P = Pnh, + PH2S + PNH4HS = Pnh» + PH2S 
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It must be clearly understood that Pnh 4 Hs is neglected in determining 
the total pressure because it is small, but that it disappears in the equi¬ 
librium constant K not because it is small but because it is constant. 
Hence, since pnh, = Ph^s, 


P 0.66 

~ = = PnHs = PHzS 

Kp = 0.33 X 0.33 = 0.109 

Table VII gives various values of the equilibrium constant calculated 
from experiments in which an excess of H2S or NH3 was added to the 
dissociated NH4HS vapor. 

TABLE VII 

Equilibrium Pressures of NH 4 HS (25. U) 


Pressure of 
Ammonia 

Pressure of 
Hydrogen Sulfide 

pNHa X PH 28 — Kp 

0.274 

0.387 

0.106 

0.182 

0.603 

0.110 

0.549 

0.192 

0.105 

0.596 

0.188 

0.112 



Mean 0.108 


As will be seen, the mean value of the equilibrium constant agrees 
well with the value found for equivalent amounts of the products of 
dissociation. 

The dissociation of ammonium carbamate takes place according to 
the equation: 

yONH4 

OC< 2NH3 + CO2 

This dissociation has been very carefully investigated by Briggs and 
Migrdichian.* 

If we omit the vapor pressure of the solid, PNH4OCONH2 because it is 
a constant in the presence of the solid compound: 

Kp — X PCO2 (55) 

* Briggs and Migrdichian, J. Phys. Chem.y 28, 1121 (1924). 
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The total pressure P is due to 3 moles of gas ( 2 NH 3 + CO 2 ), since 
ammonium carbamate dissociates, as soon as it vaporizes, leaving only 
a negligible concentration. Then, 

Pnh, = t-P and pcoi = iP 


and when P refers only to gases in which Pnhs ~ equation 55 

becomes 




4P3 


At a definite temperature Kp has a fairly constant value even when an 
excess of ammonia or carbon dioxide is added. 


Example 28. For the reaction C (s) -h 2 H 2 ;=^CH 4 at 1000®, Kp = 0.263. 
Calculate the total pressure at equilibrium when 0.100 mole of CH 4 is placed 
in a volume of 2 liters at 1000®. Let x — the number of moles of CH 4 which 
dissociate. 


PCH4 ” 


V112 “ 

Kp^ 


Pch4 “ 


PH2 — 


nRT _ (0.1 - a:)(0.08205)(1273) 

V ” 2 

nRT 2x(0.08205)(1273) 


= 5.22 ~ 52.2:r 


V 


= 104a; 


0 == ?^ch 4 ^ 5.22 — 52.2a; 

(104a;)2 

(0.1 - 0.035)(0.08205)(1273) 


X - 0.035 


= 3.4 


2(0.035)(0,08205)(1273) 


= 3.7 


Total pressure = 3.4 + 3.7 = 7.1 atm 


Influence of Temperature on Equilibria between Solids and Solutions. 

When a liquid or solid is surrounded by gaseous space, molecules leave 
the liquid or solid and build up a gaseous pressure which increases until 
a state of equilibrium is attained such that the rate at which molecules 
return to the surface is equal to the rate at which molecules leave it. 
These equilibrium pressures are called vapor pressures and sublimation 
pressures. In a similar manner, when a solid is surrounded by liquid, 
molecules pass out into the liquid and increase in concentration until 
an equilibrium is established at which the rate of deposition is equal 
to the rate of solution. This equilibrium concentration is known as 
the solubility. As long as solid solute is in contact with the solution, 
the concentration is fixed at the saturation concentration or solubility. 
The equilibrium constant then is the solubility expressed in molalities 
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or mole fractions; and sometimes in moles per liter. The solubility of 
a slightly soluble liquid may be treated in the same way as the solubility 
of a solid. The concentration of the solute in the surrounding solvent 
is usually very much greater than it would be in an evacuated space, 
because the solvent molecules exert an attraction for the solute mol¬ 
ecules. Then, for the equilibrium, 

solid ^solution 
~ ^sat, solution ~ ^ 


where 6' is the solubility expressed as molality //lyat. or mole fraction 
^ 28 at. • Then, according to etiuation 38, 


or 


d In N 2sat. ^^sat. 

dT RT^ 

^ In ^^sat. ^^sat. 

dT RT‘^ 


(57) 

(58) 


Equation 57 is an exact equation for ide^al solutions in which AZ/gat. 
the heat of solution of the solute in the saturated solution. It is clear 
that for nonideal solutions more complicated equations will be retjuired 
which allow for the change in activity with the concentration and with 
the temperature.* 

Equilibria of a Solute in Two Immiscible Solvents. If a solid (or 
liquid) is soluble in two different liquids wliich do not mix with 
each other and an excess of solute is added to the two liquids in contact, 
each becomes saturated and the concentrations in the two immiscible 
solutions will be different, depending on the relative solubilities. 

In unsaturated solutions there is also a definite equilibrium of solute 
between the two immiscible solvents. The solute will distribute itself 
between the two solvents until equilibrium is reacht^d, and the rate of 
passage of molecules across the surface between the two liquids is the 
same from the first solvent to the second as it is from the second solvent 
to the first. This ratio of concentrations in the two solutions is known 
as the distribution ratio or sometimes as the distribution coefficient. 
Then, 

^2 

Ko = - (59) 

Cl 

where C 2 and Ci are the concentrations in the two solvents. 

* Williamson, The Exact Calculation of Heats of Solution from Solubility Data. 
Trans, Farad. Soc., 40 , 421 (1944). 



EQUILIBRIA OF A SOLUTE IN TWO IMMISCIBLE SOLVENTS 293 


This distribution ratio Kc would be the same as the ratios of the solu¬ 
bilities i^csat. if both the solutions were ideal. However, there is usually 
interaction between solute and solvent which is not the same in the two 
solvents and which changes with the concentration. Particularly if 
the solute is highly soluble, the value of Kc in dilute solutions will depart 
considerably from the value of Xrsat.) but over comparatively small 
concentration ranges equation 59 can be applied for most practical pur¬ 
poses, as shown in Table VIII. 

TABLE VIII 

Distribution of Bromine between Water and Bromoform 


Moltis per liter in water 

Moles per liier in bromoform 

0.0075 

0.5 

0.015 

1.0 

0.022 

1.5 

0.020 

2.0 

0.036 

2.5 

jr roHBra 

66.7 

68.2 

68.7 

68.8 

68.9 


C112O 


If the solute possesses a different molecular weight in the two solvents, 
a complication is introduced, and K as given in equation 59 may change 
considerably as the concentration is changed. One example is the dis¬ 
tribution of electrolytes between water and an insoluble organic hquid 
such as benzene. Hydrochloric acid dissolves in water to give H”^ and 
Cl“ ions, but in benzene it is not dissociated. In other cases, as, for 
example, benzoic acid, the molecules associate in nonpolar solvents like 
benzene to give double molecules as determined by boiling-point or 
freezing-point measurements (page 233), but they do not associate in 
polar solvents like water or ether. 

If a substance is associated into a double molecule in one solvent but 
has a normal molecular weight (equal to the sum of the atomic weights) 
in the other, the equilibrium may be written A 2 ^ 2Aj and the equi¬ 
librium constant is given by the formula: 

Kc = — ( 60 ) 

^A2 

In the more general case where the molecule associates into n mole¬ 
cules An ^ nA, and 

Kc = — ( 61 ) 

The properties of mixed solutes are additive in dilute solutions, each 
solute behaving as if the other were not present. In some cases and 
particularly in concentrated solutions, however, the presence of other 
solutes may profoundly affect the distribution ratio either by forming 
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some complex compound between the solutes or by combining with the 
solvent molecules and thus changing the character of the solvent. A 
common example of the latter procedure is the '‘salting out^’ in solvent 
extraction. Certain organic material for example can be removed from 
water by repeated extractions with ether, but the extraction can be 
improved by saturating the water with sodium chloride or other salt 
which does not dissolve in the ether. A similar case was discussed on 
page 204. 

Extraction with immiscible solvents is an important operation which 
finds many practical applications in organic chemistry, in biochemistry 
and in inorganic chemistry. Organic compounds are frequently more 
soluble in organic solvents than in water and can be removed from 
water by shaking with hydrocarbons or other immiscible organic liquids. 
Proteins and other compounds in plant and animal products can be 
separated by suitable choice of solvent and electrolyte concentration. 
Several inorganic salts, like ferric chloride, are soluble in organic sol¬ 
vents. A separation can then be effected from salts of metals such as 
potassium which are not soluble. Choice of solvent, addition of "salt¬ 
ing out’^ solutes, change of valence, and use of "complexing^’ agents are 
some of the variables which can be used to increase the efficiency of the 
separations. 

The greater the surface area exposed between the two liquids, the 
more rapidly will equilibrium be achieved. The equilibrium will not 
be affected, but the time taken to effect a separation can be greatly 
reduced. Accordingly, it is common practice to shake the two solutions 
together. The most effective separation involves flowing two different 
immiscible solvents of different densities in opposite directions through 
tall towers filled with special packing to give a large surface like the 
fractionation towers used for separating liquids by vaporization and 
condensation. These packed towers are equivalent to a large number of 
batch extractions, and, like any continuous process, they are preferred 
for industrial or large-scale operations. The number of theoretical 
plates equivalent to the number of batch operations replaced can be 
calculated for a solvent extraction tower in much the same manner that 
the number of theoretical plates is calculated for a fractionating column. 
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PROBLEMS 

1 . Sulfur trioxide dissociates according to the reaction: 

2SO3 -> 2SO2 -f O2 

At 630® the density of the partially dissociated gases is 0.000927 g per milliliter at 
one atmosphere. Calculate (a) the degree of dissociation of SO 3 into SO 2 and O 2 , 
( 6 ) the equilibrium constant of the reaction, Kp. Ans. (a) 0.329. ( 6 ) 0.0357. 

2 . For the gaseous reaction COCI 2 CO -f CI 2 at 100 °, the dissociation con¬ 

stant Kp is 6.7 X 10 ”®. Calculate the partial pressure of carbon monoxide in equi¬ 
librium with phosgene at this temperature under a total pressure of 2 atm. The 
dissociation is so slight that the partial pressure of phosgene may be taken as equal 
to the total pressure. Ans. 1.16 X 10“'* atm. 

3. For the reaction 2HI II 2 -f I 2 at 698.6° K, Xp = 1.83 X 10 ”^. (a) How 
many grams of hydrogen iodide will be formed when 10 g iodine and 0.1 g of hydrogen 
are heated to this temperature in a 2 -liter vessel? (b) What wiU be the partial pres¬ 
sures of II 2 , I 2 , and HI? Ans. (a) 8.70. (b) H 2 , 0.448; I 2 , 0.155; HI, 1.95 atm. 

4. When 0.00645 mole of amylene and 0.001 mole of acetic acid are mixed in 
845 ml of an inert solvent, 0.000784 mole of ester is formed according to the reaction: 

CII3COOII + CbHio CHsCOOCsHii 

How much ester will be formed when one mixes 0.00584 mole of amylene and 
0.001 mole of acetic acid in 575 ml? Ans. 0.000826. 

5. From the table of free energies of formation state whether the reaction, 

CO (g) + PbO (s) = CO 2 (g) + Pb (s) 

can proceed at 25°, and calculate the equilibrium constant. 

Ans. Yes. K - 1.0 X 10*1 

6 . Determine (a) and (b) the equilibrium constant at 298° K for the reaction, 

CO 2 + Hz «= H 2 O -h CO 

from the following data: 


CO2 (g) + 4 H 2 (g) = CH4 (g) + 2 H 2 O (g) 
2H2(g)+0,(g) == 2 H 2 O ((/) 


AF®298K “ —26,912 

AF 298 K — —109,014 
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2C (s) + O 2 ig) = 2CO (fir) AF^sk = -65,020 

C (s) + 2 H 2 (g) — CH 4 (g) AF 298 K =* 12,206 

.4ns. (a) 7,291." (h) 4.5 X 10~® 

7. For the reaction, A B AB, AF® = —2000 cal at 27°. Under what total 

pressure must an equimolecular gaseous mixture be placed in order to produce a 
40 per cent conversion into AB? Ans. 0.062 atm. 

8 . Because of dissociation, the molecular weight of N 2 O 4 is not 92.02 but some¬ 
where between 92.02 and 02.02/2, depending on the temperature and pressures. 
The reaction is N 2 O 4 2 NO 2 . The average molecular wenghts Mavg under one 
atmosphere total pressure and at different temj)eratures arc as follows: 

r 15° 35° 55° 

iUavg 82.00 72.45 61.24 

Calculate the degree of dissociation and the equilibrium constant K at each of 
these temperatures. 

(a) Plot log A" against 1/7', and determine All for the dissociation of N2O4. 

(b) Calculate the equilibrium constant at 25°. 

(r) Calculate the degree of dissociation a at 25° when the total pressure is 1 atm. 

Am. (a) 14,600. (5) 0.141. (r) 0.185. 

9. AH for the gaseous reaction C 2 H 2 -f D 2 O C 2 D 2 -f 1120 is 530 cal. At 25° 
Kp is 0.82. How much C 2 D 2 is formed if 1 mole of C 2 H 2 and 2 moles of D 2 O are 
put together at a total pressure of 1 atm and at 100°? Assume that the reactants 
and products have equal heat capacities and behave as perfe(‘t gases. Ans. 0.66. 

10. In a study of the formation of methane from hydrogen and graphite Storch 
used the following data: 

For hydrogen (H2) Cp - 6.85 -f- 0.00028T -t- 0 . 00000022 r^ 

^ 8298 k — 31.23 

For graphite (C) Cp = 1.22 + 0.00489T - 0.000001117’‘‘ 

> 8298 K — 1.3 

For methane (CH4) Cp - 4.38 0.014177' 

> 8298 k ~ 43.39 

(a) Calculate the entropies of each of these substances at 873° K at constant pres¬ 
sure. 

(5) Calculate AA®s 73 k for the reaction 

CgraplUte + 2lh{g) CK,{g) 

Ans. (a) Hydrogen, = 38.82; graphite, = 5.04; 

methane, /SgyaK = 56.25. 

( 6 ) —26.4 cal per degree. 

11. (a) From the data of the preceding problem calculate ACp for the reaction: 

Cgraphite + 2 H 2 (g) —+ CH 4 (g) 

(b) Find an equation expressing A//® as a function of temperature, A//® 298 k 
for this reaction is —18,062 cal. What is the value of A//o®? 

(c) Calculate A//® for the reaction at 873° K. 

Ans. (a) ACp = -10.54-f 0.008727'+ 0.00000067^2. 

( 6 ) A//® = Aifo® - 10.54T' + 0.00436T2 -f- 0.000000227'®. 

AH(P = -15,313. 

(c) AH%7Zk = -21,045. 
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12. (a) Using the equation for 4 //® and the value of A//o^ from the preceding 
problem, give an equation expressing as a function of temperature. A/^‘^298K 
= —11,994 cal. What is the value of 7? 

(h) Calculate A 7 ’®s 73 k* 

(c) Calculate Kp for the reaction C(graphite) "b 2 H 2 (gr) = CII 4 (^ 7 ) at 873° K from 
the free-energy value of ( 6 ). 

Ana. (a) A/^ == -15,313 + 10.54Tln T - 0.00436P2 - O.OOOOOOllP^ 4 . 

I = -47.6. 

{h) = 2100. 

(c) A^at 873°K = 0.30. 

13. Using the values of A //%73 and AF^sjs obtained from Problems 11 and 12, 
respectively, calculate AA^^ysK for the formation of methane from hydrogen and 
graphite. Compare the result with Problem 105. Ans. —26.4 cal per degree. 

14. From the following data show that there is a decrease of entropy in the sulfur 
system when monoclinic sulfur changes spontaneously into rhombic sulfur at 25°, 
but that there is an increase in tli(i entropy of the surroundings which more than 
offsets this decr(*ase. Thus th<; total entropy (of the univ(^rse) is increased, as requireni 
for a spontaneous reaction. Also calculate the free-emergy change for the sulfur 
system, and discuss the sign. From low-temptirature h(*at-capacity measurements 
the entropy of monoclinic sulfur at 25° is 7.78 cal deg“^ mole""^, and that of rhombic 
sulfur is 7.62 cal deg“^ mole'h For the reaction Smonociinic Srhombio at 25° AH 
= —71 cal. 

Ans. AxSyyifjjj. ~ brhoniblc bujonoclinlo “ 7.62 7.78 

= —0.16 cal degree" ^ mole"^ 

A/ffiiiifur — —71 cal = heat evolvinl by sulfur = heat absorbe^d by surroundings 

heat absorbed by surroundings 71 

AogiuToundinKa ^ ^ ^ 0.24 cal/mole 

A*St,otal “ Aguifm- 4" *SaQrroundiiig 8 ^ 0.16 “h 0.24 

> 0.08 cal deg~^ mole“^ > 0 
AFauifijr = A// - T AS = -71 - 298 (-0.16) 

- -71 + 48 = -23 cal/mole 

For the reaction Smonociinic ^rnombic the total entropy increases, and the niaction 
is thus spontaneous. Likewise, the free energy decreases, and, accordingly, the 
reaction is spontaneous. 

15. Mercuric oxide dissociates according to the reaction, 2HgO == 2 TIg (g) + O 2 . 
At 420° the dissociation pressure is 387 mm, and at 450° it is 810 mm. Calculatt? 
(a) the dissociation constants, and (5) the heat of dissociation per mole. 

Ans. (a) 0.0196; 0.1794 atm. ( 6 ) 36,750 cal per mole. 

16. At 1273° K and at a total pressure of 30 atm the equilibrium in the reaction 
CO 2 + C (s) 2 CO is such that 17 molar per cent of the gas is CO 2 . (a) What 
percentage would be CO 2 if the total pressure were 20 atm? (b) What would be 
the effect on the equilibrium of adding N 2 until the partial pressure of N 2 is 10 atm? 
(c) At what pressure will 25 per cent of the gas be CO 2 ? 

Ans, (a) 12.5%, ( 6 ) No effect, (c) 54 atm. 
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17. Write the expression for the equilibrium constant Kp for the formation of 
nitric oxide, N 2 -4- O 2 =* 2 NO. 

(а) Show that a maximum yield of nitric oxide is obtained when the nitrogen and 
oxygen have the same partial pressures. 

(5) What will be the effect on Kp of compressing the equilibrium mixture so that 
the total pressure is increased from 1 atm to 10 atm? 

(c) What will be the effect on the partial pressure of nitric oxide of compressing 
the equilibrium mixture so that the total pressure is increased from 1 atm to 10 atm? 

18. (a) At what total pressure will PCI 5 be dissociated at 250° to the extent of 
20 p<ir cent into PCI 3 and CI 2 ? Kp =* 1.78. 

( б ) What is the weight of a liter of the partially dissociated gas at this temperature 
and pressurci? 

19. The following equation has been found to apply to the reaction N 2 O 4 2 NO 2 : 


log Kp 


14,600 

4.576T 


4- 9.850 


(а) Calculate the value of Kp at 50°. 

( б ) Calculate the degree of dissociation at this temperature when the total pres¬ 
sure is 0.5 atm. 

20. Show that for a reaction of the type, 

AB = A -h B 

at any temperature, the total pressure at whi(;h AB is 50 per cent dissociated will be 
numerically equal to three times the equilibrium constant Kp. 

21 . Adkins and Adams studied the equilibria involved in the formation of accials 
by titrating the mixture and determining the aldehyde concentration. At 25°, 1 
mole of ethanol was mixed with 0.091 mole of acetaldehyde in a volume of 63.0 ml, 
and it was found that, when equilibrium was reached, 90.72 per cent of the acetald(‘- 
hyde had reacted. The reaction is 

2 C 2 H 5 OH 4 - CII 3 CHO - CH 3 CH( 0 C 2 H 5)2 4- H 2 O 


(a) Calculate the equilibrium constant, assuming an ideal solution. 

(b) If the mixture is diluted to 300 ml with an inert solvent, what per cent of 
acetaldehyde will have reacted? 

22. What is the free-energy change when 1 mole of N 2 O 4 at 25° and 2 atm is 
converted into 2 moles of NO 2 at 0.2 atm? For the reaction N 2 O 4 ^ 2 NO 2 at 25° 
Kp - 0.141. 

23. For the gaseous reaction at 200°, 

A 4" 2B AB 2 

AF® = 1000 cal. When 2 moles of B is mixed with 1 mole of A, what total pressure 
must be applied in order to produce a 60 per cent conversion of A into AB 2 ? 

24. Calculate the activity of (a) acetone, and (b) ether in a solution in which 
ether has a mole fraction of 0.504. 

(c) Calculate the free-energy change involved when one mole of ether is evaporated 
from a very large quantity of solution in which the mole fraction of ether is 0.504 
and condensed in a very large quantity of solution in which the mole fraction of 
ether is 0.066. 
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25. The average molecular weights Mg^yg of NO 2 and N 2 O 4 at 1 atm total pres¬ 
sure are given in the following table at three temperatures. The reaction is 
N 2 O 4 - 2 NO 2 

r 25° 45° 65° 

iV/avg 77.64 66.80 56.51 

Calculate the degree of dissociation and the equilibrium constant at each of these 
temperatures. 

(а) Plot log K against l/T, and determine A// for the dissociation of N 2 O 4 . 

( б ) Calculate the equilibrium constant at 35°. 

(c) Calculate the degree of dissociation a for N 2 O 4 at 35° when the total pressure 
is 0.5 atm. 

26. The following data apply to the reaction: 

Br 2 {g) -> 2Br (^ 7 ) 

r 1123 1173 1223 1273 °K 

Kp 0.000403 0.00140 0.00328 0.0071 

Determine by graphical means the heat change involved when 1 mole of Br 2 dis¬ 
sociates completely at 1200° K. 

27. In the formation of 1 mole of Agl (s) from solid silver and solid iodine 14,815 
cal are evolved at 25°. From specific heat measurements at low temperatures the 
molal entropy of Agl (s) at 25° has been found to be 27.6 cal per degree, whereas the 
atomic entropy of silver at 25° is 10.2 and that of iodine is 13.3 cal per degree. Calcu¬ 
late the standard molal free energy of Agl (s) at 25°. 

28. The following data for isobutene may be found in the literature. Using any 
that are necessary together with data of previous chapters calculate the free energy 
of formation of gaseous isobutene at 25° (Todd and Parks, J. Am. Chem. Soc., 58 , 
134 [1936]). 

= 10.81 entropy units 
F.P. - -140.7° 

Heat of fusion = 25.22 cal per gram 
B.P. = -7.1° 

Heat of vaporization = 96.5 cal per gram 
AH of formation (25°) = —4060 cal 

Specific Heat 

T 93.3 105.5 118.9 139.2 166.1 179.8 210.2 253.1° 

C 0.2498 0.2749 0.3056 0.4547 0.4621 0.4681 0.4860 0.5173 

29. The equilibrium pressure of solid NH 4 HS is 500 mm at 25°. Assuming that 
the vapor is completely decomposed into NH 3 and H 2 S, calculate the maximum 
pressure of H 2 S which can be added to a system containing NH 3 at 50 mm without 
precipitating NH 4 HS. 

30. Picric acid distributes itself between the two immiscible solvents, benzene 
and water, at different concentrations as follows: 


Cone, in Water Phase 
0.00208 mole/liter 
0.00327 
0.00701 
0.0101 


Cone, in Benzene Phase 
0.000932 mole/liter 
0.00225 
0.0101 
0.0199 
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Picric acid exists as nondissociat(*d and nonassociated C 6 H 2 (N 02 ) 30 H in benzene. 
What conclusions can you draw regarding dissociation or association in the water 
phase? 

31. The heat of solution of actitic acid in watt'r is —4180 cal and in chloroform 
—8778 cal. At 20° the distribution coefficient K = Cw/ccuch 14.05. What is 
the distribution coefficient at 30°? 


32. For the formation of nitric oxide N 2 O 2 = 2NO Kp at 2126.9° is 0.00251. 

(а) In an eciuilibrium mixture containing 0.5 atm of nitrogen and 0.5 atm of 
oxygen, what is the partial pressure of nitric oxide? 

(б) In an equilibrium mixture of N 2 , O 2 , NO, and othc.T inert gas(‘s at 2126.9° 
and 1 atm total prf^ssuni, 80 jxa* ccait by volume of the gas is nitrogem, and 15 per 
C(int is oxygen. What is th(‘ per cent by volume of nitric oxide? 

33. When sulfur dioxide is oxidized to sulfur t.rioxidc' in the presence? of a catalyst 
at 727° the following relation holds; 



(а) What is the ratio of SO3 to SO2 when the partial pressure of oxygem at (*qui-* 
librium is 0.3 atm? 

(б) What is the ratio of SO3 to SO 2 when the partial i)ressure of oxygen is 0.6 atm 
at equilibrium? 

(c) What is the effect on the ratio SO 3 /SO 2 when an equilibrium mixture contain¬ 
ing 0.3 atm of oxygen is compressed so that the total jm'ssure is doubled? 

{d) What is the effect on the? ratio SO 3 / 8 O 2 if the total pn'ssure of the mixture^ of 
gases is increased by forcing in nitrog(?ii und(?r pressui*e? 

34. Calculate the total pressure which must lx* ap[)lied t o a mixture of three parts 
of hydrogen and one part of nitrogen to give a mixture containing 10 per cent amnu)- 
nia at 400°. At 400°, Kp = 1.64 X 10”'^ for the reaction, N 2 + 3 II 2 --- 2 NH 3 . 

35. For the reaction, N 2 O 4 ^ 2 NO 2 , Kp at 25° is 0.141. What prcissure would be 
expected if 1 g of liquid N 2 O 4 is allowed to evaporate into a liter vessel at this tem¬ 
perature? Assume that N 2 O 4 and NO 2 are perf(?ct gases. 

36. The free energy of the reaction, 

CO {g) + CI 2 {g) = COCI 2 ((/) 
can be represented by the equation: 

Apo = --24,100 + 4T In T -f 3.5T 

Calculate the partial prcvssure of chlorine in equilibrium with phosgene at 200° 
and a total pressure of 1 atm, assuming that the gases arc perfect gases. 

37. Iodine and potassium iodide are known to combine to a certain extent in 
aqueous solution in the formation mainly of triodide. Duplicate determinations at 
25° gave the following data: The concentration of KI used was 0.10000 W in the 
first case and 0.05019 N in the second. The sum of the concentrations of free iodine 
(I 2 ) plus the I 2 equivalent of potassium triodide was 0.008246 and 0.012687 mole per 
liter, respectively. The concentration of free iodine I 2 = 0.00012413, 0.000452 
mole per liter, respectively. Calculate the equilibrium constant of the reaction 
KI +12 KI 3 . 
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38. The reaction, 

2NOC1 - 2NO + CI 2 

comes to equilibrium at 1 atm total pressure and 227° when the partial pressure of 
the nitrosyl chloride NOCl is 0.64 atm at 25°. Calculate for this reaction, and 
state exactly to what process this AF^ applies. 

39. The reaction A (g) ^ B (g) is at equilibrium when A has a partial pressure of 
10 atm and B has a partial pressure of 1 atm at 25°. Calculate (a) K, (b) A/^^; (c) 
calculate AF for the reaction: 

A (2 atm) = B (1 atm) 

Is the reaction spontaneous or not? 

(d) Calculate AF for the reaction: 

A (100 atm) == B (5 atm) 

Is the reaction spontaiu^ous or not? 

40. CaiculaU‘ the activities of the solv(^nt ether and the solute ac!etone at a 
mole fraction of acetone of 0.20 at 30°. 

41. The following rt^aedion takt‘S t>Ia(;(" in the presence of aluminum chloride: 

Cyclohexane methylc^^clopentane 
Prom the following data, calculate: (a) at 25°, (h) All at 25°: 


Temperature 

Kc 

25° 

0.143 

45 

0.193 

65 

0.272 


42. From the entropy valiKis and the heats of formation given in Chapter V, 
togfither with the value 29.1 cal degree"' mol(‘~' for the entropy of Ag20 at 25°, cal¬ 
culate AF^ and K for the rcjaction, 

2 Ag 20 (s) = 4Ag (s) + O 2 (g) 

at 25°. What is the dissociation pressure of Ag20 at 25°? 

43. Ton grams of c^aknum carbonate is placed in a container of 1 litc^r capacity and 
h(‘ated to 800°. How many grams of cakrium carbonate remain undecomposed? 
If the amount of CaCOs were 20 g, how much w'ould remain undt;composed? 

44. At 56.0° the solubility of p-hydroxyb(^nzoic acid is 3.31 g p<^r 100 g of wat(‘r; 
at 80.0° it is 13.43 g per 100 g of water. What is the solubility at 60°? 

45. The data for the solubility of urea in water are given below. Calculate the 
heat of solution of urea in H 2 O. Up to what concentration may this solution be 
considered ideal? For ideal solutions the differential heat of solution is etjuivalent to 
the heat of fusion of the substance. 

AT^rea l-OOO 0.9004 0.8190 0.7217 0.5680 0.4741 

f 132.6 123.2 115.3 104.4 84.4 68.5 

46. The distribution coefficient at 25° of lactic acid between water and chloroform 
^^CHcis/ciiaO expressed in moles per liter is 0.0203. How much lactic acid will be 
extracted from 100 ml of a 0.8 molar solution of lactic acid in (chloroform by shaking 
with 100 ml of water? 
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47. In designing a thermal diffusion tower for the separation of the isotopes of 
carbon in methane it is necessary to know how high the heating unit can be raised in 
temix^rature without decomposing the methane. Approximately what is the highest 
temperature to which methane at atmospheric pressure can be heated without decom¬ 
posing more than 1.0 per cent? Thermal data can be found in Chapter VII and in 
Problems 10, 11, and 12. 

48. Derive an equation for Kp in terms of a and P for the reaction, 2B ( 7 , 

both reactant and products b»(j 5 ag gaseous. Show that a varies invcirsely as the cube 
root of P, when P/Kp is large. 

49. For the reaction 2 NaHC 03 ^ Na 2 C 08 («) -f CO 2 (g) + H 2 O {g), Kp == 0.23 at 
100°. On a day when the barometric pressure was 740 mm, the room temperature 
27°, and the relative humidity 0.70, 20 g of solid sodium bicarbonate was placed in a 
5-liter flask and scaled with the air from the room. It was then brought up to 100 °. 

(a) What was the partial pressure of CO 2 at equilibrium in the flask (if the carbon 
dioxide of the air is neglected)? The vapor pressure of water at 27° is 26.8 mm. 

(b) What was the pressure in the flask? 

50. Estimate roughly at what temperature carbon monoxide will reduce mag¬ 
nesium oxide according to the reaction: 

CO -f- MgO = Mg + CO 2 

Magnesium boils at 1107°. According to thermodynamics, magnesium reacts chem¬ 
ically at temperatures of a few hundred degretis with oxygen, water, nitrogen, and 
carbon dioxide. Moreover, it reacts with carbon monoxide. Suggest possible ways 
in which metallic magnesium may be obtained from magnesia (MgO) and carbon. 
Suggest what difficulties may be encountered in the process. 

51. A certain optically active organic compound slowly racemized in solution, and 
eventually the solution showed no optical rotation, the d and I forms being in equal 
concentrations. When the temperature of the solution was varied over wide limits 
there was no return of optical activity. What facts can be deduced about AF^ and 
A//® for the racemization reaction? 

52. Compare the equilibrium constant in gas phase and in solution for the reaction, 

CHsCOOH + 02115011 = CH 3 COOC 2 H 6 + H 2 O 
stating what differences, if any, exist.* 

53. For the reaction Fe 203 ( 5 ) + 3CO (g) 2Fe (s) -f 3 CO 2 (g) the following val¬ 
ues of Kp are known: 

r C 100 250 1000 

Kp 1100 100 0.0721 

At 1120° for the reaction 2 CO 2 (g) ^ 2CO (g) + O 2 (g), Kp == 1.4 X 10“^^. What 
equilibrium partial pressure of O 2 would have to be supplied to a vessel at 1120 ° con¬ 
taining 1 mole of solid Fe 208 in order just to prevent the formation of Fe? 

54. What are the possibilities of producing (a) methanol, ( 6 ) ethanol, and (c) hydro¬ 
cyanic acid by the following reactions: 

(а) CO (g) -h 2 H 2 (g) - CH 3 OH (g). 

( б ) C 2 H 4 (g) + H 2 O (g) * C 2 H 5 OH (g). 

(c) N 2 (g) + C 2 H 2 ig) - 2HCN (g). 

Details of the thermodynamic calculations are given by Ewell in Ind, Eng, Chem, 
82, 147 (1940). 

* Essex, J. Am. Chem. Soc.j 64 , 1290 (1932). 
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55. At 377°, RlxiK = -16.44 for the reaction: 

CH 4 + 2 H 2 O - CO 2 + 4 H 2 

At 25° for this reaction AH^ = 39,432. Construct the equation showing the varia¬ 
tion of AF^ with temperature using specific heat data, and calculate the equilibrium 
constant at 500°. 

56. If the heat capacities of the reactants and the products are the same in a 
given reaction, AH is independent of temperature, and log K plotted against 1/T 
gives a straight line. When they are different, the heat of reaction changes with the 
temperature, and the log K vs 1/7* line is curved. Extrapolation of a straight line 
is much more accurate than extrapolation of a curved line. Develop some function 
of K which will give a straight line when plotted, so that Kp can be determined by 
the extrapolation of a straight line, beyond the range of the measurements. 



CHAPTER XIII 


PHASE DIAGRAMS 

Heterogeneous Systems. A homogeneous system is one in which all 
parts of the system have the same physical and chemical properties. A 
sample from any part of the system will be the same as any other sample. 
Only when the samples are of about molecular size, is there any dif¬ 
ference between them. A mixture of gases, a crystal of sodium chlo¬ 
ride, a solution of sugar or salt in water are examples of homogeneous 
systems. 

A heterogeneous system is a system in which the composition is not 
the same throughout and in which the physical properties vary in dif¬ 
ferent parts. Samples may not l)e the same, depending on the region 
from which they are taken. A vessel containing water and its vapor, a 
mixture of benzene and water, a saturated solution containing an excess 
of the solute, and water with floating ice and vapor and air above it are 
examples of a heterogeneous system, 

A phase is a definite part of a system which is homogeneous throughout 
and physically separated from other phases by distinct boundaries. In 
the examples cited, the mixture of gases is a single phase, th#3 benzene 
and water system consists of two separate phases, and the water, ice, 
and vapor system consists of three separate jhases. It does not matter 
whether the ice is in one large piece or in many small pieces; we are con¬ 
cerned only with the nature of the phases and the number of different 
phovses. 

The conditions under which these different phases can exist is a mat¬ 
ter of considerable practical importance, and the experimental deter¬ 
minations of these conditions are conveniently recorded in various kinds 
of diagrams. It is the purpose of this chapter to describe these different 
types of heterogeneous systems and to show how the diagrams may be 
interpreted and used. 

The chief variables which determine the state of equilibrium are tem¬ 
perature, pressure, and, in systems containing more than one inde¬ 
pendent chemical substance, the concentration of the different sub¬ 
stances in the several phases. Time is not a variable, for the considera¬ 
tions apply to systems which are in equilibrium. It must be clearly 
understood that only relative quantities are involved and not the total 

304 



SOLUBILITY 305 

quantity of material. The same type of diagram applies whether grams 
or tons of material are involved. 

Solubility. When a solution is in equilibrium at a definite tempera¬ 
ture with a solid, or gas, or a second liquid, the solution is said to be 
saturated, and the concentration of the second phase in the saturated 
solution is known as the solubility. The saturated solution may be pre¬ 
pared by agitating the solution with an excess of the finel}^ divided solute 
until there is no change in concentration on further standing. Again, 
the solution may be mixed with an excess of the solute at a given tem¬ 
perature and then changed to a temperature at which the solubility is 
lower. The excess solute is then 
thrown out, leaving a saturated 
solution. 

Solutions of one liquid in another 
are discussed on page 197, but in 
those cases saturated solutions were 
not involved because the two liq¬ 
uids were miscible in all propor¬ 
tions; that is, they were entirely 
soluble in each other. At high tem¬ 
peratures water and n-butanol 
(C 4 H 9 OH) are miscible in all pro¬ 
portions, but at lower tempera¬ 
tures there are two separate liquids in equilibrium, one being a solution 
of water saturated with n-butanol and the other a solution of n-butanol 
saturated with water. The behavior of this system is described in 
Fig. 71. 

In all regions inside the curve ABC there are two liquid layers, 
whereas outside there is but one. Temperature is plotted vertically along 
the y axis and percentage composition of the solution horizontally along 
the X axis. If one starts with a small amount of butanol and adds it in 
increasing quimtities to a large volume of water, a concentration even¬ 
tually will be reached at wliich the solution separates into two layers. 
This concentration at 0° is represented by the point A. When the tem¬ 
perature is raised, the solubility of butanol in water decreases slightly 
at first and then increases, as shown by the curve AB. In like manner, 
if one starts with pure butanol and adds increasing amounts of water 
at 0 °, separation into two layers occurs at a concentration represented 
by the point C. As the temperature is raised, the solubility of water in 
butanol increases, as shown by the curve CB. When the temperature 
is raised above 126® corresponding to the height of the point B, butanol 
and water become soluble in all proportions. 



0 10 20 30 40 50 60 70 80 90 100 

1120 Per cent n-butanol in solution C4H5, OH 

100 90 80 70 60 50 40 80 20 10 0 

Per cent water in solution 

Fig. 71. Influence of temi)erature on the 
.S(jlubility of liquids, n-butanol and water. 
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If one starts with a solution at a temperature and composition repre¬ 
sented by the point rf, the addition of increasing amounts of butanol at 
constant temperature is represented by the dotted line defg. When the 
point e is reached, the solution separates into two layers. As more bu¬ 
tanol is added, the quantity of the butanol layer saturated with water 
increases, but the compositions of the two layers remain constant. At 
/ the solution again becomes homogeneous, and the addition of more 
butanol increases the concentration of butanol in the solution, as, for 
example, at g. 

The solubilities of solids in liquids vary greatly with the nature of the 
crystal, with the solvent, and with the temperature. A saturated solu¬ 
tion is in equilibrium with a definite crystalline solid, and, although the 
concentration of the saturated solution may change gradually with tem¬ 
perature, there is no corresponding change in the composition of the 
solid, except in a few cases where there is a change in crystal structure 
or in the number of moles of water of h 3 ^dration. 

The solubilities of a few typical crystals in water at different tem¬ 
peratures are given in Fig, 72. They are expressed in grams of solute 
per 100 g of solution, that is, in per cent by weight. 

The dissolving of a solid in a liquid involves several factors. In ideal 
solutions the molecules break away from the crystal and fill the volume 
of the solvent until the solution is saturated, in the same way that mole¬ 
cules from a crystal fill an evacuated space. Ideal solutions are rare; 
usually the molecules interact with the solvent, and the mere fact that 
the concentration in solution is usually much greater than the con¬ 
centration in a previously evacuated space indicates that the solvent is 
exerting a special influence on the solute. 

The influence of temperature on the solubility depends on the dif¬ 
ferential heat of solution in the nearly saturated solution, as predicted by 
the laws of thermodynamics. Most salts absorb heat when dissolved, 
and, accordingly, they are more soluble at the higher temperatures, as 
is the case, for example, with barium hydroxide Ba(OH )2 *81120. A few 
salts are known in which the heat of solution is exothermic, and, in 
agreement with the thermodynamic formulas, the solubility then de^ 
creases as the temperature rises. When a salt exists in different hydrated 
forms, as is the case for sodium chromate Na 2 Cr 04 , the heat of solution 
will be different, and the temperature effect will be different. Thus, 
Na 2 Cr 04 *101120 has a steeper slope than Na 2 Cr 04 * 4 H 20 which, in 
turn, has a steeper slope than Na 2 Cr 04 . The higher hydrates evolve 
less heat when dissolved, because heat has previously been evolved when 
the lower hydrates were formed. 
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If the heat evolved by hydration of the dissolved solute nearly offsets 
the heat absorbed by pulling the solid crystal apart, the over-all heat of 
solution is nearly zero. Sodium chloride is an example of a solute which 
does not evolve nor absorb much heat when it dissolves in water. Ther¬ 
modynamical considerations previously discussed predict that the solu¬ 
bility of such a solute is not changed by a change in temperature. Fig- 



Fig. 72. Influence of temperature on the solubility of solids. 

lire 72 shows that the solubility of sodium chloride does, indeed, remain 
nearly constant. 

Just as an increase in temperature increases the solubility of a salt 
which absorbs heat, so an increase in pressure increases the solubility of 
a salt which dissolves with a shrinkage in volume. The influence of 
pressure on solubility of a solid or liquid is quite small. It is stated by 
vanT Hoff that the solubility of ammonium chloride, which gives an in¬ 
creased volume on solution, decreases by 1 per cent for 160 atm, whereas 
the solubility of copper sulfate, which gives a decreased volume on 
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solution, increases by 3.2 per cent for 60 atm. These data are in agree¬ 
ment with the theorem of Le Chatelier and the second law of thermo¬ 
dynamics. Extensive work on the compressibilities of solutions has been 
done by Gibson.* 

It is well recognized that the rate of solution of solute in a solvent is 
greatly accelerated by pulverizing the material so as to expose a larger 
area to the solvent. Quite apart from this effect, the actual equilib¬ 
rium solubility of very small crystals is greater than that of large crys¬ 
tals, f This increase in solubility with decreasing size is not a significant 
factor unless the crystals are extremely small. 

Supersaturated solutions are solutions which contain more than the 
eciuilibrium-saturation concentration of dissolved solute. Particularly 
in the case of highly soluble solutes, they can sometimes be prepared by 
cooling the saturated solution carefully without agitation and with 
special precautions to eliminate any trace of solid particles of the crys¬ 
talline solute. The dotted line in Fig. 72 for Na2Cr04-41120 represents 
a supercooled solution of Na2Cr04-41120. Any point directly beneath 
this dotted line corresponds to a solution w^hich is supersaturated 
with respect to Na 2 Cr 04 • IOTI 2 O but unsaturated with respect to 
Na2Cr04-41120. A crystal of the former added to this supersaturated 
solution will grow in size, but a (crystal of the latter wall dissolve. 

The explanation of supersaturation is probably to be found in the fact 
that the submicroscopic crystals which w'^ould normally be the first to 
deposit have a higher solubility, and the crystallization process cannot 
easily get started. When an ordinary crystal of the solute with a normal 
solubility is introduced, how^ever, the extra dissolved material crystal¬ 
lizes out imInediatel 3 ^ The greater solubility of the very small crystals 
may, perhaps, be attributed to the existence of some isolated atoms or 
groups of molecules which can break away from the crystal more easily. 
This view^ is strengthened by the fact that, if a mixture of large crystals 
and very small ones is allowed to stand, the small ones disappear, and the 
larger ones grow larger—a procedure which is follow^ed in the digesting of 
precipitates in quantitative analysis to render them better suited for 
filtration. 

Extremely small particles of crystals occurring, for example, as dust 
in a room, are sometimes sufficient to prevent supersaturation. Super¬ 
saturation can sometimes be relieved also by vibrations due to friction 
on glass or metal surfaces inunersed in the solution. 

Temperature-Pressure Phase Diagram for Water. In the preceding 
section the influence of temperature on solubility in a two-phase system 

* Gibson, J. Am. Chem. Soc., 67, 284 (1935). 

t May and Kolthoff, J. Phys. and CoUoid Chem., 62, 836 (1948). 
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has been described. We now turn to phase diagrams in which the in¬ 
fluence of pressure as well as of temperature is considered and start with 
the interpretation of the simple and important phase diagram for water. 
Other phase diagrams follow throughout this chapter, increasing in 
complexity. The conditions of temperature and pressure under which 
ice, liquid water, and vapor can exist in a state of equilibrium have been 



point boiling point temperature 
Temperature (not to scale) 

Fig. 73. Si^hcmatic pressure-Uunperaturo diagram of water showing thrive phases. 

determined by experiment and arc given in Fig. 73 (which is not drawn 
to scale on account of the large range of pressures). 

Three general areas are labeled in which ice, water, or vapor can exist 
alone. For example, vapor may exist anywhere in the area labeled 
‘ Vapor, and it is necessary to specify both the pressure and the tem¬ 
perature in order to define the system completely. The mere statement 
that water vapor is present at a specified pressure does not describe the 
system, because the temperature variable is not defined. 

Where two of these areas touch, there is a line, and along each line the 
two phases exist in equilibrium. 

The vapor-pressure curve of water is represented by the line OA. 
Above this line liquid water exists alone; and below it water vapor exists 
alone. Only on the line OA where both regions touch is it possible to 
have water and its vapor in equilibrium. Thus, if the pressure is 
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reduced to a point below the line OA, all the water will be vaporized; 
if, on the other hand, the pressure is raised above the line OA, all the va¬ 
por will ultimately condense to the liquid state. 

If it is stated that the system contains both liquid water and water 
vapor at 25°, it is not necessary to specify the pressure, because it has 
been found by experiment that water and its vapor can exist together 
at 25° only under a pressure of 23.7 mm. The pressure at any temper¬ 
ature may be read from the vapor-pressure curve. Likewise, if the 
pressure is stated, the temperature may be determined from the graph. 
A single variable, either temperature or pressure, is sufficient to describe 
completely the system along a line. 

The line BO is the sublimation curve of ice. Above it lies ice, and 
below it lies vapor. Only along BO can ice and vapor exist together in 
equilibrium. 

The line OC shows how the melting point changes with pressure. At 
all points on the line the pressure is greater than the vapor pressure, as 
given by the line BOA ; so it may be concluded that no vapor is present. 
This line is inclined toward the vertical axis and the melting point of ice 
is lowered by increasing the pressure—a fact which can be predicted 
from the principle of Le Chatelier, since the liquid water ocaaipies a 
smaller volume than the solid ice. Along OC there are two phases, ice 
and liquid water, and, again, it is necessary to specify only one variable, 
either temperature or pressure, to describe the system completely. 

Where the three lines, representing pairs of phases, intersect, the three 
areas touch, and all three phases exist together in equilibrium. Only 
one such point is possible with three phases, and it is called a triple point. 
It is not necessary to specify either temperature or pressure under these 
conditions, for there is only one possible temperature and one possible 
pressure which will permit all three phases to exist together in equilib¬ 
rium. If the temperature is raised at constant pressure, the ice will 
melt, and the liquid will vaporize leaving only vapor; if the temperature 
is lowered, there will be only ice; if the pressure on the vapor is raised at 
constant temperature, the vapor will condense; and, finally, if the pres¬ 
sure is lowered, the liquid and ice will evaporate. 

Ice and water, saturated with air, are in equilibrium with their vapor 
in air under atmospheric pressure at a temperature of 0°. The definition 
of the centigrade scale depends on this fact. The situation is somewhat 
complicated, because the pressure of water vapor is only 4.57 mm, 
whereas the total pressure on the ice and water is 1 aim. 

If ice and water, from which dissolved air has been removed, are al¬ 
lowed to evaporate into a previously evacuated space, the pressure on 
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the ice and water will be 4.57 mm instead of 1 atm, and the melting point 
will be slightly higher. The exact temperature of this triple point is 
0.0099°. This difference from 0°C of 0.0099° is due to two factors. The 
solubility of air at atmospheric pressure is sufficient to lower the freezing 
point by 0.0024°, and the increase of pressure from 4.57 mm to 1 atm 
lowers the freezing point 0.0075°. This lowering of 0.0075"^ due to the 
pressure change checks with that calculated by the Clapeyron equation. 
The two effects together bring the freezing point from 0.0099° down to 
0 °. 

The dotted curve OZ), which is a continuation of 0-4, represents the 
vapor pressure of supercooled water. It may be noticed that there is no 
break in the vapor-pressure curve, so long as the solid phase does not 
separate, and that the vapor pressure of supercooled water, which is an 
unstable phase, is greater than that of the stable phase, ice, at the same 
temperature. Unstable phases always have higher vapor pressures. 

The lower limit of the sublimation curve OB is theoretically deter¬ 
mined by the absolute zero; the vaporization curve OA terminates at A 
which is the critical temperature 374°, corresponding to a pressure of 
218 atm. Above this critical temperature at A the vapor and licpiid 
phases become indistinguishable. 

Investigations conducted by Bridgman with a view to determining 
the course of the fusion curve OC have revealed the existence of seven 
different crystalline modifications of ice, all of which, with the exception 
of ordinary ice, are denser than water. The first of these new forms of 
i(!e makes its appearance at a pressure of 2115 kg per square centimeter, 
and the last at a pressure of 22,400. 

Temperature-Pressure Phase Diagram for Sulfur. The energy 
wliich binds the units together in a crystal lattice of a pure material has 
such a definite value that, when the temperature is raised gradually, y 
temperature is reached at which the crystal suddenly melts. At this 
melting point, the kinetic energy just exceeds the binding energy of the 
crystal. Sometimes a given element or compound can exist in two or 
more different crystal lattices, each of which has a different binding en¬ 
ergy. As the temperature of such a crystal is raised, and the kinetic 
energy increased, the lattice which was stable at the lower temperature 
becomes unstable, and the crystal lattice rearranges into a form with a 
higher energy of binding. The transition temperature is the temperature 
at which one crystal lattice changes into another. It is a definite tem¬ 
perature, but the time required for the formation of a new lattice with 
its definite arrangement is much longer than the time required for the 
formation of a Uquid. Accordingly, the direct determination of transi- 
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tion temperatures by heating or cooling is difficult and requires extended 
measurements over a long period of time. The transition temperature 
can be determined by direct observation of changes in the crystal prop¬ 
erties, by the heat evolved in the transition, by a change in volume, or 
solubility, or, best, by X-ray analysis. 

A diagram of sulfur, which exhibits a transition temperature, is shown 
■a Fig. 74. The vertical axis is not drawn to scale because the i)ressurcs 



Fig. 74. Pressure-tempera tun; diagram of sulfur which has a transition between 
two different crystal lattices. 

cover too wide a range. It is similar to the diagram for water, each area 
representing a single phase, and each line an equilibrium between two 
phases. Whereas there were three possible phases in water, there are 
four in sulfur, because there are two solid phases, rhombic sulfur stable 
below 95.6° and monoclinic sulfur stable above 95.6°. There are more 
opportunities then for a group of three different phases, and we see 
four triple points in the sulfur diagram but only one in the water 
diagram - 
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The following phases are found at the several areas, lines, and noints: 


Areaa 

Above FDP Rhombic 

DBF Monoelinic 

ABF Liquid 

Below FOB A Vapor 

Lines 

Rhombic, vapor 
Monoclinic, vapor 
Sup(^rheat(id rhombic, vapor 
Liquid, vapor 
Supercooled liquid, vapor 
Monoclinic, liquid 
Superheated rliombic, liquid 
Rhombic, monoclinit^ 

Supercooled monoclinic, vapor 

Points 

D at 95.0” Rhombic, monoelinic, vapor 

B at 119” Monoelinic, liquid, vapor 

C at 113° Supercooled liquid, sujwTlieated rhombic, vapor 

F at 154° Rhombic, monoelinic, liquid 

The line BP shows that the melting point of monoelinic sulfur is raised 
by the application of pressure, and the liquid phase must, accordingly, 
have a larger volume than the solid. This is contrary to the case of the 
water diagram. It is knovm that solid sulfur sinks in liquid sulfur, 
whereas ice floats on water. The behavior of sulfur is typical of most 
solids. 

It is clear that an increase in the number of phases increases the infor¬ 
mation and decreases the number of possible variables which remain un¬ 
defined. The phase rule, which will be presented a little later, gives a 
quantitative relation between the number of phases and the number of 
variables. 

Concentration, Temperature, and Pressure. 'WTien two or more 
chemical individuals are involved, the concentration of these materials 
as well as temperature and pressure are variables which must be speci¬ 
fied in order to define the system completely. If there are but two sub¬ 
stances as a salt and water, concentration may be plotted along one axis 
and temperature and pressure along two other axes, giving a space model 


FI) 

I)B 

DC 

BA 

CB 

BF 

CF 

DF 

ED 
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in three dimensions. Such a model is shown in Fig. 75g for the systen\ 
copper sulfate and water. Temperature is plotted horizontally along the 
X axis, the concentration of water is plotted vertically along the Z axis, 


L 



Fig. 75. Space model showing concentration, temperature, and pressure for the 
system copper sulfate and water. 


and pressure is plotted along the Y axis at right angles to the other two. 
The concentrations of water corresponding to the various crystalline 
salt hydrates and the saturated solution are given on the concentration 
axis. Sections may be cut by planes at right angles to the three axes 
giving, respectively, a C-P diagram at constant temperature, a C-T 
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diagram at constant pressure, and a, P-T diagram at constant concen¬ 
tration. In the concentration-pressure diagram of Fig. 76b, curves are 
given at a temperature of 50®. The concentration-temperature relations 
at a constant pressure of 30 mm are shown in Fig. 76c. In the pressure- 
temperature diagram, shown in Fig. 76d, the intersections of the space 
model by horizontal planes are given for concentrations corresponding 
to each of the salt hydrates and the saturated solution. The lines in 
Fig. 75d may be regarded as projections onto the basal plane. Water 
vapor exists in the region in front of the space model. Only condensed 
phases, salt hydrates, and solution exist inside of it. 

The C-P diagram, shown in Fig. 755, illustrates the behavior of a 
solution of copper sulfate when it is placed, with an excess of dehydrating 
agent, in a desiccator at 50® provided with a manometer and allowed to 
lose water gradually until only the anhydrous salt remains. 

As water is removed from the solution the concentration of copper 
sulfate increases, and th(^ vapor pressure of the solution decreases along 
the line LM. When the solution becomes saturated, the pressure re¬ 
mains constant, as shown by the vertical line at M, while the water is 
removed from the saturated solution. The composition of the whole 
system changes as wat(;r is removed. 

The relative amounts of saturated solution and CuS04-5H20 change, 
but the composition of the two phases does not change; hence, the vapor 
pressure remains constant. Finally, when all the solution has disap¬ 
peared, the pressure drops abruptly to 47 mm at N. The presvsure over 
completely hydrated copper sulfate remains constant at 47 mm, until 
the salt has been deprived of 2 moles of water, when it drops abruptly 
to 30 mm at 0 and remains constant until 2 more moles of water have 
been lost at P. It them drops to 4.5 mm, and remains constant until 
dehydration is complete. In practice, the lines are less steep because of 
slow diffusing of the water vapor. 

The constant pressures correspond to systems in which tliere are two 
phases in addition to the vapor phase—all in equilibrium with each other. 
Unsaturated solutions of varying concentrations at the right of M in Fig. 
75b have only two phases, one liquid and one vapor. Accordingly, they 
can have different vapor pressures at the specified temperature (50®). 
However, as soon as the solid phase CuS04*5H20 crystallizes out, the 
composition of the two phases becomes fixed, and the vapor pressure 
remains constant. After all the water has been removed from the solu¬ 
tions, the CUSO4 *51120 starts to lose water and immediately forms 
CUSO4 •3H2O. These two hydrated salts then set up a new equilibrium 
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and a new fixed vapor pressure. The several equilibria are as follows 
Saturated solution ^ CUSO 4 • 5 H 2 O + H 2 O 
CuS 04 *5H20 CuS 04 -3H20 + 2 H 2 O 

CuS04-3H20 CuS 04 -H 20 + 2 H 2 O 

CuS04*H20 ^ CUSO4 + H2O 

Since the pressures of the solids CUSO 4 • 5 H 2 O and C'USO 4 • SIloO are 
constant, an equilibrium constant can be written, thus, 

— PhoO^ 

and similar equilibrium constants can be written for the other reactions. 
The vapor pressure is constant only when an equilibrium exists, and an 
equilibrium can exist only when two hydrated salts and water vapor are 
present together. 

Mixtures of two different crystalline salt hydrates are useful in estab¬ 
lishing definite partial pre^ssures of water. There are many different 
hydrated salts to choose from, so that it is possible to obtain nearly any 
desired pressure. Sometimes the partial pressures of the anhydrous salt 
and the lowest hydrate are so low that they are used for dehydrating 
agents. Zinc chloride or calcium chloride is suitable. At 25® the mix¬ 
ture of CuS 04 -H 20 and CUSO 4 has a partial pressure of 0.8 mm of 
water, and, accordingly, anhydrous copper sulfate will not take up any 
water at this temperature if the vapor pressure is less than 0.8 mm. 

Of the three possible relations, C-P, C-T, and P-T, the temperature- 
concentration diagrams are most frequently used. 

These diagrams can be studied best with the help of the phase rule now 
to be discussed. 

The Phase Rule. In 1876 Professor J. Willard Gibbs* of Yale 
University discovered a generalization known as the phase rule f which 
has been of great help in studying equilibria in heterogeneous systems. 
The phase rule, together with his many important generalizations in 
thermodynamics, has given Gibbs a position as one of the geniuses of 
science. Phase diagrams and the phase rule have been of great value in 
solving practical problems such as the preparation of alloys or salts from 
complicated mixtures and the adjustment of temperature, pressure, and 
composition to obtain a desired product. The extraction of potassium 
chloride from the Stassfurt salt deposits was one of the early examples. 

♦ Gibbs, Trans. Conn. Acad. Sci., 1876-78. 

t A brief derivation may be found in Findlay and Campbell ‘‘The Phase Rule and 
Its Applications,*' Longmans, Green & Co., New York, 1938. 
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It should be pointed out that the phase rule applies only to systems 
which are in a state of equilibrium, that it does not predict new things, 
but that it is very valuable in correlating data. It may be used to state 
what type of relations may be expected, but the exact shape of the curves 
relating different variables must be determined by experiment. 

In general, the phase rule is concerned with the number of variables 
which are involved in any system and with the number of relations be¬ 
tween these variables. The ordinarj^ variables are temperature and 
pressure and the concentration of materials in each of the phases. The 
fundamental statement of the phase rule is 

F = C ~ P + 2 (1) 

where F is the number of degrees of freedom, C is the number of the 
components, and P is the number of phases. These terms need further 
definition. 

A phase has been defined before as a homogeneous region of uniform 
physical and chemi(;al composition. In a system containing ice, liquid 
water, and water vapor in equilibrium there are three phases. It makes 
no difference how many pieces of ice are floating on the water; there is 
just one ice phase. 

The number of components C is the minimum number of chemical 
constituents which must be specified in order to describe the composition 
of each phase present. In the system CaCOa {s) CaO {s) + CO 2 {g) 
there are three chemical individuals, but the number of components is 
only two because the three constituents are connected by an equilibrium. 
The simplest choice of components is CaO and CO 2 , but CaCOa and CO 2 , 
or CaCOa and CaO, enuld be chosen; in the latter case the composition 
of the CO 2 phase could be obtained by taking the difference between the 
CaCOa and the CaO. In the system ice, water, and vapor, previously 
referred to, there is one component, II2O. At very high temperatures 
there would be some oxygen and some hydrogen in equilibrium, but at 
ordinary temperatures this dissociation is neglected. 

The number of degrees of freedom F is the number of independent 
variables, temperature, pressure, and concentration in the different 
phases, which must be specified in order to define the system completely. 
A mere change in the relative amounts of the phases present is not con¬ 
sidered as a variable. Another definition of F is the number of variables 
which may be changed independently without causing the appearance or 
disappearance of a phase. 

The greater the number of chemical substances present, the greater 
is the number of variables. On the other hand, the greater the number 
of phases, the fewer is the number of variables. The presence of several 
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phases gives added information about the system and reduces the num¬ 
ber of independent variables which must be defined, that is, the number 
of degrees of freedom. The phase rule simply gives the quantitative 
relation between the variables F = C — P + 2. The number 2 is valid 
only if there are two variables, commonly temperature and pressure, 
in addition to concentration. If there is a third variable such, for ex¬ 
ample, as a magnetic field, the phase rule becomes P = C — 7^ + 3. 
Again, if the conditions are so fixed that the pressure is not a variable, 
and there is only one variable in addition to concentration, then, 

P = C - P + 1 (2) 

Referring now to the one component system water shown in Fig. 73, 
we remember that in the areas two variables, temperature and pres¬ 
sure, had to be stated in order to define the system completely. Here 
P = 2, because C = 1 and P = 1 and P = C — P-t-2=l — 14-2 = 
2. Along any of the lines, if one variable is specified, it was shown that 
the condition of the system is completely defined. There are two phases 
along a line. Then P = C — P4-2 = l— 24-2 = l. At the point. 
0 there are three phases, and soP = C — P4“2 = 1 — 34“2 = 0 
It was shown that at this point the conditions are completely fixed. Nei ¬ 
ther temperature nor pressure can be altered without losing one of the 
the three phases; that is, there are no degrees of freedom. 

Two-Component Systems. In two-component systems Table I sum 
marizes the phase-rule relations. 


TABLE 1 

Phase Rule Relations for a Two-Component System 


Number 

of 

Phases 

Possible 

Variables 

N umber 
of 

Variables 

Number of 
Degrees of 
Freedom 

F = (7 - P 4 2 

Relations Which 

May Be Deduced 

1 

P, T, Xa^ 

3 

3 

All the variables arc 
independent. 

2 

p, T, Xa\ 

4 

2 

1 

Two independent vari¬ 
ables. 

3 

p, T, Xa\ Ax”, 
V m 

Xa 

5 

1 

Only one variable may be 
chosen independently. 

4 

p, T, Xa\ Ax”, 
Ax™ Ax^'^ 

6 

0 

All variables are fixed. 
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The subscripts refer to the component and the superscripts to the 
phase. Thus signifies the concentration of A in the phase 11. In¬ 
asmuch as the maximum number of independent variables is three, the 
system may be represented by a space model as in Fig. 75 for the system 
CUSO 4 and H 2 O. 

Since three-dimensional models of this type are difficult to construct 
and use, the two-dimensional graphs representing sections of the space 
model are usually employed. The significance of these sections was il- 



A BA BA B 

(e) (f) (g) 



A BA BA B 

(h) (i) (j) 

Fig. 76. Typical concentration-temperature phase diagrams. 

lustrated in Fig. 75. Of the three possible planes, P-C, P-T, and T-C, 
the temperature-composition (T-C) diagrams are much the most com¬ 
mon. Several important types of two component systems are illus¬ 
trated in Fig, 76 in which temperature is plotted vertically and com¬ 
position horizontally; A represents 100 per cent of one component, and 
B represents 100 per cent of the other. The composition is given in per 
cent by weight, or, more significantly, in mole per cent or mole fractions. 
The space above the uppermost lines represents liquid solution, and along 
these lines a new solid phase or phases separate. The fixed pressure is 
taken high enough to condense all the vapor so that the diagrams refer 
to condensed systems containing only solid and liquid phases. Then, 
by the phase rule, 


F -P + 1 
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In Fig. 76a the freezing point of pure A is shown at M. Along tht 
line MO pure solid A is separating out from the solution. The point A 
represents the freezing point of pure and along the line NO pure solid 
B is separating. At 0 both pure solid A and pure solid B appear together. 
This is known as the eutectic temperature. 

The phase rule is powerless to predict the curves MO and NO or the 
position of O. They must be determined by experiment. The phase 
rule, however, shows that, in the area above MON, temperature and 
composition may be varied without the number of phases being changed, 
because ^ = 6" — P4-l* = 2 — 1 + 1 = 2. Along MO or AO, fixing 
either the temperature or the composition of the solution defines tlu^ 
system. Then, F = 2 — 2 + 1 = 1. 

At the point 0, F = 2~3 + l= 0 and, if any change is made in 
concentration or temperature, one of the two solid phases or the liquid 
phase will disappear. In the area AGHB, there are the two solid phases 
A and B. In the area GOM^ there are two phases, solid A and licpiid 
solution, whereas, in IIONj there is solid B and liquid solution. 

Figures 766 and c help to explain Fig. 76d. Figure 766 is just like Fig. 
76a except that a compound of A and H, namely, AH, takes the place of 
B. The freezing point of AH is lowered by adding A to the solution. 
The pure solid AH separates when the solution is cooled. Figure 76c 
is similar to Fig, 76a, except that AH takes the place of A and its freezing 
point is lowered by additions of H. When these two parts, 6 and c, are 
pushed together, we have Fig. 76d which is typical of two-component 
systems in which a compound is formed. In general, a maximum in a 
temperature-composition curve, in which solids separate from the liquid 
phase on cooling, indicates the formation of a chemical compound, and 
the composition at which this maximum occurs is the composition of the 
solid compound. It corresponds to a stoichiometric ratio such as AH, 
AH2, AH3, A2H5, etc. In studying a system of this kind, it is best to 
draw vertical lines down from the maximum as shown and consider the 
diagram as two separate diagrams as in Figs. 766 and c. If the compound 
dissociates extensively in solution, the maximum is rather flat on top, 
and, if it dissociates but slightly, the apprpaches to the maximum are 
steep. 

Figure 76e illustrates a special case of compound formation in which 
the freezing point of one of the components is so far above that of the 
compound that its freezing-point curve intersects the freezing-point 
curve of the compound on the opposite side of the maximum. The max¬ 
imum can be attained only under condition of unstable equilibrium. 
Above the break at /, pure H separates on cooling and below it the com- 

* The pressure is fixed. 
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pound AB separates. Such a point I is sometimes called an incongruent 
melting point. 

Figure 76/ illustrates the case in which two liquid phases are involved. 
The freezing point of A is lowered by the addition of B, and the freezing 
point of B is lowered by the addition of as shown at the extreme ends 
of the diagram. Along the line JA, the liquid phase consists of A sat¬ 
urated with 7?, and, along the line AL, the liquid phase consists of B 
saturated with A ; these two saturated phases do not mix with each 
other. The point K does not correspond to any particular compound 
or ratio. At temperatures above A, only one liquid phase is possible, 
no matter what the composition. In the area JKL, two liquid phases 
exist. 

The remaining Figs. 76 g-j apply to two component systems in which 
the two solids are soluble in each other. They are discussed in a later 
section. The solid separating on cooling is not a pure substance but a 
solution of one substance in the other, the exact composition of the 
separating phase depending on that in the liquid phase. In Figs. 76{7, 
hf and i there is complete solubility of the solid phases, but in Fig. 76/ 
the solubility is limited so that two different solid solutions giving two 
separate phases can exist side by side. 

Cooling Curves. Cooling curves may be used in the method of 
thermal analysis to construct phase diagrams. It is convenient, par¬ 
ticularly for alloys where the chemical analysis of the separating phases 
is difficult on account of the contaminating liquid. A mixture of known 
composition is weighed out and heated until all is liquefied. Then it is 
allowed to cool, and the temperature is recorded at frequent intervals 
as read on a thermometer or thermocouple. A smooth cooling curve 
is plotted from the data, but, whenever a solid phase separates, heat 
equivalent to the heat of fusion is evolved and offsets fully or in part 
the heat lost from the melted material and container. The rate of cool¬ 
ing, that is, the slope of the line, becomes less, and the temperature at 
which an inflection point or plateau occurs can be used in plotting the 
phase diagram. 

This method is illustrated in Fig. 77 for the bismuth-cadmium system. 
The cooling curve for pure bismuth indicated by 0 per cent cadmium is 
shown at the extreme left. The liquid cools off along AB, but, when B 
is reached, solid bismuth appears, and the temperature remains sta¬ 
tionary at 273° until all the liquid has solidified. The cooling curve of 
the solid bismuth is shown along the line BC, A similar curve for the 
freezing point of pure cadmium is indicated by the line marked 100 per 
cent cadmium, which indicates a freezing point at 323°. The line 
marked 40 per cent shows a single plateau D which corresponds to the 
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eutectic point at 140°, where both solid bismuth and solid cadmium are 
coming out together and evolving heat. Other compositions show two 
changes in curvature, a sharp plateau at the eutectic point, and a more 
gradual nick in the curve at a higher temperature. In the mixture con¬ 
taining 20 per cent cadmium, pure bismuth starts to solidify from the 
solution at E, As it does so, the remaining solution becomes more con- 



Fi«. 77. curve's from which temfK'rature -concentration phase diagram is 

constmeted for the system bismuth and cadmium. 


centrated in cadmium, and the freezing point is lowered gradually as 
the composition changes. Finally, at F solid cadmium as well as solid 
bismuth separates out, and the whole system goes solid. The system 
consists of 80 per cent solid bismuth and 20 per cent solid cadmium, just 
as the original liquid system consisted of 80 per cent and 20 per cent of 
the liquids. 

These freezing points and the eutectic point are then transferred, as 
shown by dotted horizontal lines, to the diagram at the right in which 
the temperatures are plotted against the compositions of the correspond¬ 
ing mixtures. 

The System Bismuth-Cadmium. In the phase diagram shown at 
the right of Fig. 77, temperature and composition are the only variables; 
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the pressure is assumed to be fixed and at a value high enough so that 
all the vapor is condensed, giving only solid and liquid phases. Then 

= — P+l = 2 — F+1. The number of componemts, phases, 

and degrees of freedom are marked at significant areas, lines, and points. 

Below the eutectic point the two solids, bismuth and cadmium, are 
present. In this region there are two components and two phases, pure 
bismuth and pure cadmium, so that P = 2 — 2 + 1 = 1. The com¬ 
position of each phase is known, and the only variable is the temper¬ 
ature which gives the one degree of freedom to the system. As explained 
before, the pressure is fixed, and the vapor phase is considered negligible. 
In any mixture, cooled below the eutectic temperature, the solid which 
separates will have crystals of both bismuth and cadmium. When the 
eutectic mixture solidifies, the solid may ai)pear to be different because 
it is fine-grained, but it is not to be regarded as a new phase. It is still 
a physical mixture of hvo phases, solid bismuth and solid cadmium. The 
different solidified mixtures would have an appearance under the mi¬ 
croscope somewhat similar to that indicated in the circles. 

In the region labeled Bi + liquid there are two separate phases, solid 
bismuth, and liquid solution. There is one degree of freedom (F = 2 — 
2+1 = 1) and the system is completely defined as soon as the tem¬ 
perature or the composition of the liquid phase is specified. As one 
passes along a horizontal line (that is, isothermal), GUI, the ratio of solu¬ 
tion of composition H to pure solid bismuth, gradually increases. At the 
point 1, for example, the ratio of bismuth to liquid of composition H is 
equal to IH/IG. The composition of the liquid does not change, how¬ 
ever, and, along the line GUI, F = 0 because the temperature as well as 
the pressure is fixed. The composition of the total system will change 
as the relative amounts of G and H change, but the amounts of material 
in the total system does not constitute a phase-rule variable. It is the 
concentration of material in a given phase that is significant. 

Systems Exhibiting Chemical Interaction. As pointed out in connec¬ 
tion with Fig. 76d, the presence of a maximum in a freezing-point-com¬ 
position curve indicates the existence of a chemical compound between 
the two components. In the temperature-concentration diagram given 
in Fig. 78, a maximum is shown in the liquid-solid curve, and so it may 
be concluded that the zinc and magnesium interact to give a chemical 
compound. The compound has the formula MgZn 2 , and it melts at 
675°. There is one eutectic point at 368° with Zn and MgZn 2 separating 
out together and another at 347° with Mg and MgZn 2 freezing simul¬ 
taneously. The diagram is split into two by passing a vertical line 
through the maximum, and the same conditions apply that applied to 
Fig. 77 and Fig. 76d. The pressure is fixed, and only solid and liquid 
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phases are represented. It is assumed that the pressure is high enough 
to condense all the vapor. 



Fig. 78. Tomperatui-e-concentration phase diagram showing maximum for the 

system zinc-magnesium. 

Example 1. State what phases are present at 4, /i, C, D, E, and F, and give 
the number of degrees of freedom. There are two components and the pressure 
is fixed. 


Phases 


A Liquid 

B Liquid, solid Mg 

C Liquid, solid MgZn-i 

D Liquid, solid MgZn 2 

E MgZn 2 , liquid. Mg 

F MgZn2, Mg 


Degrees of Freedom 

C - P + 1 = F 
2 - 1 -h 1 = 2 
2 - 2 + 1 - 1 
2-24-1=1 
2 - 2 + 1 = 1 
2-34-1 = 0 
2 - 2 + 1 = 1 


In the region D, it is sufficient to fix either temperature or concentration of the 
liquid phase. The ratio of MgZn 2 to liquid is not a variable, because the con¬ 
centration in the phases is all that counts in the phase rule, and this is fixed when 
either temperature or composition of a phase is fixed. 

Example 2. Seventy grams of zinc and 30 g of magnesium are heated to 
600° giving the point A in Fig. 78. Describe what happens when this total 
mixture is cooled down to 0°, as indicated by the vertical dotted line. (The 
experiment would have to be done in an inert atmosphere to prevent oxidation 
by air.) At 520° solid MgZn 2 separates out, as indicated by the top arrow; the 
remaining solution becomes richer in the solute magnesium; the temperature 
falls still lower; and more solid MgZn 2 is thrown out of solution. The freezing 
point is gradually lowered as the solution becomes richer in Mg. At 400° a 
considerable amount of MgZn 2 has come out of solution, leaving a solution of 
42 p>er cent magnesium and 58 per cent zinc, as indicated by the arrows. Fi¬ 
nally, at 347°, when the liquid has become 49 per cent magnesium and 51 per 
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cent zinc, the whole solution freezes, solid MgZn 2 and solid Mg coming out 
together. 

From this temperature down to 0° there is no further change in composition 
or phases. At all temperatures below 347° there are pure solids Mg and MgZn 2 . 
The ratio of the amounts of the two is MgZn 2 /Mg = .(100 — 30)/(30 — 15.7) - 
4.89. 


Phase diagrams are useful in the study of aqueous solutions as well as 
metallic solutions. Many of these solutions form definite hydrates and 



H2O Mole per cent sulfuric acid H2SO4 

Fig, 79. Temperature-composition phase diagram for the system sulfuric acid- 

water. 

exhibit maxima similar to those shown in Fig. 7Gd and in Fig. 78 for 
Zn-Mg. An example is shown in Fig. 79 for solutions of sulfuric acid in 
water. 

When sulfuric acid is added to water, the freezing point is lowered, as 
shown by the line along which there is an equilibrium between solid ice 
and the liquid solution of sulfuric acid in water. This lowering con¬ 
tinues until at about 10 mole per cent of sulfuric acid the freezing tem¬ 
perature is about —70®. Further addition of sulfuric acid to the solu' 
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tion now leads to the precipitation of a new solid phase H 2 SO 4 *41120. 
At the first eutectic there are two solid phases, ice and H 2 SO 4 • 4 H 2 O, 
and one liquid phase (10 mole per cent sulfuric acid), so that 

F = (7-P + l- 2- 3 + l = 0 

This point is a eutectic point, but in aqueous solutions a eutectic point is 
called a cryohydric point, and the eutectic mixture is called a cryohy- 
drate. When first discovered, these cryohydrate mixtures were thought 
to be chemical compounds, but the lack of homogeneity can be detected 
under the microscope. Furthermore, the constituents are seldom present 
in simple whole-number ratios which correxspond to chemical compounds. 

When there are exactly 4 moles of water to 1 of sulfuric acid, the 
solution freezes sharply at the freezing point of this pure compound. 
Addition of more sulfuric acid to the solution lowers the freezing point 
along the line leading to a second eutectic point. 

In a similar manner, it is found that there are three compounds of 
sulfuric acid and water and four cryohydrates or eutectic mixtures. 

The chemical compound H 2 S 04 *H 20 melts at 8.0° above the freez¬ 
ing point of water. It is interesting to consider what happens when 
water is removed (by evaporation) from dilute sulfuric acid, isothermally 
at 0 °. The remaining solution becomes more concentrated in sulfuric 
acid through loss of water, and the conc.entration moves along a hor¬ 
izontal line to the right until the solubility curve is intersected and crys¬ 
tals are formed. The solution gradually solidifies, but on further I’e- 
muval of water another solubility curve is intersected, and the crystals 
disappear. This alternate crystallization and melting by removal 
of water vapor would have been difficult to understand without the 
phase diagram. Diagrams of this type are of great practical importance 
for obtaining specified products or properties through the control of con¬ 
centration and temperature. 

Solid Solutions, In aqueous solutions and in most common solutions 
in the laboratory the solvent freezes out as a pure solid. However, there 
are many solutions in which the solid solvent which freezes out contains 
the solid solute dissolved in it. An example is a solution of iodine dis¬ 
solved in benzene. When the temperature is lowered to about 5°, the 
crystals of benzene which freeze out are colored with iodine, and the 
amoimt of iodine dissolved in the solid is proportional to the amount of 
iodine dissolved in the liquid solution. There is a distribution of iodine 
between the liquid and solid phases, just as there is distribution between 
two immiscible solvents. A homogeneous mixture of two or more crys¬ 
talline solids in varying proportions is known as a solid solution. 
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The attainment of equilibrium in solid solutions is much slower than 
the attainment of equilibrium in liquid solutions. It takes a considerable 
length of time, particularly at low temperatures, for a change in con¬ 
centration at the surface to affect the concentration at a point in the in¬ 
terior of the solid solution. Slow diffusion does take place, however. 
For example, when a bar of gold and a bar of lead were placed in contact 
at room temperature for a period of four 3 ^ears, gold was detected at a 
distance of 7 mm. The way is open now to study diffusions of this type 



Au Per cent platinum Pt 

Fig. 80 . Temperature-concentration pliasc diagram for solid solutions, platinum- 

gold. 

with the merest trace of material, making use of radioactive tracers 
(page 663). 

The existence of these solid solutions causes difficulty in experimental 
measurements of equilibria, and it introduces complications in phase- 
rule diagrams, as is indicated in Figs. 76g-j. 

Solid solutions involve two solutions, one liquid and one solid, in equi¬ 
librium with each other, as shown, for example, in Fig. 80 for platinum 
and gold. Above the upper line the two metals exist in liquid solutions; 
below the lower line the two metals exist in solid solutions. The upper 
curve is the freezing-point curve, and the lower one is the melting-point 
curve. The space between the two curves represents mixtures of the 
two solutions—one liquid and one solid solution in equilibrium. For 
example, a mixture which originally contained 50 per cent gold and 
50 per cent platinum, when brought to equilibrium at 1400*^, will consist 
of two phases, a solid phase containing 70 per cent platinum and a liquid 
phase containing 28 per cent platinum. If the original mixture contained 
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60 per cent platinum, there would still be the same two phases contain¬ 
ing 28 and 70 per cent platinum, but there would be a relatively greater 
amount of the solid phase containing 70 per cent platinum. 

The diagrams which describe the melting behavior of solid solutions 
are quite like those studied earlier which described the vaporization of 
liquids. For the vaporization curves it was helpful to remember that 
at a given temperature the vapor is richer in the more volatile com¬ 
ponent or mixture. In these solid solutions, it is convenient to remember 
that the liquid phase is richer in that component or mixture which has 
the lower melting point. In this way one can determine which is the 
liquid curve and which is the solid curve. 

It is possible to separate materials whicli form an unbroken series of 
solid solutions by fractional crystallization just as it was shown to be 
possible, in Fig. 54 on page 207, to separate two compounds by fractional 
distillation. For example, if it is desired to separate pure gold from an 
alloy containing 70 per cent platinum, the alloy is melted slightly to give 
a liquid richer in gold, which is removed and then frozen completely. 
It is then melted partially to give liquid still richer in gold, and so on 
until pure gold is obtained. 

The fractional crystallization of solid solutions is seriously compli¬ 
cated by the fact that equilibrium is rea(4ied very slowly, and it is often 
impractical to wait long enough to obtain the separations previously 
predicted on the basis of reaching equilibrium at every stage. 

Solid solutions may contain minima in the freezing-point curves 
analogous to the vaporization curves on page 209 which had a minimum 
boiling point. An'example is given for cobalt and chromium shown 
in Fig, 81. Again the liquid or mixture with the lowest melting point 
is in excess in the liquid phase. In this case it is the mixture of 46 per 
cent chromium melting at 1320° which has the lowest melting point. 
There are two sets of solid solutions with different properties, the a 
solid solutions \vith less than 46 per cent chromium and the P solid 
solutions with more than 46 per cent chromium. It is theoretically pos¬ 
sible to separate pure chromium from solutions having more than 46 per 
cent chromium and pure cobalt from solutions having less than 46 per 
cent chromium, but it is not possible to separate pure chromium starting 
with a solution rich in cobalt. 

Partial Miscibility. Sometimes two different liquids or two different 
solid solutions are miscible only within certain temperature ranges and 
immiscible within other temperature ranges. The phase diagrams then 
become somewhat more complicated. 

If we consider the separation of partially miscible liquids by vapori¬ 
zation, Fig. 82, for water and ri^butanol serves as an illustration. * The 

* Stockhardt and Hull, Ind, Eng, Chem., 23, 1438 (1931). 
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Fia. 81 . Temperature-concentration phase diagram for solid solution exhibiting a 
minimum, cobalt-chromium. 



Fig. 82 . Temperature-concentration phase diagram for partially miscible liquids 

and vapor. 
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lines AC, AD, BC, and BE give a diagram like that of Fig. 56 on page 
209 for a pair of liquids which exhibit a minimum boiling point, but it is 
cut off by a straight line at about 94°. 

If a solution of composition Z is evaporated, the vapor will contain 
more water than the solution, the solution will become richer in n-bu- 
tanol, and the temperature will rise until the boiling point of pure bu- 
tanol is reached. If, however, a mixture lying between D and E is evap- 



Co Per cent molybdenum Mo 


Fig. 83. Temperature-concentration phase diagram for partially miscible solid 
solutions, molybdenum-cobalt. 

orated, the boiling point remains constant as long as the two phases are 
present. One is of composition D which is rich in water and the other 
of composition E which is less rich in water. The composition of each 
phase remains unchanged when the mixture of the two solutions is 
evaporated as long as both phases are present, but the relative amounts 
of the phases change. The composition of the vapor is given by C, and 
it remains constant until one of the phases is evaporated away. If 
only the butanol-rich phase remains, the temperature will rise along 
the line EB, and the composition of the vapor at any liquid composition 
can be determined by drawing a horizontal line similar to Iv. 

The range of compositions of water and n-butanol in which there are 
two phases below 94° is shown in Fig. 71 on page 305. (It is to be noted 
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that Fig. 71 is plotted in weight per cent and Fig. 82 in mole per cent.) 
At lower temperatures, as, for example, when distilling under reduced 
pressure, the range of immiscibility is wider, and so the line DE of con¬ 
stant composition and boiling temperature would broaden along the 
dotted lines EG and below D. 

In Fig. 83 is shown the system molybdenum and cobalt which bears a 
resemblance to the partially miscible liquids of Fig. 82 and the solid 
solutions of Fig. 80. Solid solutions are observed, but solid solutions 
with more than 29 per cent molybdenum do not mix with the cobalt- 
molybdenum compound. From this diagram it is possible to predict 
what products will be obtained by fractional crystallization, starting 
with various composition and temperature ranges. 

Figure 83 exhibits another phenomenon in phase diagrams shown in 
Fig. 76e. Under equilibrium conditions the freezing-point curve for 
the Co-Mo compound does not reach the maximum temperature, the 
melting point of the pure Co • Mo, because it is intersected first by the 
freezing-point curve of pure molybdenum. 

Uses of Temperature-Concentration Phase Diagrams. Phase di¬ 
agrams are of great help in understanding the production and behavior 
of alloys, ceramics, and complex mixtures of organic and inorganic 
compounds. The presence of a maximum in the curve shows that a 
chemical compound is produced by the combination of two substances 
and gives the information regarding temperature and concentrations 
which is necessary to produce this compound. If there is a single eutec¬ 
tic point without maxima, each of the two components separates from 
the liquid mixture in the pure state. The presence of solid solutions is 
indicated when there are two curves, one for melting, one for crystal¬ 
lization. Many desirable properties of alloys, ceramics, and structural 
materials depend on the components being in the form of solid solutions. 
The hardening and tempering of steel involve the existence of solid 
solutions of carbon in different iron-carbon compounds. The solid 
solution stable at the high temperatures is hard, and, in order to retain 
this hardness, the proper compositions and temperatures are obtained, 
as indicated by the phase diagrams, and then the steel is quenched 
quickly in oil or water, so that it does not have time to form the solid 
solution which is stable at lower temperatures. By heating up again to 
a somewhat lower temperature, opportunity is given for partial con¬ 
version to the softer solid solution which is stable at the lower tem¬ 
perature. In this way the steel may be given different degrees of 
hardening. 

In order to summarize several of the features of phase diagrams, the 
temperature-composition diagram for mixtures of gold and aluminum 
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is shown in Fig. 84.* It illustrates a more complicated alloy in which 
several definite chemical compounds are formed. The different com¬ 
pounds are indicated on the diagram, and it is evident that some of the 
maxima are obscured by overlapping curves. The pure compounds 
which correspond to the extrapolated maxima must exist only in a 
metastable state. There are also solid solutions of limited solubility. 



Fig. 84. Temperature-composition phase diagram for the system gold-aluminum. 

Three-Component Systems. Triangular coordinates are convenient 
for representing the composition of a system of three components where 
all three must add up to 100 per cent, because, within an equilateral 
triangle, the sum of the distances, drawn from a point, perpendicular to 
the three sides, is ocpial to the height of the triangle. In Fig, 86 this type 
of diagi’am is used for the condensed system water, acetic acid, and 
vinyl acetate at 28° and constant pressure, f The point 0, for example, 
represents the composition 20 per cent water, 50 per cent acetic acid, 
and 30 per cent vinyl acetate. 

When vinyl acetate is added to water, a homogeneous solution is 
formed, provided that the amount of vinyl acetate does not exceed that 
corresponding to complete saturation, represented by the point z. If 
further amounts of vinyl acetate are added, the mixture wdll separate 
into two layers, one of which consists of a saturated solution of water 

* This figure is taken from International Critical Tables, Vol. II, p. 402 (1927) 
with permission of the publishers, McGraw-Hill Book Co. 

t Smith, J. 46, 1301 (1941). 
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in vinyl acetate, and the other a saturated solution of vinyl acetate in 
water. The composition of these two immiscible solutions is represented 
by the points x and z. 

If acetic acid, which dissolves completely in both liquids is added, it 
renders the water more soluble in the vinyl acetate and the vinyl acetate 
more soluble in the water. It distributes itself between the two layers, 
forming two immiscible ternary solutions of vinyl acetate, water, and 
acetic acid which are in equilibriimi with each other. These solutions 



Fia. 85. Three-component phase diagram showing regions of miscibility and non 
miscibility plotU'd at 25® on triangular coordinates. 


are represented by two points such as a and b within the triangular di¬ 
agram. The line joining a and b is known as a tie line. Other tie lines 
are shown for other compositions; usually they are not parallel to the 
base AC of the triangle. The compositions of the two phases cor- 
T*esponding to the intersection of the tie lines with the curves xy and zy 
have to be determined experimentally. As more and more acid is added, 
the tie lines become shorter and shorter, and, ultimately, when the com¬ 
positions of the two solutions become identical, they shrink to the single 
point y. The point y is a critical pointy since further addition of acetic 
acid will result in the formation of a single homogeneous phase. Any 
point under the curve represents a ternary mixture which will separate 
into two liquid phases; any point above the curve represents a single 
homogeneous liquid phase. 

A ternary mixture whose over-all composition is represented by the 
point F will separate into two conjugate ternary solutions having the 
compositions a and 6. Significant information can be obtained by draw- 
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ing a line from A representing pure water, through the specified point 
F, and extending to cut the curve at (?, and the line BC at H, Starting 
now with a mixture of vinyl acetate and acetic a(;id at.// and adding 
water, the over-all composition of the system is given by points in suc¬ 
cession passing from /I to A. Along the line ffG, the addition of water 
gives a single homogeneous liquid phase, in which the ratio of vinyl 
acetate to acetic acid is always equal to HB/HC. The percentage of 
vinyl acetate and acetic acid decrease as water is added, but the ratio of 
their percentages remains constant at 60/40. When point G is reached, 
the addition of more water produces two liquid phases, and these tw^o 
conjugate phases persist as more water is added along the line GE. From 
E to A the addition of more water produces a single homogeneous phase, 
the water being in such large excess that the vinyl acetate and acetic 
acid can both dissolves in it. Between G and E the (piantity of the phase 
which is richer in water increases relative to the quantity of the phase 
which has the smaller percentage of water. Not only do the relative 
amounts of the two different liquid phases (change, but also the com¬ 
positions of each phase changes as indicated by the intersections of the 
tie lines with the curve xyz. The ovei-all ratio of vinyl acetate to acetic 
acid in the tw^o solutions, added together, is still, however, equal to 
HB/HC. I 

Vinyl acetate and water become more soluble at higher temperatures, 
and the region where there are two immiscible phases would be smaller. 
The line xyz would fall below^ its present position at higher tempera¬ 
tures. 

In applying the phase rule to these triangular diagrams, it must be re¬ 
membered that the pressure and the temperature are fixed, and in most 
diagrams the vapor is condensed. Then F = C — P + 0 = 3 — P. 

The percentage compositions X of two of the components provide the 
only variables, but these may apply to several different liquid phases. 
When there is but one liquid phase, as in Fig. 86 above xyz, there are two 
degrees of freedom, namely, and Xb (or Xb and Ac, or Xa and Ac), 
where A, B, and C are the components. When there are two liquid 
phases, there are four possible variables: the percentage composition of 
two components in the water phase and the percentage composition of 
two components in the vinyl acetate phase. However, according to the 
phase rule, only one of these variables is independent when there are two 
phases, since F = 3 — 2 ~ 1. With reference to the line xyz on the 
triangular diagram, as soon as the percentage of water in one phase is 
specified, the system is completely described. For example, if on the 
line xyz the water is specified as 5 per cent giving the point a, the com¬ 
position of vinyl acetate and acetic acid in this vinyl acetate layer is 
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Li 2 S 04 * 

\(14H4)2S04 


(NH^)fs04 


Fig. 86 . Triangular diagram showing re¬ 
gions of solubility and double salt forma¬ 
tion for two salts in water. 


easily obtained from the triangle. Moreover, the percentage of each of 
the three components in the second liquid phase, the water phase, is 
determined by point h which lies at the other end of the tie line. 

A common type of phase dia¬ 
gram is shown in Fig. 86. Here ^ 

two different salts and water are \ * 

given at the three apices of the Li 2 S 04 -H 2 o/ \ 

equilateral triangle. The area at / \ 

the left of the curves represents £ \ 

unsaturated solution. The solu- M \ 

bility of pure (NIl 4 ) 2 S 04 in per M 

cent at 30° is given by L; and 

the solubility of pure Li 2 S 04 • H 2 O 0 \ 

is given by 0. The line LM / \ 

shows how the solubility of ^ / Solution —__ 

(NH 4 ) 2 S ()4 is decreased by the ^HaO L (NH 4 )fso 4 

addition of LioS 04 , and the line oc rp • 1 r u • 

1 “ 1 1 1 ♦ • riG. 86. rnangular diagram showing re- 

ON shows how the solubility of gions of solubility and double salt forma- 
Li 2 S 04 • H 2 O is changed by the tion for two salts in water, 

addition of (NI [ 4 ) 2804 . Along 

the line MN^ a double salt 1 ^ 2804 -(NH 4 ) 2 S 04 prqBitates out. The 
tie lines give the composition of the solution whicRis in equilibrium 
with the salt for any total composition specified within these areas. 

It is possible to represent temperature as a variable in a three-com- 

ponent system using a triangular prism 
in which the temperature is plotted at right 
/1 \ angles to the base of the prism. Such prisms 

268 °^ / 1 \ are useful in determining the composition 

/ 1 of a three-metal alloy which will give the 

lowest possible melting point. Low-melting 
\/i36yV'"" alloys are used, for example, in automatic 

126 I water sprinklers for fire protection. 

In Fig. 87 the temperature is plotted ver- 
tically. The front plane gives the freezing- 
point curves of bismuth and tin with a 
Fig. 87. Triangular prism eutectic at 135°; the plane at the left of 
showing solid and liquid phases ^ack gives the freezing-point curves for 

at diffe«,nt temperatures. bismuth and lead with a eutectic at 126 ; 

and the remaining plane for lead and tin 
gives a eutectic at 181°. These curves are connected by three surfaces 
which meet in a point giving a eutectic at 96°, where all three metals 
freeze out together. This is the lowest possible melting temperature 




Fig. 87. Triangular prism 
showing solid and liquid phases 
for a three-component system 
at different temperatures. 
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that can be obtained from any mixture of these three metals, and the 
exact composition of this ternary alloy is found by projecting a vertical 
line down from this point until it hits the triangular base. 

Some three-component systems may be represented with rectangular 
coordinates at various temperatures by space models of the type shown 
in Fig. 88a. The per cent by weight of ammonium sulfate in aqueous 
solution is plotted along the A" axis, the percentage of sodium sulfate is 
plotted along the Z axis, and temperature is plotted along the Y axis at 
right angles to the two concentration axes. The meaning of this spa(^e 
model is made apparent by the three graphs which accompany the model. 
The left side of the model is shown at c,.where the concentration of am¬ 
monium sulfate is zero. The figure gives simply the concentration- 
temperature graph for sodium sulfate in water. It shows the solubility 
curve of Na 2 S 04 and of Na 2 S 04 * IOII 2 O and the freezing-point curve 
along which ice separates. The bottom of the model shown at d gives the 
concentration-temperature graph for ammonium sulfate, and the solu¬ 
bility curve and the freezing point are shown intersecting at the eutectic 
point. In Fig. 88f> three isothermal planes are shown intersecting the 
space model at 15°, 35°, and 60°. The model is constructc^d by placing 
Figs. 88c and 88c^t right angles and s]:)acing the isothermal concentra¬ 
tion curves show^Bb b for the two salts at the proper intervals along the 
temperature axisBflf desired, plaster of paris or other plastic material 
could be used to construct a space model along the curves given in these 
three dimensions. 

The isothermal section at 15° is labeled LMNO in Figs. 88a and h. 
The solubility of Na 2 S 04 * IOH 2 O in pure water at 15° is 11 per cent by 
weight. As (NH 4 ) 2 S 04 is added to the solution, the solubility of 
Na2SO4'10H2O increases along the line LM. When the solution con¬ 
tains 21 per cent (NH 4 ) 2 S 04 , the solubility of Na 2 S 04 *101120 is 16.5 
per cent (expressed as per cent of Na 2 S 04 ). When more ammonium 
sulfate is added, a double salt makes its appearance along MN^ and, 
the more ammonium sulfate is added, the lower is the solubility of 
this double salt. The line NO represents the decrease in solubility of 
(NH 4 ) 2 S 04 at 15° caused by the addition of Na 2 S 04 to the solution. 
Similar curves are shown for 35° and 60°, In the space model shown in 
Fig. 88a the pressure is fixed, and the vapor is considered to be con¬ 
densed. All the volume inside the space model refers to unsaturated 
salt solution. It is the only phase present, and there are three degrees 
of freedom. Percentages of two components in the solution and tem¬ 
perature must be specified in order to define the system completely. 

— = The various solid phases touching the model 

are specified on the model. For example, on top of the model there is 
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Na 2 S 04 , at the right there is (NH 4 ) 2 S 04 , over the curved face is the 
double salt Na 2 S 04 (NH 4 ) 2 S 04 -41120, and in front of the model is ice. 
At these surfaces there are two phases (solution and a solid phase). 


100 * 



Weight per cent Na^SO*-^ —^-Weight per cent (NH4 >2804 


(Concentration of (NH4)2S04- O) (Concentration of Na2S04 “ O) 

(c) id) 

Fia. 88. Space model for two salts and water showing phases present at different 
concentrations of salts and at different temperatures. 

Along the lines there are three phases, and at the points of intersection 
there are four phases. The degrees of freedom are, respectively, 2, 1, 
and 0. For example, at the point P there are Na 2 S 04 , Na 2 S 04 * IOH 2 O, 
Na 2 S 04 *(NH 4 ) 2 S 04 - 4 H 20 and solution; then F = 3- 4 + l = 0. 
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It is possible to represent on two-dimensional coordinate paper the 
proportions of many components using a method proposed by Lodoch- 
nikov and modified by Reimers.* A single axis or composition line is 
used for the total composition, and segments are plotted for various 
proportions of constituents, making use of special symbols. 
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PROBLEMS 

1. Construct and interpret the phase diagram based on the following data where 
A'pbi 2 is the mole fraction of lead iodide and t is the fnezing point of the solution in 
degrees centigrade for the system KI — PbL: 

Ypbi2 1.00 0.90 0.80 0.70 0.60 0.50 0.40 0.30 0.20 0.10 0.0 
412 395 367 324 337 349 422 504 585 641 686 

Assume that all compasitions below 0.5 Apbi 2 give a final solidificiation temperature 
of 346°. 

Ans. Compound KI PbD melting at 349°. 

Eutectics at 0.47 Npbi 2 and 346° and 0.69 Npbi^ and 321°. 

2. Interpret the diagram of the mixed phosphates shovTi in Fig. 89, and state the 
number of degrees of freedom at a typical line, point, and area. State what will 
happen on cooling a typical concentration of the fused phosphate mixture. 

1000 
900 
800 
I 700 

s 

S, 600 
6 

^ 500 
400 
800 

0 10 20 80 40 60 60 70l 80 90 100 

Weight per cent Na^ P a®; | 

^JaPOa NajPaO: Na4P2 07 

Fig. 89. Temperature-concentration phase diagram for phosphate glasses. 

* Reimers, “A System of Graphics for Chemical Compositions,” Dow Chemical 
Co., Midland, Mich., 1946. 
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3. The following cooling curves have been found for the system antimony-cad¬ 
mium. 

Per cent cadmium by weight 0 20 37.5 47.5 50 58 70 93 100 

First break in curve, °C ... 550 461 .... 419 ... 400 . 

Continuing constant temp, °C 630 410 410 410 410 439 295 295 321 

Construct a phase diagram assuming that no other breaks than these actually occur 
in any cooling curve. Lalxd the diagram complebdy and give the formula of any 
compound formed. Arts. Cd 3 Sb 2 melting at 439®. 

4. The following are the data for the system methylcyclohexane-aniline-Ti- 
heptam; at 1 atm and 25®. Draw a triangular diagram for the system, including tie 
lines, and compute the exact (‘omi)osition of th(‘ first, drop of the new liquid phase to 
form when a suffich'nt. (quantity of pure aniline is added to a 40 per cent solution of 
methylcyclohexan(‘ in 7<-heptan(' to give separation into two phases. 

Hydrocarbon Layer Aniline Layer 


wt. % 

Wt. % 

Wt. % 

Wt. % 

Methylcyclohexane 

7 i-flej)tane 

Methylcyclohexane 

7i-TIeptane 

0.0 

92.0 

0.0 

6.2 

9.2 

83.0 

0.8 

6.0 

18.6 

73.4 

2.7 

5.3 

33.8 

57.6 

4.6 

4.5 

46.0 

45.0 

7.4 

3.6 

59.7 

30.7 

9.2 

2.8 

73.6 

16.0 

13.1 

1.4 

83.3 

5.4 

15.6 

0.6 

88.1 

0.0 

16.9 

0.0 


Am, 36.7 per cent methylcyclohexane, 55.2 per cent 
a-heptane, 8.5 per cent aniline. 

5. The vapor pressure of a mixture of Zn(N 03 ) 2 - 6 H 20 and Zn(N03)2-81120 as a 
function of the temperature is given btdow. (a) Find graphically the heat of transi¬ 
tion between these hydrated salts at 25®. 

Temp. 34 30 25 20 15 10® 

p 7.54 5.95 4.15 2.92 2.00 1.36 mm 

(6) What is the free-(3nergy change at 25® in the reaction, 

Zn(N 08 ) 2 - 8^120 (s) - Zn(N 03 ) 2 - 6 H 20 (s) + 2 TI 2 O (/) 

(c) What is the entropy change in the reaction at 25°? 

Am. (a) A// = 25,000 cal. 

(5) AF = 2,030 cal. 

(c) AS = 7.73 u. 


6. (a) Referring to Fig. 79 choose two areas, two lines, and two points, and state 
what components and what phases are present. (6) State how many degrees of 
freedom there are at each of these areas, lines, and points, (c) Name the solid and 
liquid phases which appear in succession as water vapor is pumped away from a 
dilute solution of sulfuric acid which is maintained at — 30® C. 
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7. Sketch a phase-rule diagram for thallium and mercury with freezing points 
plotted against per cent by weight. Use the following facts: Mercury melts at —39®; 
the compound T^Hgs melts at 15°; thallium melts at 303°; thallium lowers the 
freezing point of mercury down to a minimum of —GO® at a composition of 8 per 
cent thallium; the eutectic point for T1 and T^HgB is 0.4° at a composition corre¬ 
sponding to 41 per cent thallium. Label the phases present at each area, line, and 


point. 



8. Given the system water, KNO3, and NaNOs at 25°. Sketch this system on a 
triangular diagram, labiding the areas in which you would expect to find (a) only 
solution; (h) a mixture of solution and solid KNO3; (r) a mixture of solution and solid 
NaNOa; (d) a mixture of solid KNO3, NaNOs, and solution. The solubility of KNO3 
in pure water is 46,2 per cent, the solubility of NaNOa in pure w^ater is 52.2 per cent, 
and all three of these phases are in equilibrium when the composition is as follows: 

water 31.3 per cent, KNO3 

28.9 p(^r cent, and NaNOa 39.8 per cent. No crystalline 

hydrates nor double salts arc formed. 


9. The following data 

are available for 

the system NiS04—112804—H2O at 

25°. Sketch the phase diagram on triangular coordinate paper, and draw appropriate 

tie lines. 



Liquid Phase 

Composition of 

Wt. % NiS04 

Wt. % H2SO4 

Solid Phase 

28.13 

0 

Ni804-71120 

27.34 

1.79 

a 

27.16 

3.86 


26.15 

4.92 

Ni804*6H20 

22.26 

7.93 

u 

15.64 

19.34 


10.56 

44.68 

u 

9.65 

48.46 

NiS04H20 

2.67 

63.73 

u 

0.23 

72.38 

u 

0.12 

91.38 

it 

0.11 

93.74 

NiS04 

0.08 

96.80 

u 

10. The following data are available for the system Na2S04 — Al2(S04)3 — II2O 
at 42°. Draw the phase diagram on triangular coordinate paper, and draw in some 

appropriate tie lines. 



Liquid Phase 

Composition of 

Wt. % Na2S04 Wt. % Al2(S04)3 

Solid Phase 

33.20 

0 

Na2S04 

32.00 

1.52 

Na2S04 

31.79 

1.87 

Na^jS04 

28.75 

1.71 

Na«S04 • Al2(S04)3 • I4H2O 

24.47 

2.84 

Na2S04 • Al2(S04)8 • I4H2O 

16.81 

5.63 

Na2S04Al2(S04)8 141120 

10.93 

10.49 

Na«S04 • Al2(S04)8 • I4H2O 

4.72 

17.11 

Na2S04 • Al2(S04)3 • I4H2O 

1.75 

18.59 

Al2(S04)8 

0 

16.45 

A1j(S04)8 
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11 . The vapor pressure of a mixture of Zn(N 03)2 *41120 and Zn (N08)2 *21120 is 
given as a function of temperature below. Find AH^, AF®, and AS^ at 25°. 

Temp., °C 39 38 37 35 30 25 20 

p, mm 2.42 2.25 1.80 1.25 0.65 0.27 0.08 

12 . Calculate the solubility of monoclinic sulfur in CCI 4 at 25°. That of rhombic 
sulfur is 0.84 g per 100 g of CCI 4 . Sulfur exists in both solutions as Sg. The free 
energy of formation of monoclinic sulfur is 23 cal per mole greater than that of rhom¬ 
bic sulfur at 25°. 


13. Interpret the phase diagrams for the poly iodides of cesium published by 
Briggs and Hubbard, J. Phys, Chem.y 46, 821 (1941). 

14. Interpret the phase diagram for the iron-carbon system given on page 609 of 
Vol. II of International Critical Tables.* 

15. Interpret the three-dimensional model representing the system aniline-sulfui* 
dioxide, as worked out by Hill and shown in Fig. 90. (/. Am. Chern. Soc., 63, 2598 
[1931].) 



Fia. 90. Concentration-temperature-pressure phase diagram. 
♦ McGraw-Hill Book Co., New York, 1927. 





CHAPTER XIV 


CHEMICAL KINETICS 

The aim of chemical kinetics is to predict the rates of chemical re¬ 
actions and to describe the course of the reactions. It is a more difficult 
field than thermodynamicis and the prediction of chemical equilibria, 
because the latter are concerned only with the initial and final states and 
not with time nor with mechanisms, nor with intermediate states. 
Science has not proj4r(\sse(l very far in chemit^al kinetics, but the mere 
fact that the study of kinetics is a pioneer field adds interest to the sub¬ 
ject. Many processes involve two or more reactions which are going on 
simultaneously in a very complicated manner. Impurities and traces 
of catalysts are likely to change the velocities, so that it is often difficult 
to obtain reproducible results. 

Most ionic reactions of inorganic chemistry take place so fast that 
their rates cannot be measured, but in many of the reactions of organic 
chemistry the study of chemical kinetics is particularly important. 
Most reactions of organics chemistry are slow, and the relative rates of 
competing reactions are often more important considerations than is the 
e.xtent to which the reactions are completed at equilibrium. If two 
organic substances are mixed together, there may be many different prod¬ 
ucts which are all possible according to thermodynamics. By altering 
the concentrations and the temperature and by using specific catalysts, 
it is possible to bring about a desired reaction. If the specified reaction 
cannot be made much faster than all the other competing reactions, the 
yield will be low. 

Experimental Measurements of Reaction Rates. The rate of a 
chemical reaction may be followed in many different ways. Samples 
may be removed at intervals, chilled rapidly, and analyzed by titration 
or other analytical methods. Again, several bulbs of reacting material 
may be started out together, and each may be chilled quickly at dif¬ 
ferent time intervals and analyzed. The chilling must be so rapid that 
the concentration does not change appreciably during the sampling 
operation. 

Physical means of analysis which do not disturb the system are con¬ 
venient. If one of the reactants or products rotates the plane of po¬ 
larized light, its concentration may be determined during the course of 
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the reaction with the help of a polarimeter. Again, the concentration 
of one of the materials may be followed by measuring the absorption of 
light at a given wave length and applying Beer’s law. Frequently, this 
method is not practical, because more than one colored material is pres¬ 
ent. The use of ultraviolet and infrared light makes possible wider ap¬ 
plications of this method. 

An increase in volume of a solution measured during the course of the 
reaction may be followed in a large thermometer bulb or a dilatometer. 
Again, the volume of gas evolved by certain reactions in a liquid solution 
may be taken as a measure of the extent of the reaction. The volume 
Vo is measured at the beginning and the volume V ^ when the reaction 
has been completed. Measurements of volume Vt are taken at various 
times t during the reaction. Then — To is a measure of the total 
amount of material which can react, and V ^ is the measure of the 
amount of material which still remains unreacted at time t. Then, the 
fraction of the material remaining unreacted at time t is given by the 
expression (V^ - Vt)/{V^ - Fq). 

Example 1. When nitrogen pentoxide decomposes in carbon tetrachloride 
solution, oxygen gas is evolved. In one experiment 23.95 ml of gas was evolved 
during 1 hour’s time and, after standing till no more gas was given off, the total 
volume of the gas was 34.75 ml. What fraction of nitrogen pentoxide remained 
undecornposed after 1 hour? 

Fraction undecomposed = = 0.311 

Electrical conductivity of a solution and total pressure of a gas are 
other physi(;al properties which may be used in a similar manner to fol¬ 
low the rate of a chemical reaction. In complicated reactions, however, 
it is unwise to use total pressure as a measure of the extent of decomposi¬ 
tion, unless the measurements are accompanied by chemical or physical 
analyses which are specific for one or more of the reacting materials. 

Example 2. In the gaseous reaction C 2 H 5 Br —> C 2 H 4 + HBr, the pressure 
increased from 200 mm at the beginning to 390 mm at the end. After 500 
seconds the pressure was 300 mm. What fraction remained undecomposed? 
If it is assumed that the pressure should double to 400 mm at the end, as indi¬ 
cated by the equation, half of the material would be left, that is, (400 — 300)/200 
= 0.50. However, the fact that the final pressure was 10 mm less than 400 mm 
indicates that there is some complication involved, and the calculation is not 
entirely safe. Obviously, some other reaction in addition to the one written on 
paper is involved. 

The rate of a reaction may be determined by measuring either the 
^ate of decrease of the reactants or the rate of increase of the products 



344 


CHEMICAL KINETICS 


The rate of increase of concentration is represented by dc/dt, and the 
rate of decrease in concentration is represented by —dc/dt. In gas re¬ 
actions a stream of reacting materials is sometimes passed through a re¬ 
action vessel in a steady flow. The volume of the vessel divided by the 
volume of the gases passing through the vessel in 1 second gives a meas¬ 
ure of the time in seconds during which the gases are in the vessel. The 
vessel may be heated to a higher temperature, or it may be filled with a 
catalyst. The gases entering the vessel and issuing from it are analyzed. 
It is difficult to get exact kinetic data by the flow method, but it makes 
possible the use of large quantities of material, and it is a common in¬ 
dustrial operation. 


Example 3. A volume of 1200 ml of gas is passed through a 100-ml heated 
tube in 300 seconds. The volume is the calculated volume of the gas at the 
temperature of the furnace. How long is each molecule at this higher tempera¬ 
ture, assuming no chemical change in the number of molecules. 

The flow of gas is VoV ' or 4 ml per second. The time t of residence of the 
gas in the tube is given by the calculation: 


100 ml 
4 ml sec“^ 


25 sec 


Reaction Mechanisms. In a uniniolecular reaction only one molec^ulc 
is involved in the chemical reaction. It may break up into smaller parts 
as in the dissociation of bromine at high temperatures, 

Br 2 —> 2Br 

or it may merely undergo a rearrangement as when maleic acid is con¬ 
verted into fumaric by heating, 

H—C—COOH HCCOOH 

II II 

H—C—COOH HOOCCH 

In a bimolecular reaction two molecules must come together before 
reaction can take place. They may be different kinds as in the forma¬ 
tion of hydriodic acid, 

H 2 + I 2 2HI 

or the same kind as in the dissociation of hydriodic acid which occurs at 
a higher temperature, 

HI + HI H 2 + I 2 

In the example just given one could write the reaction as a unimolecular 
reaction, 

HI H + I 
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but the energy required to produce the free atoms of hydrogen and 
iodine is so great that the reaction does not ordinarily go by this mecha¬ 
nism. 

In a termolecular reaction three molecules combine as, for example, 
in the reaction, 

A + B + C -> ABC 


or in the oxidation of nitric oxide, 

2NO + O 2 2 NO 2 

Termolecular reactions are rare, and reactions involving the simul¬ 
taneous collision of more than three reactants are never found. 

Most reactions are quite complex and really involve a series of steps, 
some fast and some slow, but each of these steps is usually itself a uni- 
molecular or bimolecular reaction. For example, the thermal decom¬ 
position of ethyl bromide may be written simply as the unimolecular re¬ 
action: 

ChlhBr C 2 H 4 + HBr 

The stoichiometri(;al ciuantities are given correctly by the equation, 
but the reaction may involve a series of steps with atoms and fragments 
such as the following: 

t^sHsBr C 2 H 5 + Br 

Br + C^ 2 n 5 Br IIBr + C 2 H 4 Br 

C 2 H 4 Br C 2 H 4 + Br 


The over-all reaction as written on paper usually has little significance 
in chemical kinetics. It is more important to learn by experiment how 
the rate of the reaction is influenced by the concentration of the reacting 
materials and, thus, to establish the order of the reaction as described in 
the following sections. 

First-Order Reactions. A first-order reaction is one in which the rate 
of reaction is found by experiment to be directly proportional to the 
concentration of the reacting substance. Obviously the amount of ma¬ 
terial which reacts depends on the amount that is present, and, if the 
volume is kept constant, the situation is described mathematically as 
follows: 


dCA 

dt 


= kCA 


( 1 ) 


where c is the concentration of reacting material .4, & is a proportion¬ 
ality factor, t is the time, and —dc/dt is the rate at which the concentra¬ 
tion decreases. 



346 


CHEMICAL KINETICS 


Integrating this simple differential equation, we have 
— In ca = + constant 

/ k \ 

— log ca = I-) t + constant 

\2.303/ 


(2) 


It is evident from this equation that in a first-order reaction a straight 
line is produced when the logarithm of the concentration is plotted 
against time. The velocity constant k can be evaluated by multiplying 
the slope of the line by 2,303. 

Integrating equation 1 between the limits, concentration Ci at time 
and 02 at a later time ^ 2 , we have 

£ 2 dc 

— = A: I dt 
c Jh 


— In 02 — (— In oi) = k{t 2 ~ ^i) 


k = 


2.303 


h “* 



This equation may be modified to give the following equation: 


2.303 Co 

k =-log- 

t c 


(3) 


(4) 


where Co is the concentration at the beginning of the reaction when the 
time is zero and c is the concentration after time t has elapsed. 

This equation is often written in the exponential form: 

c = Coe“*‘ (5) 

Still another modification is used, in which a is the initial quantity 
of reacting material A in a given volume, x is the amount reacting in 
time tj and a — x is the amount remaining after time L Then, 


and 


dx 

dt 


k(a — x) 


2.303 a 

r- -iQg- 

t a — z 


( 6 ) 

(7) 


The constant k is called the specific reactiovr-rate consiarU or the i;o- 
locity constant. For a first-order reaction it is a number per unit of time 
and may be expressed in reciprocal seconds (or in other units of time). 
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When, for example, k has a value of 0.001 sec^^ the material is decom¬ 
posing at the rate of 0.1 per cent per second. 

Reaction rates may be described by giving the numerical value of k, 
or sometimes by giving the period of half-life^ that is, the time neces¬ 
sary for half a given quantity of material to decompose. It is meaning¬ 
less to speak of the time necessary for all the material to decompose, 
because, theoretically, an infinite time is required. For a first-order re¬ 
action. 


k = 


2.303 1 



0.693 


The period of half-life in a first-order equation then is 

0.693 

tH = “ 7 “ ( 8 ) 


The determination of the specific rate constant makes possible a cal¬ 
culation of the amount of material which will react in a given time, or 
the time required for any specified portion of the material to react. 

The calculation of first-order reaction rates may be illustrated with 
the decomposition of nitrogen pentoxide.* Nitrogen pentoxide is a 
crystalline solid which gives a gaseous pressure of 1 atm at about 30®. 
It decomposes completely in the gas phase, or when dissolved in inert 
solvents, at a rate which is conveniently measured at room temperature. 
It is strictly first order, and its rate of decomposition has been checked 
in many different laboratories. The end products are oxygen and a mix¬ 
ture of N 2 O 4 and NO 2 . The following equation represents the over-all 
reaction, although the intermediate steps are probably quite com¬ 
plicated (as they are in most reactions which have been thoroughly 
studied): 

N 2 O 5 N 2 O 4 + §02 

jr 

2NO2 


For every molecule of oxygen produced, two molecules of nitrogen 
pentoxide have decomposed. 

When a solution of nitrogen pentoxide in carbon tetrachloride de¬ 
composes, the N 2 O 4 and NO 2 remain in solution while the oxygen es¬ 
capes and is measured in a gas buret. The reaction vessel is carefully 
thermostated, and it is agitated to prevent supersaturation. 

♦Daniels and Johnston, J. Am, Chem, Soc,, 48, 53 (1921); Ejrring and Daniels^ 
ibid., 68, 1472 (1930). 
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Experiiiiental data for the decomposition of nitrogen pentoxide dis¬ 
solved in carbon tetrachloride at 45° were calculated as illustrated in 
example 1. They are given in Table I and plotted in the accompanying 
figures. 

TABLE I 

Decomposition of N2O6 in CCI4 Solution at 45° 


t 

(seconds) 

c 

(moles/litcT) 

log c 

Ac 

At 

Average'' 

c 

k 

equation 4 
X]0‘ 

0 

2.33 

0.367 




184 

2.08 

0.318 

0.00136 

2.20 

6.32 

319 

1.91 

0.281 

0.00126 

2.00 

6.23 

526 

1.67 

0.223 

0.00116 

1.79 

6.22 

867 

1.36 

0.133 

0.00090 

1.51 

6.23 

1198 

1.11 

0.045 

0.00075 

1.23 

6.03 

1877 

0.72 

1.857 

0.00057 

0.92 

6.27 

2315 

0.55 

1.740 

0.00039 

0.64 

6.42 

3144 

0.34 

1.531 

0.00028 

0.44 

5.88 


In Fig. 91a the concentration is plotted against time where it is seen 
that the concentration decreases with time, rapidly at first, then more 
slowly, and finally approaches zero. 

In Fig. 91b the straight line produced by plotting the logarithm of the 
concentration against time shows that the reaction is first-order and 
follows strictly the relation given by equation 2. 

In Fig. 91c the values of —Ac/At obtained by taking increments of 
concentration and time between successive observations are plotted 
against the average concentration. The increments are sufficiently 
small so that the graph constitutes a confirmation of equation 1 and 
gives a straight line which runs into the origin. It shows that the rate 
of decrease in concentration with time is proportional to the concen¬ 
tration. 

The value of the specific reaction rate, as given in the last column of 
Table I, ranges around 0.00062. The best value is 0.000622 as obtained 
by multiplying the slope of the line in Fig. 916 by 2.303, in agreement 
with equation 2. The slope of the straight line in Fig. 91c, which is k 
in agreement with equation 1, has a value of 0.00062. 

Sometimes it is inconvenient and unnecessary to determine so many 
points on the curve. If the reaction is first order, it will take twice as 
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long for three fourths of the material to decompose as it takes for half 
of it to decompose. This single criterion is sometimes useful. 




Avera^re concentration 
(moles per liter j 


(c) 


Fig. 91. Three different ways of showing the decrease in concentration of material 
with time in a first-order reaction. 


After proving that the reaction is strictly first order, the best value 
of the constant k can be determined from the slope of the straight line 
as in Fig. 916 or by substituting two widely separated readings into for- 
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mula 3. The best results are obtained when the first reading is chosen 
near the beginning of the experiment, as soon as the reaction vessel has 
reached the temperature of the thermostat, and the second one when 
the reaction is about two thirds completed. In this way the errors of 
experimental measurement are reduced to a minimum. Two other in¬ 
dependent readings over about the same range may be used as a check. 
It is not satisfactory to average all the constants obtained in successive 
time intervals using formula 3, for such a procedure may cancel out all 
the intermediate readings and give a constant based only on the first and 
last readings. These readings are often the least accurate.* 

Second-Order Reactions. When the rate of a reaction as determined 
in the laboratory is proportional to the concentration of two reacting 
substances, the reaction is of the second order. Thus, in the reaction 
A+B AB/ii 


dCA 

(It 



(9) 


the reaction is said to be of the second order. 
362 that if 


—dcA 

dt 


= kc^AC°B 


It will be shown on page 


the reaction would be classed also as second order. 

If a and b "'epresent the initial molar concentrations of the two re¬ 
acting substances, and if x denote^s the number of moles of A or JS in 
each liter reacting in the interval of time t, then the velocity of the re¬ 
action is expressed by the equation: 

dx 

— = k(a — x)(b — x) (10) 


In the simplest case the two substances (.4 and B) are present in equal 
concentrations, and a = b. Under these conditions, the rate equation 
becomes 

dx 

— == k{a — xy (11) 

dt 

Integrating equation 11 yields 

—^ ^kt + C ( 12 ) 

a — X 

Mathematical methods for calculating rate constants are discussed critically bj/ 
Roseveare, J. Am, Chem. 63, 1651 (1931); and by Reed and Theriault, J. Phys 
Chem., 86, 673 (1931). 
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Evaluating the integration constant C by setting x 
have 


k = 


1 


t a(a — x) 


0 when < = 0, we 
(13) 


If the reacting substances are not present in equivalent amounts, then 
equation 10 must be employed. On integrating * and evaluating the 
integration constant, this becomes 


or 


kt 


1 b(a — x) 

-In- 

a — b a(b — x) 


2.303 b(a - x) 

-log- 

t(a — b) a{b x) 


(14) 


The graphical method for obtaining the best value of k is convenient 
and satisfactory unless the data are so accurate that the errors of graph¬ 
ing are greater than the experimental error. Usually the experimental 
errors are greater. When log [b(a — x)/a(b — j)] f is plotted as ordi¬ 
nates against t, a straight line is obtained if the reaction is second 
order, and k is then obtained by multiplying the slope of the line by 
2.303/(a - b). 

The value of A: in a second-order reaction depends on the units in 
which the concentration is expressed, since the magnitude of the term 
(a — b) depends on the units used. For the sake of uniformity it is 
customary to express concentrations in moles per liter. The constant 
k has the dimensions liters moles'”^ sec“"^ In a first-order reaction the 
form of the equation is such that the units of concentration cancel out. 

The hydrolysis of an ester by an alkali may be taken as an illustration 
of a second-order reaction. The reaction, 


CH3COOC2H5 + OH“ ^ CHsCOO- + C2H5OH 


has been studied by several investigators. Reactions of this type may 
be followed in a number of different ways. Solutions of ester and alkali 
are placed in separate flasks in a thermostat and then mixed. At fre¬ 
quent intervals, a portion of the reaction mixture is removed, discharged 
into standard acid, and back-titrated with standard alkali. A final 
titration after the reaction is completed is necessary to determine the 
initial concentrations. The reaction may be followed also by measur¬ 
ing the change in the electrical conductance of the system, as already 

* Daniels, ^‘Mathematical Preparation for Physical Chemistry,” McGraw-Hill 
Book Co., New York, 1928, page 189. 

fThis may be replaced for purposes of graphing by its equivalent log [(a — »)/ 
(6 — x)] -f- constant. 
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explained or by measuring the slight increase in volume of the liquid as 
the reaction proceeds. 

Experimental data obtained by titration are recorded in the first three 
columns of Table II, and the specific rate constant k is given in the last 
column, as calculated by equation 14. 

TABLE IT 

Hydkolysis of Ethyl. Acetate at 25° 


a — concentration of NaOH = 0.00980 mole per liter 
h = concentration of CH 3 COOC 2 H 6 = 0.00480 mole per liter 


Time, 

a — X 

h ~ X 

b (a — x) 

, 2.303 , b(a - x) 

seconds 

(moles/liter) 

(moles/liter) 

a (0 — x) 

k - -- -- ., log 

t{a — b) a {h — x) 

0 

0.00980 

0.00486* 



178 

0.00892 

0.00398 

0.0412 

0.108 

273 

0.00864 

0.00370 

0.0640 

0.109 

531 

0.00792 

0.00297 

0.1208 

0.106 

860 

0.00724 

0.00230 

0.1936 

0.104 

1510 

0.00645 

0.00151 

0.3266 

0.101 

1918 

0.00603 

0.00109 

0.4390 

0.106 

2401 

0.00574 

0.00080 

0..5518 

0.107 


The specific rate constant k can be determined easily and with greater 
accuracy by a graphical method. 


Example 4- Calculate k from the data of Table II as shown in Fig. 92. 



Time in Seconds 

Fig. 92. Straight-line graph for a second-order reaction; the hydrolysis of ethyl 

acetate. 


The slope of the line is 0.550/2400 = 0.000229. It is equal to y log --- 

Then, since a - 5 = 0.00980 - 0.00486 = 0.00494, 


k = 


2.303 1 ‘ h(a- x) 
(a - b) t a(b-x) 


2 303 

- oooS! X " 
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Third-Order Reactions. 

A, Bj and C, 


(it 


If in a reaction involving three substances 
dcB dcc 

_ = - — = kCACBCc (15) 

dt dt 


the reaction is called a third-order reaction. 

It is helpful in studying reaction rates to assign symbols to the original 
concentrations and let x refer to the change in concentration during the 
reaction up to time i. In this way the absolute concentration of the re¬ 
acting materials can be calculated more easily. 

Then equation 15 may be written 

dx 

— == k{a — x)(b — x)(c ■— x) (16) 

dt 


and, in the special case where a 

dx 


and 



h = Cy 

k(a — x)^ 


-A:^ + constant 

2(a - .r)2 


The oxidation of nitric oxide to nitrogen dioxide 
2NO + 02 = 2 NO 2 


(17) 


is a third-order reaction, * because the rate equation is found to be 


dt 


kc^(y^Co 


2 


Zero-Order Reactions. There are reactions also in which the rate 
is unaffected by the concentration, because it is determined by some 
other limiting factor such as the absorption of light in certain photo¬ 
chemical reactions or the rate of diffusion in certain surface reactions. 



(18) 


Again, the concentration of material may be kept constant auto¬ 
matically as in a saturated solution. Then, although is a constant, 
x the amount of A reacting as denned in equation 6 is given by the 
expression, 

= /b' 

dt 

X — k^t + constant 

* Hasche and Patrick, J. Am. Chem. <Soc., 47, 1207 (1925). 


(19) 

( 20 ] 
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The constant ¥ calculated in this way may include arbitrary con 
stants corresponding to the fixed intensity of absorbed light or the con¬ 
centration in a saturated solution or vapor. 

Example 5. At 25° the pressure p of N 2 O 6 in equilibrium with crystalline 
N 2 O 6 is 414 mm. The solid N 2 O 6 does not decompose, but the gaseous N 2 O 6 
decomposes slowly, giving 1 molecule of oxygen for every 2 molecules of N 2 O 6 
decomposed. When a molecule decom|X)ses, its place is taken by another mole¬ 
cule from the crystal, and, thus, the concentration of gaseous N 2 O 5 is maintained 
constant. The pressure of oxygen increased at 25° as given by the following 
data. Calculate the specific decomposition rate k. 


Time, seconds 

0 

1200 

1800 

2400 

3000 

3600 

O 2 formed, mm 

0 

7.0 

11.7 

17.1 

20.2 

24.6 

N 2 O 6 decomposed, mm 
= N 2 O 6 decomposed 

0 

14.0 

23.5 

34.3 

40.4 

49.0 

sec”^ (mm X 10^) 
k = specific decomposition 

0 

1.17 

1.30 

1.43 

1.34 

1.36 

rate N 2 O 6 = “ (X 10**) 
414 


2.8 

3.1 

3.4 

3.2 

3.3 


Complex Reactions. The mathematical description of reaction rates 
thus far has been confined to a few standard types, but it must not be 
imagined that most chemical reactions are amenable to such simple 
mathematical treatment. In fact, there are very few chemical reactions 
which follow first-, second-, or third-order equations throughout the 
whole course of the reaction. More often there are two or more different 
reactions taking place at the same time so that the mathematical de¬ 
scription of the over-all reaction is the resultant of several different rate 
expressions. Important among the complications are consecutive re¬ 
actions, reverse reactions, and competing reactions, some types of which 
are illustrated here. 

Consecutive reactions: A B C 
Reverse reactions: A 2 + B 2 ^ 2AB 

AB 



Competing reactions: A 

AC 

These several reactions are either unimolecular or bimolecular reactions, 
and occasionally perhaps termolecular. It is clear that, although the 
individual reactions are simple unimolecular or bimolecular reactions 
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which follow the first- or second-order equations, the over-all reaction 
may be exceedingly difficult to describe mathematically because several 
of the consecutive, reverse, and competing reactions may be going on at 
the same time. Accordingly, the chemical reactions chosen for labo¬ 
ratory study are usually ones in which all but one of the reactions are 
negligible, because they are either too fast or too slow to be of sig¬ 
nificance in comparison with the one reaction. In general, the accuracy 
of rate measurement is not high, and it is safe to ignore those reaction 
steps which do not contribute more than about 1 per cent to the over¬ 
all concentration. 

For example, in consecutive reactions A —> 5 C, if the reaction 
B C is fast (perhaps 100 times as fast), in comparison with the slow 
reaction A B, the latter will be the determining rate. 

Consecutive reactions are very common. In fact, the equations as 
ordinarily written give little idea of the intermediate steps, and yet one 
of these intermediate steps may be the slowest reaction, that is, the rate¬ 
determining reaction. Kinetic measurements offer one of the best meth¬ 
ods for studying intermediate steps in a reaction. Simple reactions, like 
the oxidation of hydrocarbons to give carbon dioxide and water, really 
pass through a series of intermediate stages involving the production of 
peroxides, alcohols, ketones, and acids. 

Many excellent examples of consecutive first-order reactions are 
found among the nuclear reactions of the radioactive elements (page 
629). Because these radioactive reactions are unaffected by temper¬ 
ature, pressure, or catalysts, and other factors, they can be expressed 
with exactness by simple first-order equations. 

Theoretically, all reactions are reversible, but, usually, the reverse 
reaction can be ignored because it does not affect the final concentration 
appreciably. An example of a reversible reaction is 

CH3COOH + C2H5OH ^ CH3COOC2H5 + H2O 

At first, the reverse reaction can be ignored, but, after appreciable 
amounts of ethyl acetate and water have accumulated, both reactions 
must be included in the rate expression. 

Competing reactions are very common, particularly in organic chem¬ 
istry. When two compounds are mixed, there may be dozens of products 
all of which are possible according to the laws of thermodynamics. Of 
the several possible products that product which is formed by the fastest 
reaction will appropriate most of the reacting materials and be the pre¬ 
dominating material. In studying chemical kinetics those reactions 
are usually chosen in which one reaction predominates and all other 
simultaneous or competing reactions are relatively much slower. In 
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synthesizing compounds the organic chemist chooses reactions in which 
he can suppress all the competing reactions and leave only the one re¬ 
action which gives the desired product. An example of competing re¬ 
actions is the nitration of bromobenzene to give ortho, meta, and para 

nitrobromobenzene, which, 
indicated. 

under certain 

conditions, gives the yields 

Br 

Br 

Br 

r^NOa 


A 

V 

\yNO2 

Yo, 

Ortho 

13.5 per cent 

Meta 

0.3 per cent 

Para 

80.2 per cent 


Obviously, a high conversion of bromobenzene to para nitrobromo- 
benzene can be obtained only in case the production of the meta and 
ortho forms is small. 

Again the reaction of chlorine to methane might give 

CH 3 CI 

xCl, + 

^ccu 

The study of kinetics should help to show which product will predom¬ 
inate and suggest means by which the conditions can be controlled to 
favor the production of one of these specified products at the expense 
of the others. 

There are many cases in which the reaction mechanism is more com¬ 
plicated than appears from the simple rate equation. For example, the 
inversion of cane sugar in aqueous solution proceeds according to the 
following bimolecular equation when hydrogen ions are present: 

C12H22O11 + H2O —> C6H12O6 + C6H12O6 

Sucrose Fructose Glucose 

The rate of the reaction is followed by measuring the rotation of polar¬ 
ized light. Although water (and hydrogen ions) play an active part in 
this reaction, its concentration does not appear to change, because the 
water is present in large excess. For example, in a 0.5-molal solution 
there are 111 molecules of water to every molecule of sugar, and when 
the sugar has completely reacted, the water will have been reduced by 
less than 1 per cent. The second-order equation reduces to the simple 
first-order equation since one of the reactants is essentially constant. 

The decomposition of hydrogen peroxide represents another type of 



MATHEMATICAL ANALYSIS OF COMPLEX REACTIONS 357 


complex reaction. Hydrogen peroxide is fairly stable in the absence of 
catalysts, but, when it combines with a substance such as ferric chloride 
(probably to give ferric acid), the decomposition is rapid. Although the 
reaction involves two reacting substances, one of them, that is, the 
ferric chloride, is released unchanged after the reaction. The con¬ 
centration of the ferric chloride remains constant and equation 9 reduces 
to equation 1 since cb is constant. 

Mathematical Analysis of Complex Reactions. The mathematical 
treatment of complex reactions will be illustrated with simple cases of 
consecutive first-order reactions which can be integrated by standard 
methoV-S. 

A -> B -> C 

A;2 = 0.05 


in which the specific reaction rates are 0.1 and 0.05 per hour, respec¬ 
tively. At the beginning of the reactions, it is imagined that there is 1 
mole of A and none of B or C. After a time f, x moles of A have de- 
c.cunposed at the rate of 10 per cent per hour producing x moles of B and 
leaving 1 ■— x moles of A. But B also decomposes and does so at the 
rate of 5 per cent per hour. After time y moles of C have been pro¬ 
duced. The amount of B is the result of a balance between formation 
and decomposition, and at any time t it is represented by x — 2 /* 

The decomposition rate of A is given by the equation: 


—(^(1 — x) 
dt 


= A:i(l - x) 


( 21 ) 


The rate of formation of C is given by the equation: 

dy 

— == ko^x — y) ( 22 ) 


The amount of A at any time is obtained by integrating the first equa¬ 
tion to give (1 — x) = and the amount of C is obtained by 

substituting this value of x into equation 22 and solving the differ¬ 
ential equation * to give 2 / = 2(1 — — (1 — The amount 

of B at any time is merely the difference between x and y, 

* ~ A hy = k2X = k2(l - 

at 

- c”**') - itid - e’**') _ 0.05(1 - e“® “) - 0.1(1 - 
^ ~ ki-kx 

y - 2(1 - e"®-®®) - (1 - 


0.05 - 0.1 
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The amounts of -4, J5, and C as calculated from these formulas are 
recorded at various times in Table III and Fig. 93. 

TABLE III 

CoNSEcuTivB Reactions A -> B - > C 

A;»0.1 /fc-0.05 

Amounts of A, R, and C at various times starting with 1 mole of A 


Time, 

t 

Quantity A, 

(1 - x) = 

e-0.0« 

Quantity 

V 

Quantity B, 
z - y 

0 

1 

1 

0 

0 

10 

0.368 

0.606 

0.156 

0.476 

20 

0.135 

0.368 

0.399 

0.466 

30 

0.0498 

0.223 

0.604 

0.346 

40 

0.0183 

0.135 

0.748 

0.234 

50 

0.00674 

0.0821 

0.842 

0.151 

60 

0.00248 

0.0498 

0.903 

0.095 


If the course of the reaction were followed by analyzing for curve 
A would be obtained; if it were followed by measuring the quantity of 
the end product C, curve C would result; and, finally, if only the inter- 



Fio. 93. Consecutive first-order reac¬ 
tions A^ C, ki « 0.1; A ;2 =* 0.05. 


mediate product B were deter¬ 
mined, the course of the reaction 
would rise to a maximum and then 
fall off, as shown by curve B. The 
broken line D gives the rate at 
which the decomposition product 
of A would be formed in case it did 
not undergo further decomposition. 
The actual rate of production of C 
is seen to be quite complicated, and 
the existence of a slow induction 
period or time lag at the beginning 
of the reaction is evident. 

This example is given in some 
detail because it is a comparatively 
simple example of a complicated 
reaction. When the rate of each 
of the steps is known, the over-all 
reaction rate can be built up as 
shown, provided it is possible or 
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practical to carry out the operations of integration. In laboratory 
practice the situation is usually much more difficult, for the over-all 
reaction is known, and the problem is to determine the rates of the in¬ 
termediate steps. Not only is it difficult to solve the resulting differen¬ 
tial equations, but also it is even more difficult to be sure that the set 
of reactions thus determined is the only set that will be in accord with 
the observed facts, that is, that the solution is a unique solution. 

Reversible as well as consecutive reactions may be treated math¬ 
ematically if the equilibrium constant is known, making allowance 
for the reverse reaction. Starting with a moles of acetic acid and a 
moles of alcohol in the reaction CH3COOH + C2H5OH CH3COOC2H5 
+ H 2 O, the rate of the forward reaction is given by the expression, 

dx 

x)2 (23) 

dt 


where x represents the amount of acid and alcohol reacting, or the 
amount of ester and water formed at the time ty and k\ is the specific 
reaction rate of the forward reaction. 

The rate of the reverse reaction is given by the expression, 

dx 

- - = (24) 

dt 

where k 2 is the specific reaction rate at which the concentration of the 
products, ester and water, decrease. 

The actually observed rate, including both forward and reverse re¬ 
actions, is 

dx 

— = fci(a — x)^ — k2X^ (25) 

dt 


But, from the definition of the equilibrium constant, 


or 


and 




^ = fcl(o - x) 

dt 


2 



K 


(26) 

(27) 
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In the reaction between acetic acid and ethyl alcohol, at room tem¬ 
perature, K has the value 4.0, and equation 27 may be integrated and 
solved for 

One more example of a complex reaction is cited in Fig. 94, in which 
a first-order reaction is followed by another first-order reaction which, 
however, is accompanied by a reverse reaction, as follows: 



kz 


where ki = 0.10; fc 2 = 0.10, and ~ 0.05. All the reactions are first- 
order reactions. 

1.0 
0.9 
0.8 
0.7 

.1 0.6 

ca 

c 0.5 

i 

(S 0.4 
0.3 
0.2 
0.1 
0 

0 10 20 30 40 50 60 70 

Time 

Fig. 94. Consecutive first-order reactions with reverse reaction 

ifci 

A B C, A;i - 0.1; A;2 = 0.1; « 0.05. 

u 

There are many other kinetic expressions which combine competing, 
consecutive, or reverse reactions, each of which may involve either a 
first-order or a second-order equation.* Many of the more complicated 
ones are difiicult or impossible to integrate. However, the perfection 
of mechanical calculators and differential analyzers and the develop¬ 
ment of elaborate calculating machines making use of multiple banks 
of electron tubes have made possible the solution of very complicated 

• For a fuller treatment the student is referred to Moelwynn-Hughes, “Physical 
Chemistry, “ Oxford University Press, 1941, Appendix 9, and to Sherwood and 
Reed, “Applied Mathematics in Chemical Engineering,” McGraw-Hill Book Co., 
New York, 1939. 
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kinetic equations. Often valuable information can be obtained from the 
rate equations without integration, and through them it is easy to under¬ 
stand why there are sometimes induction periods, why complex reactions 
may approach a first or second order or a fractional order, and why 
these apparent orders change during the course of the reaction. 

Example 6. Set up a rate expression for the following reactions, 1 and 2, 
which go on simultaneously. 


(1) 


ki 

A B 4- C 

(2) 


A~hB ^ D 

(3) 

dCA 

dt 

= -kiCA 4- ki'CBCc - k2CACB 

(4) 

dcn 

'df 

— k2CACB 

(5) 

dec 

Hi 

— kiCA — kiccCB 

(6) 

dcii 

dt 

= kiCA — kiCBCC — k2CACB 


It may be assumed that, after a short induction period, B is consumed by the 
reaction to give D as fast as it is produced from A and that a steady state exists 
in which 

dCB 
dt 

(7) Then, under this condition, 

l^lCA 


= 0 


Cb — 


and 

( 8 ) 


dCD 

dt 


= k2CACB 


ki'cc 4" k2PA 

kik2CA^ 


ki'cc 4“ k2CA 


and, since 2 moles of A disappear for each mole of D produced, 

= 2kik2CA^ 
dt ki'cc 4” k2CA 


The rate of this reaction depends on the concentration of both A and C, When 
k 2 CA is small compared to ki'cc, the rate of change of the concentration of A 
depends on and the reaction is second order with respect to the reacting sul)- 
stance A ; when k 2 CA is large compared to kiCc^ the rate depends on Ca, and the 
reaction is first order with respect to A. 

In actual practice the exponent of ca may shift gradually from first order 
through mixed orders to second order with respect to A as the reaction proceeds. 



362 


CHEMICAL KINETICS 


Determination of the Order of a Reaction. Simple examples have 
been given of clean-cut first-, second-, third-, and zero-order equations, 
but, as shown in the preceding section, it must not be supposed that all 
observed chemical reactions fit these types. The order of a reaction is 
determined by the exponents of concentration terms from which the rate 
of the reaction is determined. For example, in the reaction A + J5 X, 
the rate expression is 


dcx 

dt 


= kCAV 


(28) 


The rate of production of A" depends on the concentration c of each 
of the materials taking part in the reaction each raised to an exponent 
which is determined empirically by experiment. Sometimes the ex¬ 
ponents such as m and n are whole numbers, 1, 2, 3, etc., representing 
the number of moles of the material taking part stoichiometrically in the 
reaction. An example was given in equation 9. It is just as likely, how¬ 
ever, that the experimental data will show that the rate of formation of 
X or the disappearance of A is given by an expression with fractional ex¬ 
ponents such, for example, as 

- = W W (29) 

dt 


This situation emphasizes the fact that frequently there is little relation 
between the stoichiometrical reaction as written on paper and the order 
of the reaction as determined in the laboratory. In fact, most chemical 
reactions are complex, involving two or more different reactions or re¬ 
action steps going on simultaneously, although each of these intermediate 
reactions is likely to be a unimolecular or bimolecular reaction. 

The sum of all the exponents involved in the rate equation is taken 
as the order of the reaction. Thus, in equation 9 it is second order, in 
equation 17 it is third order, and in equation 29 it is 2.3 order. There 
are several different ways in which the order of a reaction may be de¬ 
termined. 

Substitution into Formulas. If a reaction is of first, second, third, or 
zero order, a constant value of k will be obtained throughout the course 
of the reaction when the data are substituted into the proper formula. 
If none of the formulas can be made to fit, the reaction is complicated, 
and probably two or more reactions are going on simultaneously. 

Graphing. The order may sometimes be determined by plotting dif¬ 
ferent functions of the concentration c against the time. If a straight 
line is obtained when log c is plotted against time, the reaction is first 
order as shown in equation 2. 
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In the special case where all the reactants have the same initial con¬ 
centration, the reaction is second order if a straight line is obtained when 
1 /c is plotted against time, as shown in equation 12, and third order if a 
straight Une is obtained when 1/c^ is plotted against time as shown in 
equation 17. 

In a zero-order reaction a straight line is obtained when c is plotted 
against time as is evident from equation 20. 

Half-Life Periods. In a first-order reaction the period of half-life (or 
in fact the time required for any given fraction to react) is independent 
of the initial concentration as shown in equation 8. 

In a second-order reaction in which a = ?), the time required for a 
given fraction to react is inversely proportional to the initial concen¬ 
tration, and ~ \/koj as shown in equation 13. 

Variation in Ratio of Reactants. When different molecules are in¬ 
volved, the course of the reaction may be studied by altering the ratio 
of the reacting materials. For example, the oxidation of nitric oxide, 

2 NO + O2 -> 2NO2 


is accelerated more by increasing the concentration of nitric oxide than 
by increasing the concentration of oxygen. This fact is in accord with 
the equation: 

^^N 02 , 2 Ky 

= fec^o X C02 


Much information may be gained in a complex reaction by increasing 
greatly the concentration of the reactants, one at a time, and observing 
the change in the reaction rate over a short period of time (for example, 
a period in which the change in composition is not over 10 per cent). 
Since 

dx 

— = kCA^^CB^-Cc^ 

dt 

where A, JB, and C represent the different molecules reacting and m, n, 
j are the corresponding exponents in the rate equation, it is seen that m 
can be evaluated by doubling ca, keeping cb and cc constant, and de¬ 
termining Ax/At experimentally in the two cases. Thus, for short inter¬ 
vals where {Ax/At) 2 cA is the observed rate when the concentration of 
A is doubled, giving 2ca instead of ca, 



k2^CA^CB^Cc^' 

kCA'^CB'^Cc^ 



364 


CHEMICAL KINETICS 


Example 7. The chemical equation for the reaction between potassium 
oxalate and mercuric chloride is 

2HgCl2 + K 2 C 2 O 4 = 2KC1 + 2 CO 2 + HgaCh 

The weight of Hg 2 Cl 2 precipitated from different solutions in a given time, at 
100 °, was as follows: 



HgCl 2 

K 2 C 2 O 4 


Moles of 


(moles per 

(moles per 

Time, 

Hg 2 Cl 2 


liter) 

liter) 

minutes 

pn'cipitatod 

( 1 ) 

0.0836 

0.404 

65 

0.0068 

( 2 ) 

0.0836 

0.202 

120 

0.0031 

(3) 

0.0418 

0.404 

60 

0.0032 


Write the differential equation for the reaction rate, evaluating the exponents 
of the concentrations. 

— =' A:cngci2 ^K2C204 

From 1 and 2 , 


\At 65 


(—) 

\A^ /^K2C204 

0.0031 

120 

Since 2 ” = 4, n = 2 . 


From 1 and 3, 


(-) 

\A^ /2cHgri2 

0.0068 

65 


/Ax\ 0.0032 

\At ) <^Hgci 2 60 


^(^HgCu) ^^(2CK2r204 ) ^ 
^(CHgCl2) ^ (<^K2C204) ” 


fe(2CHgCl2) '”(CK2C204) ^ 

^(CHga2)’”(^K2C204) ” 



= 2^ 


Since 2 "* = 2 , ra = 1. 
Then, 


dx 

dt 


^CHgCl2*^K2C204^ 


It may be noted that the rate depends on the square of the potassium oxalate 
concentration, although the stoichiometric equation indicates that only one 
molecule is involved. Again, the reaction as written is bimolecular with respect 
to mercuric chloride but first order with respect to the concentration of mercuric 
chloride. These differences show that the reaction is complex and that the 
equation as written does not represent the full course of the reaction with its 
rate-determining intermediate steps. 


Addition of Excess of Reactant. Often a complex reaction may be 
simplified and studied by adding a large excess of one or more of the re- 
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actants so that they do not undergo appreciable change during the re¬ 
action. If all but one of the reacting substances are present in large ex¬ 
cess, a variation of the concentration of this one reactant permits a 
direct determination of the exponent to which the concentration of the 
reactant is raised in the rate equation. 

Influence of Temperature. It has long been known as an empirical 
fact that many reactions in the neighborhood of room temperature ap¬ 
proximately double or treble their velocity for a 10° rise. 

A more quantitative relation, proposed by Arrhenius, is given in the 
following equation, 

k = (30) 


where s is a constant and Alia is another constant, which is now in¬ 
terpreted as the heat of activation as explained on page 375. Set in 
logarithmic form, 

-AH a 1 

log A: =-h constant (31) 

2.303/2 T 


Differentiating equation 31 

dink AH a 
It “ RT^ 

and integrating between limits 

2.303/2 \ 7^2 Ti / 


(32) 


(33) 


It may be noted that these equations are similar to those for equilib¬ 
rium constants studied on page 282. According to equation 31, a 
straight line is produced when the logarithm of the specific reaction rate 
is plotted against the reciprocal of the absolute temperature. The 
specific decomposition rates of gaseous nitrogen pentoxide * at different 
temperatures are given in the third column of Table IV, and they are 
shown graphically in Fig. 96. 

The slope of the line in Fig. 95 is —5400, and AH a has the value of 
24,700. Equation 31 becomes 


and equation 30 


log/: == 


24,700 1 

2.303 X 1987 T 


+ 13.638 


- 4.3 X ioi3^-24.70o/i.987r 


( 34 ) 


Daniels and Johnston, J. Am. Chem. Soc.^ 43, 53 (1921). 
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TABLE IV 

Decomposition of Nitrogen Pentoxide at Different Temperatures 



\/T 

fcota. X 10'‘ 

log A: 

A^calo. X 10‘ 

Half-Life 

65 

0.002959 

487 

-2.313 

i 

477 

2.38 min 

55 

0.003048 

150 

-2.824 

155 

7.72 min 

45 

0.003145 

49.8 

-3.303 

1 47.2 

21.8 min 

35 

' 0.003247 

13.5 

-3.871 

13.2 

85.9 min 

25 

0.003357 

3.46 

-4.471 

(3.46)1 

5.71 hours 

0 

0.003663 

0.0787 

-6.104 

0.0733 

10.2 days 


^ The valu(‘ of /[;oba. 25° was us(id for calculating /rcaio.* 


The calculated specific reaction rates when this formula is used are 
given in the fifth column of the table. The periods of half-life, calculated 
from the data in the third column, are given in the last column. 



0.0029 O.OOSl 0.0033 0.0035 0.0031 

Vt 

Fiq. 95. Log A; vs 1 IT graph for the decomposition of NjOj showing the method 
of determining activation energies. 

The marked influence of temperature on reaction rates is clearly 
brought out in this table. Extrapolated values based on equation 34 
are shown in Table V. It should be emphasized that the range 
between reactions which are too slow to measure and those which are 
too fast to measure is comparatively narrow. Ordinary laboratory 
measurements have usually been limited to the range between minutes 
and months. 
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TABLE V 

Extrapolated Values of Half-Life 


1 

Half-Life 


Half-Life 

300 

0.000039 sec. 

25 

5.7 hours 

200 

0.0039 

0 

11 

days 

160 

0.088 

-25 j 

3 

years 

125 

0.56 

-50 

830 

years 

100 

4.6 

-76 

940,000 

years 

75 

51 

-100 

' 8.4 billion years 


A few other first-order gas reactions together with the Arrhenius con¬ 
stants are given in Table VI. 


TABLE VI 

First-Order Gas Phase Reactions 


Decomposing j 
Substance 

S^x'cific Reaction 

Rate, seconds'"’ 

Decomposing 

Substance 

Specific Reaction 

Rate, seconds”’ 

(1) N 2 O 5 

k 4.3 X l0‘3<.-24,7OO//er 

(5) C2n6Br 

k = 3.8 X 

(2) SiH4 

k ^ 2 X ioi3<5-61.700/i2r 

(6) CICO 2 C 2 II 6 

/t = 5.5 X 10">(!~*®'*®®/^^ 

(3) Pb(C2H6)4 

k =\.2X 

(7) CHsxNa 

k -ZX 10“e-'*®'5®0/«^ 

(4) N 2 O 

A: » 4.2 X 10®e"S3.000/i2r 

(8) Stilbene 

* - 6 X 10l2e-«.8®0/«r 


1. Daniels and Johnston, J. Am. Chem. Soc., 43 , 53 (1921). 

2. Hogness, Wilson, and Johnson, J. Am. Chem. Soc., 58 , 108 (1036). 

3. Leermakers, J. Am. Chem. Soc., 66 , 4508 (1933). 

4. Nagasako and Volmer, Z. physik. Chem., lOB, 414 (1930). 

5. Vernon and Daniels, J. Am. Chem. Soc., 66 , 922 (1933). 

6. Choppin, Frediani, and Kirby, J. Am. Chem. Soc., 61 , 3176 (1939). 

7. Leermakers, J. Am. Chem. Soc., 66 , 2719 (1933). 

8. Isomerization of cia-stilbene, Kistiakowsky and Smith, J. Am. Chem. Soc., 66 , 638 (1934). 


Kinetic Theory of Gases. Information concerning the distribution 
of energy among molecules and the frequency of collisions may be ob¬ 
tained from the kinetic theory of gases. This, in turn, is valuable in the 
study of reaction rates. 

The unordered motion of colloid particles can be directly observed 
under the microscope, as described on page 532, and we have every 
reason to believe that the motions of molecules in a gas are similar. A 
series of collisions in the right direction may give to a molecule an ab¬ 
normally high velocity, and on the other hand a head-on collision may 
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completely stop a molecule for a brief interval of time. Since the veloc¬ 
ities are determined by chance, and since a large number of molecules 
are involved in any measurement, the laws of probability may be applied 
with exactness. 

The distribution of velocities is known as the Maxwell distribution 
law. It is illustrated * in Fig. 96 for gaseous nitrogen pentoxide, which 
has a molecular weight of 108. It is seen that there is a most probable 
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Fia. 96. Maxwell distribution of velocities in molecules (of N 2 O 5 ) with enlarged 
scale of ordinates at the right for high velocities corresponding to activation energi(‘s 
of chemical significance. The ordinates at the right are plotted on a logarithmic scales 


velocity which varies with the temperature and that there are very few 
molecules with very high or very low velocities. 

It is only the molecules which possess extremely high velocities that 
are of any interest in chemical reactions. For example, in nitrogen 
pentoxide an energy of 24,700 cal per mole, equivalent to a velocity of 
nearly 1400 m per second, is required for decomposition. 

In other words, those molecules with velocities of about 1400 m per 
second or more have sufficient energy to undergo chemical reaction. 
The relative number of these ^'activated'^ molecules is exceedingly small 
at room temperature, and, hence, the reaction is slow. As shown by the 
exaggerated scale at the right, the number of these rapidly moving mole¬ 
cules is greatly increased by an increase in temperature, 


* Calculated with the formula 


dn 

n 


V 




given in the appendix, page 678. 
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An approximate derivation of the Maxwell law for the distribution of 
velocities among molecules can be obtained by calculating the prob¬ 
ability that molecules will move with specified velocities in specified 
directions in a two-dimensional plane. Under these conditions it can be 
shown that 


dUE 

n 


RT 


(35) 


where n is the total number of molecules and tie is the number of mole¬ 
cules having kinetic energy of translation between E and dE. Integrat¬ 
ing from E to infinity to determine the number of molecules with en¬ 
ergies greater than E yields 


1 

n 


1 

I driE =- 

Je RT 



-E/RT 


dE 


— = (36) 

n 


where riE/n is the fraction of the molecules having energies greater 
than E. 

A more exact expression derived on the basis of the three axes instead 
of two (given in the appendix on page 678) is 


^ ^ ^-E/RT f ^ ^ 

n Vr \RT/ 


(37) 


Example 8. Calculate at 25° and at 35° the fraction of nitrogen pentoxide 
molecules having a kinetic energy equal to or greater than 24,700 cal per mole 
and the effect of a 10° rise in temperature on this fraction. 


At 25° 


At 35° 


nE 

n 




x/tt 
= 5.69 X 10~i« 


24,700/(1.987X298. 




24,700 


987 X 298.1 


^ ^-24,700/(1.987X308, 

\/ TT 


24,700 


(nE/n) 


35 


987 X 308.1 
2.17 X 10-17 


= 2.17 X 10-17 


inE/n)2 


5.69 X 10-18 


= 3.81 


This ratio of 3.8 in the fraction of activated molecules is in close agreement 
with the ratio of the reaction rates at 35® and 25® as given in Table IV, 


13.2 X 10® 
3.46 X 10® 


3.82 


indicating that the major increase in the reaction rate is due to an increase in the 
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fraction of activated molecules. It should be emphasized that the total kinetic 
3 

energy of the gas, - RT^ increases only 3.3 per cent when the temperature is 
2 

raised from 298,1 to 308.1. Most of this energy, however, is too low to do any¬ 
thing chemically. Only kinetic energy of 24,700 cal per mole or greater is effec¬ 
tive in bringing about this reaction, and this high-intensity energy is increased 
greatly by a 10° rise, as shown. 


Molecular Collisions in Gases. Four quantities of use in chemical 
kinetics may be calculated from the kinetic theory of gases introduced 
in Chapter II. They are: (1) the number of molecules striking a sur¬ 
face, (2) the number of collisions per second between molecules in a gas, 
(3) the molecular diameters, and (4) the distance a molecule travels 
before colliding with another molecule. 

7. Number of Molecules Striking a Surface. If n molecules are con¬ 
tained in a cube 1 cm on an edge, it may be assumed that one sixth of 
them are moving toward one wall. The root-mean-square velocity is u 
centimeters per second, and the number of molecules hitting the wall in 
a second will be equal to one sixth of the number which are within a 
distance of u centimeters from it. Even if one of the^se molecules is 
prevented from hitting the wall by colliding with another molecule, the 
second molecule will be deflected back so that the number of hits is the 
same. If there are n molecules in the 1-cm cube, the number hitting one 
wall (1 sq cm) is ^nu (1^). A closer analysis which allows for unequal 
speeds and collisions at oblique angles gives 1/V^ or 0.230 instead of 
1/6. Then, 


Collisions per square (centimeter of wall per second = 0.230nu (38) 


It was shown on page 28 that 


u == 



(39) 


Since u is expressed in centimeters per second, R must be expressed in 
ergs per degree to keep both in cgs units. 

2, Frequency of Collisions. A rough idea of the number of collisions 
between molecules may be obtained from the following considerations. 
If the diameter of a molecule is <r, and two molecules are just touching, 
the distance separating their centers is also a. If molecules are consid¬ 
ered to be points, each molecule can collide with all other molecules 
which come within the distance a from its center. A molecule moving 
with a velocity of u centimeters per second will sweep out during a 
second a cylindrical space u centimeters long with an effective cross 
section The cylindrical space may be zigzag in shape on account 
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of deflections suffered during collisions. If there are n molecules per 
cubic centimeter, this molecule will collide with {Tru<P‘)n other molecules, 
but each of the n molecules will sweep out this effective volume and 
undergo the same number of collisions. The total number of molecules 
undergoing collisions is therefore {jxia^n)n. Certain approximations 
are involved in this derivation, and, when corrections are made for the 
distribution of velocities and other factors, the number of molecules 
colliding is given more exactly by the expression: 

I \^{^Tr)u(T^n^ or 4.09u<T^n^ 

The number of collisions is one-half the number of molecules colliding, 
because two molecules are necessary for a collision. The number of col¬ 
lisions z per second per milliliter is given by the equation: 

z = 2.0biia^n^ (40) 

By substituting for u its equivalent given in equation 39 and combin¬ 
ing and rounding off numbers, the following approximate equation is 
obtained: 

2 = 3.54(rV 

S. Molecular Diameters. All the quantities necessary for calculating 
the frequency of collisions are readily obtainable, except the molecular 
diameter a. This quantity can be calculated from viscosity meas¬ 
urements, similar to those described for liquids on page 187. A few 
values are given in Table VII. 



TABLE VII 

Molecular Diameters (<t) 


Gas 

<r 

Gas 

a 

Helium 

2.18 X 10“* cm 

Hydrochloric acid 

2.86 X 10-® cm 

Argon 

3.36 

Hydrobromic acid 

3.16 

Chlorine 

4.96 

Hydriodic acid 

3.50 

Bromine 

3.42 

Carbon dioxide 

4.18 

Iodine 

3.96 

Hydrogen 

2.47 

Oxygen 

3.39 

Nitrogen pentoxide 

8.53 

Nitrogen 

3.50 




Many of the diameters calculated from viscosity measurements are 
in close agreement with the diameters as calculated from X-ray meas- 
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iirements on crystals, and there is good evidence that the diameters of 
most molecules are of the order of 10”^ cm or perhaps 2 to lOA. In 
fact, when no data are available, it may be assumed for the purpose of 
estimating the number of collisions that the molecular diameter is 
5 X 10“® cm. In certain phenomena involving radiation, however, 
molecules appear to liave effective diamc^ters which are much larger. 

4 . Mean Free Path, If a molecule travels u centimeters in a second 
and collides with irua^n molecules per second, as shown before, the 
average distance between encounters Z, called the mean free path, is 
given by the equation: 

I u 1 

TTUO^n TTO^n 

Closer analysis shows that 

I = - (42) 


A knowledge of the mean free path is useful in calculations involving 
collisions in chemical reactions and rates of diffusion of gases. In all 
these formulas, 38, 39, 40, 41, and 42, the velocities u are given as the 
root-mean-square velocities. The average velocities and the most 
probable velocities vary slightly from these values. 


Example 9. Nitrogen is (jontained in a vessel at 1 atm pressure at 25°. 
Calculate: (a) the number of collisions on the walls per second per square centi¬ 
meter; (6) the number of colhsions between molecules per second per milliliter; 
(c) the mean free path. 

It is necessary first to calculate the number of molecules n per milliliter and 
the velocity of the molecules u, 


n == 6.02 X 


1023 


(22,400 X 

/sM’ / 


298.1 




= 2.46 X 10'® 


273. 

3 X 8.314 X 10’ X 298.1 
28 


V26.56 X 10* 


5.15 X 10^ cm sec^^ 


(а) 0.230nw = 0.230 X 2.46 X 10'® X 5.15 X 10^ 

= 2.92 X 10^3 collisions cm~2 sec“' 

(б) 2.05wo^V == 2.05 X 5.15 X 10^ X (3.50 X lO”^)^ X (2.46 X lO'®)^ 

== 7.83 X 10®® collisions between molecules cm~3 sec"*' 


1.41 X 3.14 X (3.50 X lO-®)^ X 2.46 X 10^ 
=* 7.47 X 10cm == the mean free path 
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Activation of Molecules. According to present theories, it is necessary 
for molecules to become activated before they can react. If all mole¬ 
cules were equally reactive, it would be difficult to account for the very 
existence of slow reactions. Since the number of collisions per second 
is enormous, it might be expected that all reactions would be instan¬ 
taneous. Ionic reactions, such as neutralizations and precipitations, are, 
in fact, immeasurably fast, but the energy of activation required for 
ions to react is usually very small. 

Chemical equilibria and thermodynamics involve only the initial 
and final states, and they are not (;oncerned with the mechanisms of the 
reaction nor with the intermediate steps. In chemical kinetics, how- 
ev(ir, we are interested in the reaction steps which lead to the final 
products, and we try to apply our thermodynamical calculations not to 
the whole reaction but to the activation process. 

Thus, in the over-all reaction, 

Reactants products or A C 

we are concerned with which is equal to //products — //reactants? but, 
in chemical kinetics, the same reaction is written 

Reactants —;—> activated molecules ---—> products 

slow fast ^ 

or 

A B C 

and we are concerned with the slow or rate-determining step for which 


For the reverse reaction C 


A//tt //acti\'; 


actix'ated molecules 


B, AH a = Wucti 


!tivated molecules ^ products 


The relation between the heat of re¬ 
action and the heats of activation is 
given in Fig. 97. 

The initial molecules A require the 
absorption of a definite amount of heat 
Mia in order to put them in an acti¬ 
vated state B from which they can 
rearrange to give the products C. In 
order to reverse the reaction, the mole¬ 
cules C must be supplied wdth the heat 
of activation AHay and, therefore, in 
passing from the activated state jB, to 
C, an amount o heat equal to AH a is 



Fig. 97. Relation between activa¬ 
tion energy of forward and reverse 
reactions and the heat of reaction. 


evolved. The heat of reaction measured in a calorimeter at constant 
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pressure is equal to the difference between the heat of activation in the 
two directions. 

= MJa ~ A//a' (43) 

Usually the heat evolved in the step BC is greater than the heat absorbed 
in the step AB, and the over-all reaction in going from A to C is an evolu¬ 
tion of heat. If A/7a happens to be greater than A/fa', the reaction is 
endothermic. 

It may be remembered that, if the reaction is carried out at constant 
volume instead of constant pressure, the heat of reaction is A^ rather 
than A/f. The two are practically the same in solutions, where there is 
but little change in volume, and even in gaseous reactions involving a 
change in volume the difference is usually small in comparison with the 
values of A//. 

The energy required for the activated state is the chief factor in deter¬ 
mining the speed of the reaction. It was shown that, the greater the 
energy required for activation, the fewer are the molecules possessing 
this energy; and, hence, the slower is the reaction at a given temper¬ 
ature. The heat of reaction AH is of no significance for calculating re¬ 
action rates. As Hinshelwood has suggested, there is no more con¬ 
nection between the heat of reaction and the energy of activation than 
there is between the difference in levels of two valleys and the height of a 
mountain pass which separates them. 

One very useful generalization can be made, however. In endo¬ 
thermic reactions, the energy required for activation must be at least 
as great as the endothermic heat of reaction. This is equivalent to say¬ 
ing that in going from a lower to a higher valley the route must tra¬ 
verse an elevation at least as high as the upper valley. Often it is dif¬ 
ficult to calculate the energy of activation, but, if the reaction is endo¬ 
thermic, the heat of reaction may be used as a minimum value. 

Example 10. The heat of combustion of a carbohydrate is 112,000 cal per mole 
of carbon. To effect the reverse reaction, namely, the combination of carbon 
dioxide and water to form a carbohydrate, what is the minimum activation 
energy required? 

Since this reverse reaction is endothermic by 112,000 cal, an activation energy 
of at least 112,000 cal must be supplied. It is quite possible that more than 
112,000 cal will be necessary. 

The heat of activation AH a cannot be measured calorimetrically, be¬ 
cause the activated molecules have only a brief existence. It is deter¬ 
mined indirectly by plotting log k against 1/T and multiplying the slope 
by 2.303i? just as heat of reaction is determined by plotting log K 
against l/T, where K is the equilibrium constant (page 282). In this 
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way the heat of activation was found, on page 365, to be 24,700 cal per 
mole for the decomposition of nitrogen pentoxide. 

Example 11. Combining equations 32 and 43, show that the Arrhenius equa¬ 
tion can be used to derive the known relation between equilibrium constants 
and heat of reaction. 

d\nk _ AH a , dink' _ AH a' 

dT RT^ dT~ RT^ 


where k and AH a refer to the forward reaction and k' and AH a refer to the 
reverse reaction. 

Subtracting give. 4 ,,. _ 

dT RT^ 

AH — AHa — AHaj and, from page 255, k/k' = K, Then, 


d In K ^ AH 
dT ~ RT^ 


This relation was proved by thermodynamics on page 280, thus lending support 
to the validity of the Arrhenius eciuation. 

The Arrhenius Equation. The considerations just discussed apply 
to free energy as well as to enthalpy, and 

AF = AFa - AFJ (44) 

It is now worth while to examine more fully the Arrhenius equation, 

k = 

and to interpret the constants in terms of physical-chemical concepts. 
Since AHa and RT are expressed in the same units, usually calories, 
^-Mia/RT dimensionless. Then .s has the same dimensions as k and, 
for first-order reactions, involves a number per second. 

The rate of the over-all reaction depends on the concentration of the 
activated molecules, and this concentration may be calculated with the 
help of thermodynamical relations. There is an equilibrium between 
reacting and activated molecules, and 


^activated 

Aa = - 

^reactant 

It will be remembered (pages 150 and 269) that 

AF - T AS 

AF*^ = -RT\aK 

= g-AF.'/fir ^ ^AS./R^-AHa/RT 


and that 
Then, 


(46) 
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There are complications involved in calculating the concentration of the 
activated molecules from this equilibrium constant and the concentra¬ 
tion of the reactants. The more complete rate equation is derived in 
part in the appendix on page 679. It is 

/fc = (4(5) 

Nh 


vv^here N is Avogadro's constant and h is Planck's constant, 6.6 X 10“^^ 
(page 570). This is the fundamental equation of Eyring's theory of the 
''activated complex." For a complete interpretation the literature must 
be consulted.* 

This equation constitutes the proof, promised earlier, that the con¬ 
stant A//a in the Arrhenius equation is the Jieat of activation. More¬ 
over, it is evident that the factor s in the Arrhenius equation, known as 
the frequency factor, has the following significance: 


6 ‘ 


RT 


^ASa/R 


(47) 


At ordinary temperatures the term RT/Nh is about (8.3 X 10^ X 300) -f- 
(6.0 X 10^^ X 0.6 X 10“^^) or 10^'^. This is the same order of magni¬ 
tude as the frequency in the infrared spectrum (page 595) which is due 
to the natural vibration period of atoms within the molecule. The term 
entropy term, and for unimolecular reactions it may often 
be taken as unity in gas reactions, because the activated complex is 
so much like the original reactants that the entropy change is very 
small. In some reactions, however, particularly in certain rearrange¬ 
ments and in bimolecular reactions, the entropy of activation may be¬ 
come fairly large, and, thus, the frequency factor may become im¬ 
portant in determining the reaction rate. In a series of related com¬ 
pounds the influence of structure on the reaction rate is sometimes a 
matter of changes produced in the entropy of activation. It must be 
remembered that these activated molecules or the activated complex 
have only a transitory existence and that it will probably never be 
possible to isolate them and make measurements on them. The value 
of ASa must be determined by indirect methods. 

In many bimolecular reactions the frequency factor s turns out to be 
approximately equal to the number of molecules colliding, per unit 
volume and time, when at unit concentration. As a first approximation 
in such cases, it may be supposed that the rate of reaction is determined 

*E3rring, J. Chem. Phys., 3, 107 (1935); Glasstone, Laidler, and Eyring, **The 
Theory of Rate Processes,'’. McGraw-Hill Book Co., New York, 1941. 



THE PREDICTION OF REACTION RATES 


377 


by the rate at which activated molecules collide and give the products of 
the bimolecular reaction. On this hypothesis it is proportional to the 
number of molecules colliding multiplied by which is approx¬ 

imately equal to the fraction of molecules in the activated state. But 
there are many bimolecular reactions, particularly in solution, in whhdi 
the reaction goes much more slowly than predicted by this formula. It 
has been customary to assume that a certain orientation at the time of 
collision, a type of lock-and-key effect, is necessary for complete reaction. 
T)ie more exact statistical development giving (RT for the 
frequency factor leads to terms which are approximately equivalent tc 
the product of the collision frequency and the orientation factor. 


Example 12. In the bimolecular decomposition of gaseous hydrogen iodide the 
heat of activation has been found by equation 33 to be 45,600 cal. Then, at 
393.7°, from equation 37, 


^ ^ -AHa/RT _ 7 q 

Vtt" 


X 10- 


If the concentration of hydrogen iodide is 1 mole per liter, the number of mole¬ 
cules colliding per milliliter per sec is given by the exi)res.sioii: 


22 = 2 X 3 




RT 

M 


= 2 X 3.54 X (3.5 X lO-*)^ X ( 
= 6.6 X 10=‘ 


6.02 X 10' 


1000 


/Sl 

-) V- 


3 X 10’ X 666.8 


127.9 


Expressed in terms of moles collidinK per second per liter, 

1000 


2z = 6.6 X 10’‘ X 


= 1.1 X 10“ 


6.02 X lO^-’ 

Then calculating the number of moles activated at 393.7°, we have 

it = 22 X - = 1.1 X 10“ X 7.3 X 10-»6 = 8.0 X 10“^ 
n 

The experimentally determined value is 2.6 X 10““^ mole~^ liter. This fair 
agreement shows that there is no large orientation effect in this simple reaction. 


The Prediction of Reaction Rates. The Arrhenius equation is found 
to fit the rate measurements on a surprisingly large number of different 
reactions at various temperatures. If the heat of activation is known 
from experimental measurements, or if it can be estimated from the- 
oneiftical considerations (page 694), it is possible to predict the reaction- 
rate constant at any temperature, provided an approximate value can 
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be assigned to the frequency factor. Because of the exponential char¬ 
acter of the equation, it is more important in calculating the rate con¬ 
stant/ k to know the heat of activation accurately than to know the fre¬ 
quency factor with precision. 

From what has been said in the preceding section, it is evident that 
for many unimolecular gas reactions the entropy of activation is small, 
and the following relation holds approximately: 

k = (48) 

In a critical survey * of 28 of the best examples of unimolecular gas- 
phase reactions reportexl in the literature from 1936-41, the value of s 
in the Arrhenius equation was found to be between 10^^ and 10^^ in GO 
per cent of the reactions. 

On the basis of these facts the chart of Fig. 98 is useful in predicting 
reaction rates for many gas-phase unimolecular decompositions. 

The values of k in sec“^ on the slanting lines are recorded at the right. 
It is a simple matter to obtain a rough estimate of k by graphical inter¬ 
polation, The situation is simplified by the fact that very rapid or very 
slow reactions are of no practical concern, the ordinary time of observa¬ 
tion of the course of a reaction being not less than a few seconds nor 
more than a few months. The values of k falling within this time range 
are roughly from to lO’"'^ sec^h 

The prediction of reaction rates is simplified also by the fact that the 
range of activation energies is limited very roughly to the range 10,000 
to 100,000 cal per mole. Very few chemical reactions require more than 
100,000 cal per mole of activation energy, and the ones with less than 
10,000 cal are usually too fast to measure. A very large number of 
activation energies range from 15,000 to 60,000 cal. 

If tlie energy of activation for a first-order reaction is 25,000 cal per 
mole and the temperature is 300° K (a little over room temperature), 
k has a value of 10"''', if it is assumed that s has a value of 10^^. When 
k is 10“''', the period of half-life is about 19 hours. These data fit the 
case of nitrogen pentoxide fairly well. 

Again, the energy of activation for the first-order decomposition of 
ethyl bromide is about 55,000 cal per mole, and it is evident that the 
temperature must be above 650° K to give appreciable decomposition. 
As another illustration, it may be concluded that at 500° K one is con¬ 
cerned in unimolecular reactions only with those reactions that have 
values of Ai^a between 25,000 and 45,000 cal per mole. With larger 
values of 611 a the reaction is too slow to measure; with smaller values it 
is too fast. 

* Daniels Prediction of Reaction Rates, Ind. Eng, Chem.j 35, 514 (1943). 
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The chart may be used as a rough estimate in many reactions, but 
large errors are more likely to be made if it is used for unimolecular re¬ 
actions in solutions. In bimolecular reactions it was seen that part of 
the frequency factor may be interpreted as the number of collisions. 



Fig. 98 . Chart for predicting specific reaction rates at different temperatures foi 
different activation energies, if a frequency factor of is assumed. 

These depend on molecular weights and other factors, but, when they 
are expressed in moles per liter, they have a value ranging around 10^^. 
In bimolecular reactions, then, the expression, 

offers a possible but still more unsatisfactory means for predicting re¬ 
action rates. The entropy of activation or the orientation factor is 
likely to cause large departures from this estimate. 

The prediction of activation energies from known physical-chemical 
constants would be highly desirable. As stated already, the heat of re¬ 
action cannot be used as an indication of the activation energy. An 
upper limit of the activation energy might be taken as the energy re¬ 
quired to pull the reactants completely apart to give isolated atoms as 
calculated by adding up the heats of dissociation of the bonds broken 
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(page 134). Certainly, they would then be in an activated state ready 
to react, but usually the activation can be accomplished with a lesser 
expenditure of energy. If there is only an instantaneous collision and 
separation, the energy evolved by the formation of the new bonds is 
dissipated by collision to the surrounding molecules and cannot be used 
in appreciable amounts to activate the reacting molecules. However, 
some of the energy of new bond formation can be used if a complex is 
formed. Thus 

C~I) CD CD 


A—B A B A B 

Hoaotants Complex Products 

The energy of activation must be somewhere between the heat of re¬ 
action and the energy required to produce separated atoms. One ap¬ 
proach to the calculation is given on page 694. According to another 
very simple approach, the activation energy for a bimolecular reaction 
is taken as 28 per cent of the energy required to dissociate the molecules 
into atoms or groups of atoms, that is, the sum of the dissociation en¬ 
ergies of the bonds broken. Hirschfelder * arrived at this empirical rule 
by finding that, in the case of the decomposition of hydrogen iodide gas, 
which is one of our most accurately known reactions, the experimentally 
determined activation energy is 28 per cent of the energy required to 
dissociate HI into hydrogen and iodine atoms. He then assumed that 
this 28 per cent is a general constant applicable to other bimolecular re¬ 
actions. The rule seems to hold quite well, but the number of cases 
where experimental checks are possible is quite limited. 

Example 13. Estimate the activation energy for the reaction: 

2IC1 {g) -h H 2 ig) = 2HC1 (g) + h io) 

For ICl -> I -h Cl, MI = 50,800, and, for Hs 2H, AH - 97,000. 

Then AH a = 0.28(50,800 + 97,000) = 41,300. The experimentally deter¬ 
mined value of AHa calculated from kinetic data is 34,000 cal per mole. 

Entropy of Activation. Although the entropy of activation is small, 
as already explained, in most unimolecular reactions which involve 
merely the rupture of bond, it may not be small in unimolecular re¬ 
actions which involve a molecular rearrangement, particularly if the 
formation of the activated complex involves a complicated or improb¬ 
able shape. An example is the rearrangement of 1-cyclohexenyl allyl- 
malonitrile f according to the reaction: 

* Hirsclifelder, J. Chem. Phys., 9, 645 (1941). 

t Foster, Cope and Daniels, J. Am. Chem. Soc.j 69, 1893 (1947). 
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-C—(CN)2 

C 3 H 5 


/\ 


=C(CN)2 

-C 3 H 6 


1-CyclohexenyI 

allylinalonitrile 


2-Allyl cyclohexylidene 
malonitrile 


The rate of the reaction was followed by measuring the refractive 
index at successive times, and the concentration of 1-cyclohexenyl 




Fig. 99. Rates and activalJon energy for the rearrangement of l-cyc.lohexenyl allyl 

malonitrile. 


allylmalonitrile is plotted on a logarithmic scale against the time at dif¬ 
ferent temperatures in Fig. 99a. The rate constants are calculated from 
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the slopes of these lines, and in Fig. 99h the specific rate constants are 
plotted on a logarithmic s(;ale against the reciprocal of the absolute 
temperature to obtain the activation energy. A//a is 26,100 cal. In the 
Eyring equation, 

RT 


Nh 




All the quantities have been evaluated except A>Sa, the entropy of activa¬ 
tion. When this equation is solved, i^Su is found to be —9.9 entropy 
units. This fairly large entropy of activation suggests the formation of 
a distorted ring striuiture for the aestivated complex which then breaks 
up in such a way that the Calls group becomes attached to the cyclo- 
hexenyl group. 

The rate e(]uation then at 130^ is 


k 




Nh 


8.31 X 10^ X 403 


6.02 X 10^' X 6.62 X 10 


-27 


^ - 9.0/1.90^ - 20,100/ (1.09 X 403) 

(y C 


= 5.85 X lO'^’c 


10 -20,160/(1.90X403) 


= 0.00040 sec" 


Catalysis. A substance which increases the rate of a chemical reac¬ 
tion without being used up in the reaction is called a catalyst. There are 
many different kinds of catalysts and many different mechanisms by 
which the catalyst operates. 

The function of the catalyst is to bring about the desired reaction 
with a smaller heat of activation. A lower heat of activation gives a 
more rapid reaction because more molecules have the required amount 
of energy to react. The high energy requirement is avoided by some by¬ 
pass. Usually the by-passing consists in forming a new compound with 
less energy consumption and then decomposing this intermediate com¬ 
pound in such a way as to regenerate the catalyst. In this way the 
catalyst is used over and over again, 

Tims, if a reaction represented by the equation, 

A + G AG 

takes place very slowly under ordinary conditions, it is possible to in¬ 
crease its velocity by the addition of an appropriate catalyst H. Then 

(1) A + H = AH 

(2) AH + G^ AG + H 
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The catalytic action of nitrogen dioxide in the oxidation of sulfur di¬ 
oxide offers a good example. The rate of the reaction represented by 
the equation 

2SO2 + 02 = 2SO3 

is very small. The accelerating action of nitric oxide on the reaction 
may be represented in the following simplified manner: 

(1) 2N0 + 02 = 2 NO 2 

( 2 ) 2 SO 2 + 2 NO 2 = 2 SO 3 + 2N0 

(3) 2N0 + O 2 = 2 NO 2 , etc. 

There are many examples in organic chemistry in which the catalyst 
accelerates the reaction by forming an intermediate compound which 
reacts faster than the original reac.tants. One of the earliest examples 
was discovered when ethyl sulfate was detectcxl in the reaction of alcohol 
to give ether using sulfuric acid as a catalyst. Another important ex¬ 
ample is the catalytic action of aluminum chloride in the well-known 
Friedel-Crafts synthesis of organic compounds which has been shown to 
involve the formation of an additional compound. 

It must b(‘ (unphasized that the conditions for catalysis are rather 
specific. If the intermediate compound is too unstable, it cannot act 
catalytically; if it is too stable, no further reaction is possible. It must 
have just the right degree of stability. 

The catalyst accelerates the reverse reaction to the same extent as 
the forward reaction so that their ratio, the equilibrium constant, is un¬ 
affected. 

Sometimes the catalyst may appear to change the equilibrium but in 
such cases large quantities of the catalyst are usually required and the 
material not only accelerates the reaction but also changes the effective 
concentrations of the reacting materials, (dianging the solvent, for ex¬ 
ample, may accelerate a reaction, and it may also change the equilib¬ 
rium, but the two effecds are entirely independent. The catalytic effect 
is not responsible for the equilibrium shift. 

Sometimes one of the products of reaction functions as a catalyst. 
Such a substance is called an autocatalyst. Normally, of course, the 
reaction rate decreases continually, but in autocatalytic reactions the 
rate increases to a maximum and then decreases. 

Contact Catalysis. The phenomenon of adsorption is discussed on 
page 647 where it is seen that in many cases the surface of a solid may 
be regarded as a checkerboard of atoms on which molecules from the 
gas phase, or from solution, become attached. The adsorbed layer is 
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then limited to a thickness of 1 molecule. There may be further con¬ 
densation of easily liquefiable gases in the minute capillaries of sub¬ 
stances like charcoal and silica gel, but this phenomenon is not ordinarily 
involved in catalysis. 

When molecules are adsorbed at a surface, the energy content is al¬ 
tered, and there is opportunity for forming new products. Adsorption 
does not necessarily produce catalj^tic reactions, but catalytic reactions 
at surfaces generally involve adsorption. Apparently some atoms at 
the surface are in better position to bring about reaction than others. 
Moreover, the exact spacing between atoms in the lattice of the catalyst 
is important, and this distance can be altered by changing the method of 
preparation and adding extra substances. 

The rate of a reaction catalyzed by a surface depends to a large ex¬ 
tent on the fraction of the surface which is covered with adsorbed gas. 
When the surface is nearly bare, the pressure of the gas determines the 
extent of adsorption, and this, in turn, determines the rate of the re¬ 
action. Since the reaction rate is proportional to the concentration of 
the gas, the reaction follows the first-order equation. When the surface 
remains practically saturated, on the other hand, the pressure of the gas 
has no influence on the reaction rate, and the reaction is of the zero ordei’. 
When ammonia is decomposed on a tungsten filament, for example, the 
rate of decomposition is independent of the pressure, over a wide range 
of pressure. 

When the surface is partly covered, the reaction rate is proportional 
to something between and namely, to p”, where j) is the pressure 
of gas and n is some fractional number which is determined empirically 
by experiment. 

The activity of a catalyst is altered appreciably by extremely minute 
amounts of foreign substances. Foreign substances which tend to in¬ 
hibit catalytic activity are known as poisons; substances which tend to 
enhance the activity are known as promoters. It is easy to see how a 
small number of molecules can react permanently with the few atoms 
at the surface to destroy the catalytic properties. For example, in the 
manufacture of sulfuric acid by the contact process, the presence of a 
very minute amount of arsenic completely destroys the catalytic activity 
of the platinum catalyst by forming platinum arsenide at the surface. 
Certain metals and metallic oxides act as promoters in some cases by 
rendering the catalyst less susceptible to poisoning, but in many cases 
they act by increasing the interfaces at which loose adsorption com- 
poimds are formed, having just the right degree of stability to produce a 
rapid catalytic reaction. 

The catalytic activity of the walls of the containing vessel is a factor 
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in many gaseous reactions. The thermal decomposition of organic ma¬ 
terials frequently occurs on the walls. In such cases the temperature co¬ 
efficient is usually small, because the slowest process is the diffusion of 
the products away from the walls, and a diffusion process is subject 
only to the simple laws of the kinetic theory of gases. A 10^’ rise at about 
300® K increases the diffusion rate by only about 3 per cent, whereas a 
chemical reaction is normally increased about 300 per cent, as already 
explained. 

A wall effect may be distinguished from a homogeneous gas reaction 
by (1) the temperature coefficient, (2) increasing the area greatly, as by 
adding powdered glass to a glass vessel, (3) changing the nature of the 
vessel walls. Quartz may be used instead of glass, for example, or the 
walls ma}^ be coated. The rea(;tion between bromine and ethylene is a 
wall effect, as shown by the fact that the reaction is stopped when the 
glass walls are covered with paraffin. When glass vessels are coated with 
the new water-repellent silicones, the character of some gaseous re¬ 
actions is changed. 

Some Applications of Catalysis. Only a few of the many applications 
of catalysis in the realm of industrial chemistry can be mentioned here. 

The Haber Process for Ammonia, By a careful study of the conditions 
governing the equilibrium represented by the equation, 

N2 + 3H2 ^ 2NH3 

and by the employment of proper catalytic agents, Haber succeeded 
in producing ammonia on a commercial scale by means of this reaction. 
The synthesis of ammonia is now one of the large chemical industries 
of the world and is the basis of most of the world’s explosives and much of 
its nitrogen fertilizer. 

Pure iron and special alloys of iron are effective catalysts. A practical 
catalyst must be not only efficient but also stable and not too easily 
poisoned by traces of impurities. 

In accordance with the principle of Le Chatelier, the equilibrium is 
shifted in the direction of the smaller volume, that is, in the direction of 
the ammonia, by an increase in pressure. 

In order to obtain high yields of ammonia, the pressure is kept as high 
as is technically feasible, and the temperature is kept as low as possible. 
At 550® under a pressure of 200 atm nearly 12 per cent of ammonia is 
formed. The ammonia is removed and the remaining hydrogen and 
nitrogen is recirculated through the catalyst chamber. 

Hydrogenation, Nickel catalysts and metallic oxide catalysts are 
used extensively for hydrogenating various liquids and dissolved sub¬ 
stances with hydrogen under pressure. An important industrial ap- 
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plication of the hydrogenation process is the conversion of unsaturated 
aliphatic acids, such as oleic acid, into saturated acids, such as stearic 
acid. 

By substituting various groups into a molecule it is possible to add 
hydrogen to different parts of a molecule. In the same way by adding 
certain hydrogen acceptors, that is, substances which are capable of 
taking up hydrogen, it is possible to remove hydrogen from different 
parts of a molecule with the help of a catalyst.* 

Synthesis of Methanol. One of the outstanding developments in in¬ 
dustrial chemistry has been the large-scale production of methyl alcohol 
from carbon monoxide and hydrogen using a zinc oxide-chromium oxide 
mixture as a catalyst, f The reaction is easily controlled, and the cat¬ 
alyst is not easily poisoned. Pressures up to 200 atm and temperatures 
between 200 and 400° are ordinarily used. Some of the higher alcohols 
have been synthesized in a similar manner, but it becomes increasingly 
difficult to suppress side reactions with the more complex molecules. 

Petroleum Products. The most striking recent developments in ca¬ 
talysis have been made in the field of petroleum chemistry. Large-scale 
plants are now producing from ordinary petroleum a wide variety of 
products including toluene, butadiene for artificial rubber and isooctane 
and other compounds with high antiknock properties. Moreover, 
through this catalytic cracking it has been possible to increase greatly 
the amount of gasoline obtainable from the petroleum. 

One of the chief difficulties in these catalytic operations has been the 
removal of the large amounts of heat formed by the chemical reactions. 
Fluidized catalysts are now used on a large scale, the catalyst in fine 
particles being transported in the gas stream. Intimate contact be¬ 
tween catalyst and gas is thus assured, and supporting structures and 
expensive heat-transfer equipment are greatly reduced. Some of these 
large catalytic cracking towers are over 100 ft in height. 

Fischer-Tropsch Synthesis of Hydrocarbons. Liquid fuel can be 
made from coal, methane, cellulose, or other carbonaceous material. 
The process was used on a large scale in Germany and is considered to 
be of importance in the LFnited States in view of increasing demands for 
fuel oil for heating, for automobiles, and for Diesel engines. 

Gas of the composition nCO + 2nH2 is converted at comparatively 
low pressures into long-chain paraffin hydrocarbons using catalysts of 
cobalt, or of iron or nickel, at about 200°. The catalysts can be made by 

* Adkins, ‘^The Reactions of Hydrogen,^’ University of Wisconsin Press, Madison, 
Wis., 1937. 

t Fenske and Frolich, Ind. Eng. Chem., 21 , 1052 (1929); Smith and Hirst, ibid.^ 22 , 
1037, 1040 (1930). 
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coprecipitating cobalt and iron hydroxides on a silicious material and 
reducing to the metals. According to the carbide hypothesis, the car¬ 
bon monoxide forms a carbide with the catalyst, and the carbon then 
combines with hydrogen which is loosely held by an adjacent part of 
the catalyst surface. Hydrocarbons of the form CnH 2 ^ 4.2 are thus 
formed and removed in the gas stream and condensed. The carbon 
monoxide and hydrogen mixture called ^^synthesis gas’^ can be made 
from the partial combustion of methane, by the action of steam on coke, 
or by heating carbonac(K)US material. A large supply of cheap oxygen 
is needed because the use of air leaves an excess of nitrogen which then 
prevents proper operation of the process. 

Decomposition of Hydrogen Peroxide. Many catalytic reactions are 
effected through a catalytic pair which is alternately oxidized and re¬ 
duced. An example is the bromine-bromide catalysis of the hydrogen 
peroxide decomposition.* In acid solutions bromide ion is oxidized to 
hypobromous acid by hydrogen peroxide according to the equation, 

H 2 O 2 + Br- + - IIBrO + H 2 O 

and the hypobromous aedd, in turn, is reduced by hydrogen peroxide 
according to the equation: 

PI 2 O 2 + HBrO = H 2 O + Br- + + O 2 

The second reaction is faster than the first, but eventually a steady state 
is reached in which the concentrations of bromide ion, hypobromous 
acid, and hydrogen ion are constant, and the only apparent change is 

2II2O2 = 2H2O “f" O2 

Enzymes. Many chemical reactions in living organisms are cat¬ 
alyzed by complex organic substances called enzymes produced by the 
living cell. They are complicated proteins having molecular \veights of 
more than 50,000 and many of them have been isolated in apparently 
crystalline form. When isolated, they can carry on the same specific re¬ 
actions in the laboratory (in vitro) as well as in the living organism (in 
vivo). Catalase exists in plant juice and in blood. It brings about the 
rapid decomposition of hydrogen peroxide. Dextrose is fermented to 
give ethanol and carbon dioxide by the enzyme zymase which is present 
in yeast. The enzyme urease catalyzes the hydrolysis of urea, to give 
ammonium bicarbonate and ammonium hydroxide. 

Chain Reactions. The chain theory was first proposed by Boden- 
stein and by Nernst to account for the large yield obtained in the photo- 

* Bray and Livingston, J. Am. Chem. Soc., 46 , 1251 (1923). 
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chemical combination of chlorine and hydrogen to give hydrochloric 
acid. The reaction appears to be as follows: 

CI 2 + light = 2C1 
Cl + H 2 = HCl + H 
H + CI 2 = HCl + Cl 
Cl + H 2 = HCl + H, etc. 

This cycle continues in some cases until over a million molecules have 
reacted. The chains can be started by other means than light, for ex¬ 
ample, by bombardment with alpha particles from radium, or by re¬ 
action with traces of sodium vapor, or by a spark. 

One may ask why such a reaction ever stops. At times, as a matter of 
fact, the chain reaction does not stop until the material is (;onsumed. 
At other times, however, the chain is broken when one of the activated 
molecules in the chain collides with the wall of the containing vessel or 
with foreign material which may be present as an impurity. 

Certain oxidations in the gas phase have been explained successfully 
on the basis of chain reactions.* The specific velocity of the reaction 
depends among other things on the size of the vessel, the pressure of the 
gases, and the temperature because these factors affect the frequency 
with which the chain-propagating molecules hit the wall. 

It is often difficult to distinguish a chain reaction from an ordinary 
reaction. Sometimes the presence of a chain mechanism can be estab¬ 
lished by determining that the number of molecules reacting is much 
larger than the number of molecules which are activated by the ad¬ 
dition of a measured quantity of energy in a photochemical reaction. 
Again the presence of a chain may sometimes be revealed by the ad¬ 
dition of retarding material called an inhibitor. Nitric oxide is an in¬ 
hibitor for certain reactions in the gas phase. 

If each molecule of the inhibitor stops a chain and each chain contains 
a great many molecules, it is obvious that mere traces of inhibitors are 
sufficient. For example, the oxidation of sodium sulfite by atmospheric 
oxygen is inhibited markedly by the addition of traces of alcohols. 
Lead tetraethyl in gasoline is another example of an inhibitor. Under 
certain conditions the chain reactions become too violent in a com¬ 
bustion engine, and a ^^carbon knock^^ is produced. A trace of the 
lead compound is sufficient to stop the chains and prevent the knock. 

Still another example of the use of inhibitors is foimd in the preserva¬ 
tion of gasoline. Certain unsaturated compounds in the gasoline tend 

* Semenoff, C/^em. Rev., 6, 347 (1929). 
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to polymerize and form gums in the presence of air and light. Indo- 
phenol, a-naphthol and certain other oxidizable substances containing 
phenolic and aromatic amine groups are effective in inhibiting this re¬ 
action. Antioxidants are becoming important also in preserving foods. 

Free Radical Chains. In the decomposition of organic substances at 
high temperatures free radicals such as CH3, C2H5, OH, H, and Br are 
formed, and they may propagate chain reactions. There is adequate 
evidence in band spectra for the existence of these free radicals which 
violate the rules of classical valence theories. Again their presence is 
revealed by the chemical removal of thin metallic mirrors. They are 
short-lived not because they are unstable but because they are extremely 
reactive. With these free radicals it is possible to set up a series of chain 
reactions in such a way that the over-all reaction is first order or second 
order or fractional order; and it is possible that they may play an im¬ 
portant part in the mechanism of several reactions. 

For example, the thermal decomposition of a hydrocarbon, such as 
propane, may involve the initial breakdown into free radicals, thus: 

(1) C3H8 CII3 + C2li5 

(2) CH3 + C3H8 CH4 + C3H7 

(3) C3H7 CH3 + C2H4 

The CH3 then continues as before: 

( 2 ') CH3 + C 3 H 8 CH4 + C3H7, etc. 

and the chain is propagated through a great many cycles until it is ended 
by a collision on the wall or by a combination of free radicals: 

(4) CH3 + C3H7 C4H10 

Other reactions go on also, but these will illustrate the possibilities 
and explain how methane, ethylene, and butane can be obtained from 
the decomposition of propane. 
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PROBLEMS 

1. The following data were obtained for the inversion of cane sugar where at is 
the reading of the polarimcter at time t: 

tmin 0 10 20 40 80 180 300 « 

at 6.60 6.17 5.79 5.00 3.71 1.40 -0.24 -1.98 

The reading corresponds to the completion of the reaction, and at — aoo is a 
measure of the sucrose remaining at any time. The «« has a negative sign because 
the products, fructose and glucose, rotate jxdarized light in the opposite direction. 
Calculate k in reciprocal seconds (a) by formula; (/>) by plotting log (at — aj against i. 

Ans, 8.6 X 10“^ second 

2. In a certain first--order reaction, half of the material is decomposed in 1000 
seconds, (a) How long will it be until only one-tenth is left? (6) How many seconds 
are required for the redaction to be 99 p('r cent completed? 

Alls, (a) 3322 seconds, (b) 6643 seconds. 

3. A c(^rtain substance A is mixed with equal quantities of substances B and C. 
At the end of 1000 seconds half of A has reacteid. How much will be kift uiireacted 
at the end of 2000 seconds if the reaction with respect to A is (a) first order; (b) 
second order in which (xiual parts of A and B react; (r) third order in which equal 
parts of A, B and C react; (d) zero order? 

Ans. (a) 0.25. (6) 0.33. (r) 0.38. (V/) 0.0. 

4. The following specific reaction rates were obtained by Wiig for the first-order 
decomposition of acetone dicarboxylic acid in a(iueous solution: 

P 0 20 40 60 

k X lO*^ 2.46 47.5 576 5480 

(a) Plot log k against 1/7’, and determine the energy of activation. 

(h) Evaluate the constant s in the equation, k = 

(r) What is the period of half-life of this reaction at 100°? 

Ans. (a) 23,200. (b) 9.1 X 10^^ (r) 0.30 second. 

5. Hydrogen is contained in a vessel at 1 mm pressure and 25°. Calculate (a) 

the number of collisions on the walls per second per square centimeter; (b) the number 
of collisions between molecules per second per cubic centimeter; (c) the mean free 
path. Ans. (a) 1.44 X lO^b (h) 2.52 X 10^^ (c) 0.0114 cm. 

6. If a unimolecular reaction has an activation energy of 25,000 cal per mole 

and in the equation, k = s has a value of 5 X 10^'^, at what temperature 

will the reaction have a half-life of (a) 1 minute; (6) 1 month of 30 days? 

_ Ans. (a) 76°. (6) -4°. 

7. From the following data on the rate of the rearrangement of 1-cyclohexenyl 
allylmalonitrile at 135.7°, determine graphically the first-order reaction-rate constant 
in reciprocal minutes. Check the graphical evaluation by calculating k from two 
different times. 

Time (minutes) 0 5 10 20 30 46 

Per cent rearranged 19.8 34.2 46.7 64.7 77.0 86.3 
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8 . Prove that in a first-order reaction, where dn/di = — ‘kn^ the average life, that 
is, the average life expectancy of the molecules, is equal to 1/A:. 

9. The reaction, CH 3 CH 2 NO 2 + OH" H 2 O + CH 3 CH - N 02 “- is of second 
order, and k at 0 ® is 39.1 (mole/liter)minute"^. An aqueous solution is made 
0.004 molar in nitroethane and 0.005 molar in NaOII. How long will it take for 
90 per cent of the nitroethane to react? 

10 . A second-ord( 5 r reaction where a ~ 5 is 20 per cent compleU^d in 600 seconds. 
How long will it take for the reaction to go to 50 per cent completion? 

11 . Show that the formulas. 


k 


2.303 , Cl 

-- log - 

h — h ^2 


2.303 , C 2 , , 2.303 , cg 

-log _ a-nd k =-log — , elc. 

h — h C3 U — h 


cannot be used for getting an average value of k by adding up A*’s from successive 
pairs of data and dividing by the number of k's taken. 

12 . Calculatti the numb(‘r of days required for 10 per cent of a mass of gaseous 
nitrogen ptmtoxide to d(‘cornpose at — 10 ° C. 

13. The trichloroacetate ion in hydrogen-containing ionizing solvents decomposes 
into carbon dioxide and chloroform according to the reaction: 

11 + -f- CCI 3 COO- -> CO 2 4- CHCI 3 


The unimolecular breaking of the carbon-carbon bond in the trichloroacetate ion 
is probably the rate-determining step. The reaction is first order, and the specific 
rate constants are A'yo® = 3.11 X kf^o^ — 7.62 X 10“^, and A- 7 o» = 1.71 X lO”"^ 
second“b (a) Calculat(‘ the activation energy and ( 6 ) the specific rate constant at 
60°. The experimentally determined value of k at 60° is 3.48 X 10'“®. 

14. Calculate {a) the mean free path and (5) the number of collisions against the 
wall when 1 g of iodine is placed in a previously evacuated 2 -liter spherical flask and 
heated to 100 °. 

15. The reaction, 

Ge(C2H5)4 {9) Ge W + 4 C 2 H 5 

has been studied by Geddes and Mack. The reaction is nearly independent of wall 
effects. The ethyl radicals combine to give a mixture of hydrocarbons with a higher 
pressure than the original germanium tetraethyl which they replace. The rate of 
the reaction can be calculated approximately from the rate of the pressure increase, 
(a) Calculate k from the following data at 440.9°. 

Time (seconds) X 10“^ 0 23.1 38.4 56.6 75.9 93.6 <=0 

Total pressure (mm) 307 378 456 546 626 686 1079 

(5) Calculate the activation energy and the frequency factor from the data of 
(a) and the additional data that k — 0.00050 at 431.1° and k - 0.00024 at 419.1°. 

16. The velocity constant k for the third-order reaction expressed in moles per 
liter per second for the reaction, 

2NO 4 O 2 2 NO 2 

at 600° K is 6.63 X 10®; at 645° K it is 6.52 X 10®. For the reverse second-order 
reaction, A: is 83.9 and 407 at these two temperatures. 

(a) Calculate the equilibrium constants at the two temperatures. 
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( 6 ) Calculate Ai^act. forward and the reverse reactions. 

(c) Calculate AE for the reaction, that is, the heat of reaction at constant volume. 


17. A stream of air at 10 liters per minute, measured at 25° and 1 atm pressure, 
is passing through a catalyst tube which is 4 cm in diameter and 100 cm long, main¬ 
tained tliroughout at 800°. Half the volume of the chamber is occupied by solid 
material. Approximately hov^r many seconds do(^s a given molecule remain in the 
catalyst chiimber, if it is assumed that the gas reaches the temperature of the chamber 
800° instantly? 

18. In the saponification of ethyl acetate by sodium hydroxide at 10°, y ml of 0.056 
molar hydrochloric aciid was required to neutralize 100 ml of the reaction mixture, 
i minutes after the commencement of the reaction. 


t 0 4.89 10.37 28.18 « 

y 47.65 38.92 32.62 22.58 11.48 

Calculate the specific reaction-rate constant A:, expressing the concentration in moles 
per liter and f in seconds. 

19. The specific reaction rate k for the reaction, 

2NO + O 2 2 NO 2 


has a value of 7.1 X 10 ^ mole"^ ml“ second"^ at 25°. Air blown through a certain 
hot chamber and cooled quickly to 25° and 760 mm contains 1 per cent by volume 
of nitric oxide and 20 per cent of oxygen, (a) How long will it take for 90 per cent 
of this nitric oxide NO to be converted into nitrogen dio.xide NO 2 (or N 2 O 4 )? ( 6 ) 

If the gases an? blowm through at the raU^ of 5000 cu ft per minute, how large a 
chamber must be construct^'d in order to obtain this 90 per cent conversion? 

^^ 0 . Referring to Fig. 94 in which A B ^ C, prove mathematically that, 

kz 

regardless of the value of ki, Cb and Cc will have the values 1/3 and 2/3 when the 
reaction is completed if k 2 is twice as large as k^. 

21 . The reaction 2NO -f O 2 —► 2 NO 2 follow's the third-order law. Assuming 
that a small amount of N 2 O 2 exists in rapid reversible equilibrium with 2NO, and 
that the rate-governing step is the slow^ bimolecular reaction N 2 O 2 + O 2 —> 2 NO 2 , 
show that the reaction will nevertheless appear to be third order. 

22 . The decomposition of ethyl bromide is a first-order reaction with an activation 
energy of 54,800 cal. Estimate the temperature at which (a) ethyl bromide decom¬ 
poses at the rate of J {0 of 1 per cent per second and ( 6 ) the decomposition is 90 per 
cent complete in 1 hour. = 3.8 X 10^"*. 

23. The rate of the rearrangement of 1 -ethyl projxjnyl allyl malonitrile can be 
followed by measuring the refractive index. The reaction is 


C 2 H 5 

I 

CHaCH-^Cv 

>C(CN)2 
^ CsHg/^ 

1 -Ethyl propenyl 
allylmalonitrile 


C 2 H 5 

I 

^ CH 3 —CH—C=C(CN )2 

isHs 

( 1 -Plthy 1-2-methy i-4- 
pentenylidene)-malonitrile 


The following first-order constants were obtained: 

Temperature 120.0° 130.0° 

A; X 10^ 4.02 9.12 


140.0° 

19.83 
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(a) What is the energy of activation? 

(b) What is the frequency factor at 130.0®? 

(c) What is the entropy of activation at 130.0°? 

(d) Would you expect these three quantities cahiulated in (a), (b), and (c) to be 
practically the same at 120° and 140°? 

24. In the reaction, 

N 2 O 2 ^ 2X0 


dx 

dt 


I = - 0 (" - 0 - 


where h is the original concentration of N 2 , r is the original concentration of O 2 , 
and X is the concentration of NO formed. 

Values of the ecjuilibrium constant K are given in Table V on page 281, where the 
concentrations are expressed in partial prtissures in atmosphere. An estimate has 
been made of A '2 based on the Ilirschfelder rule and on some expiirimental data 
according to which 

*2 = 1 X lO** atm~‘ second-* 


(a) Calculate ki at 2400° K and 1900° K. 

{b) Calculate the time required for nitric oxide at 0.02 atm to undergo 10 per c(mt 
decomposition at 2400° K and at 1900° K, using k 2 and neglecting Arj. 

25. Which of these two reactions is the more likely with chlorine atoms, (a) giving 
a fr(‘e radical or ( 6 ) giving a hydrogen atom. 

R R 

(а) RC—H + Cl - RC + HCl 

R R 

R R 

( б ) RC—H + Cl - RCCl + H 

R R 


From a knowledge of the energies of dissociation or formation of the C-H, H-Cl 
and C-Cl bonds one can estimate the heat of reaction. As a rough approximation 
the entropy change may be disregarded and the sign and magnitude of the heat of 
reaction taken approximately as an indication of the free-energy change in the 
reactions. Those reactions which are highly endothermic will probably have a 
positive value of AF and will not be possible from a thermodynamic standpoint. 
They can then be ruled out in favor of a reaction which is highly exothermic and, 
therefore, likely to have a negative value of AF. 

26. The thermal decomposition of gaseous acetaldehyde is a second-order reac¬ 
tion. The value of Alla is 45,500 cal per mole, and the molecular diameter of the 
acetaldehyde molecule is 5 X 10~® cm. (a) Calculate the number of molecules 
reacting per milliliter per second at 800° K and 760 mm pressure, and compare 
with the observed value 7.3 X 10 ^®. ( 6 ) Calculate k in moles per liter per second 
{k = -1/c^dc/di). 

27. The energy of activation for the reaction, C 2 H 6 Br —► C 2 H 4 + HBr, is 55,000 
cal per mole. From this fact and Table III on page 134 show that the primary 
step in the dissociation cannot be the splitting off of a hydrogen atom nor a CH 3 
group but that it can involve the splitting off of an HBr molecule, or (considering the 
inaccuracy of the data) that it can involve the splitting off of a bromine atom. 
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28. Solve the following differential equation for k\ 
dx 

— = A;(a - x){h - x){c - x) 


29. Given the consecutive unimolecular reactions: 


B 


C 


plot curves which give the concentrations of A, By and C as a function of time. 

30. Carry out the integrations, and calculate the concentrations of A, By and C 

shown in Fig. 94 ffjr the three first^-order reactions given by A B C. 

Aa 

31. Oxygen containing a few per cent of ozone is heated slowly from room tem¬ 
perature to 2500®. Explain any changes in the concentration of ozone which you 
would expect to find. 

32. The recombination of free radicals requires very little activation energy. 
Give arguments then for the suggestion that the activation energy for an endothermic 
breaking of bonds to give radicals, such as a reaction C 2 H 5 Br —> C 2 H 5 + Br, is 
about equal to the endothermic heat required to br(‘ak the bonds. 

33. A 3-liter container is filled with air at atmospheric pi’ossure. In order to 
replace the air with carbon dioxide, the carbon dioxidi^ is allowed to enter one end of 
the container at a rate of 2 liters a minute, and gas is allowcnl to escape from the other 
end at the same rate. If instant mixing of the gases is assumed, when will the partial 
pressure of oxygen be reduced to 0.01 mm? 

34. In Problem 24 the recombination of nitrogen and oxygen was neglected. If 
the 2.00 per cent nitric oxide is mixed with 80 per (Hint nitrogen and 18 per cent 
oxygen, as it is if the nitric oxide is produced in air, the recombination should not 
be negh'cted. Tsing the notation of Probh^m 24 show tluit 



dx 

^1 - x^ A- ^ {b -i- c)x Kbc 


Integrate this expression, and suggest how simplifying assumptions may render 
more practical the calculations of the concentrations of nit ric oxide at various time 
intervals. 

35. Propellants of nitrocellulose bum very rapidly inward from the surface—at a 
rate of the order of 1 linear cm per second at atmospheric pressure. There are roughly 
10® nitrogen atoms per linear centimeter. Parts of the molecule probably break off 
at the surface and combine in the gas phase giving a flaming envelope around the 
surface which raises the surface to a high temptirature. The higher the pressure, 
the faster is the reaction and the higher is the temperature. 

Assuming that the primary reaction at the surface is a unimolecular bond-breaking 
process at 1000° with an activation energy of 46,000 cal per mole of N, calculate 
the specific reaction rate k defined by the expression, 


where dn/di is the number of molecules decomposing per second and n is the number 
of molecules at the surface which are potentially decomposable. Show how this 
expression can then be used to estimate the linear rate of burning. 



CHAPTER XV 


ELECTRIC CONDUCTANCE 

Historical Introduction. Although early observations pointed to the 
probability of the existence of some relation between chemical and 
electrical phenomena, it was not until the beginning of the nineteenth 
century that the discovery by Volta of a means of obtaining electric 
energy from chemical energy gave the initial impulse to all the inves¬ 
tigations on which modern electrochemistry is based. Volta prepared a 
series of zinc and silver disks, arranged them alternately with paper 
soaked in salt water between them, and thus made a source of electricity 
available for experimentation. 

In 1800 Nicholson and Carlisle decomposed water by electrolysis, and 
Davy isolated alkali metals by means of an electric current. From his 
experiments Davy formulated an electrochemical theory, but this was 
soon superseded by the theories of Berzelius that every atom has both 
negative and positive charges, that the behavior of the atom is deter¬ 
mined by the kind of electricity which is in excess, and that chemical 
attraction is between oppositely charged atoms. Berzelius’ theories 
were, in turn, superseded. It was difficult to explain how negative 
chlorine atoms combine with each other to give chlorine molecules or 
how two positive hydrogen atoms combine to form hydrogen. It re¬ 
mained for recent theories of atomic structure to offer an explanation. 

The importance of electric charges in inorganic compounds and in 
solutions of electrolytes has been fully recognized since physical chem¬ 
istry became a separate branch of chemistry in the late 1880’s. The 
important part played by electric interaction among neutral molecules 
in organic chemistry has been realized however only during the past 
quarter century. The dipole moment, the concept of the electronic 
pair, the electron theory of valence and the explanation of electrolysis 
and oxidation and reduction through the transfer of electrons are all 
comparatively recent developments which have contributed much to 
the advancement of science. The quantitative relations between elec¬ 
tricity and chemical change are discussed in the three chapters which 
follow. 
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Electrical Units. According to Ohm^s law discovered in 1827, 



where I is the current in amperes, E is the difference in voltage applied 
or the voltage, and R is the resistance in ohms. 

The international ohm is defined as the electrical resistance equal to 
that of a column of pure mercury at 0° 106.300 cm in length and of such 
constant cross section that the column contains 14.4521 g of mercury. 

The international ampere is defined as that current which under spec¬ 
ified standard conditions will deposit 0.001118 g of silver per second 
from a solution of silver nitrate. 

The coulomb of electricity is that quantity of electricity which passes 
a given cross section of a conductor in 1 second while a current of 1 
ampere is flowing. 

The volt is the potential difference which causes a current of 1 ampere 
to flow through a conductor which has a resistance of 1 international 
ohm. 

Electric energy is the product of an intensity factor, voltage, and a 
quantity factor, coulombs, as pointed out on page 100. Thus 

Electric energy in joules = volts X coulombs 

Electric energy may also be divided into a power factor, the watt^ or 
volt-ampere^ and a time factor, the second. One watt-second is 1 volt X 
1 ampere X 1 second, or 1 joule. One kilowatt-hour is equal to 3,600,000 
joules. The ^Mefined calorie^' is now defined in physical chemistry as 
4.1840 absolute joules.* 

In addition to these practical units there are the electrostatic units, 
esu, and the electromagnetic units, emu. If two equal charges 1 cm 
apart in a vacuum repel each other with a force of 1 dyne, each charge 
is equivalent to 1 electrostatic unit. The electromagnetic unit of cur¬ 
rent is a current such that when it flows through a conductor 1 cm long 
bent in an arc of 1 cm radius, the force on a unit magnetic pole at the 
center of the circle will be 1 dyne. 

Starting January 1,1948, the U. S. Bureau of Standards recommended, 
in accordance with international agreement, the absolute units which 
differ slightly from the international values that had been used hereto¬ 
fore. New precision instruments will be calibrated in terms of the 

♦ Formerly it was defined as 4.1833 international joules which is equal to 4.1840 
aJbsolute joules. 
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newly adopted values and will be marked ^^abs/^ The changes are too 
small to consider in most practical laboratory work.* 

Electric Conductance. There are two different types of electric 
conductance: metallic conduction as, for example, in a copper wire, and 
electrolytic conductance as, for example, in a solution of salt in water. 
In metallic conduction the electricity appears to be a stream of elec¬ 
trons flowing toward the positive terminal. In electrolytic conductance 
electricity is carried in solution by ions. Positive ions move toward the 
negative electrode, and negative ions move toward the positive electrode, 
and both share in carrying the current. In metallic conduction there is 
no change in the chemical properties of the conductor, but in electrolytic 
conductance, chemical reactions are produced at the electrodes, and 
matter is transported to the electrodes. 

Both types of electric conductance involve the generation of more 
or less heat, depending on the electric resistance of the system. As a 
general rule the metallic conductors become less conducting at high 
temperatures, whereas the electrolytic conductors become more con¬ 
ducting. In the former case, the electrons find it more difficult to pass 
through the crystal lattice when the units of the lattice are in thermal 
agitation; and, in the latter case, the ions can move through the solu¬ 
tion more readily, because the viscosity is less, and the solvation of the 
ions is less. In some cases the number of ion carriers is changed by an 
increase in temperature. 

Electricity may be carried by electrons across an evacuated space as 
in an ordinary electron or radio tube. The electrons are emitted by a 
heated wire and drawn to a positively charged plate. Electricity may 
be carried also by means of gas ions, as in an electrical discharge. The 
gas ions are charged positively or negatively, and they move in a manner 
somewhat analogous to the movement of electrolytic ions. There are 
several points of difference, however. The gas ions may have several 
different charges, and there is little connection between the valence and 
the charge, whereas in electrolytic ions the charge is closely connected 

* The new values given in circular of the National Bureau of Standards C 459 are 
as follows: 


International Standards 
1 ohm 
1 volt 
1 ampere 
1 coulomb 
1 joule 


Absolute Values 
1.000496 absolute ohm 
1.000330 absolute volt 
0.999835 absolute ampere 
0.999835 absolute coulomb 
1.000165 absolute joule 


Formerly the international joule was considered as equal to 1.00020 absolute joules. 
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with the valence. The electrolytic ions are present before the electrodes 
are charged, the large energy required for ionization being supplied from 
the solvation of the ions. Most of the gas ions, however, are produced 
only after the electrodes are charged, the energy required for ionization 
being supplied by collisions of charged particles in the electric field. It 
is necessary to have a few gas ions to start with, but these are always 
present as a result of cosmic rays and traces of radioactive materials. 

Electrical resistance is directly proportional to the length of the 
conductor and inversely proportional to its cross section. The specific 
electrical resistance (the resistance of a cube 1 cm on an edge) of various 
materials is given for the sake of comparison in Table I. 

TABLE I 

Electrical ResTSTANcn': of Typical Conductors 


Material 

Temperature 

Specific Resistance, 
ohm-cm 

r 

Silver 

ir 

1.468 X 10-® 

Copper i 

0° 

1.561 X 10-* 

Aluminum 

0° 

2.564 X 10-« 

Iron 

0° 

9.070 X 10-“ 

Lead 

0° 

20.480 X 10-® 

Mercury 

0° 

95.85 X 10~« 

Fused NaNOa 

500 

0.568 

Fused ZnCb 

500° 

11.93 

lATKCl 

25° 

8.93 

0.001 M KCl 

25° 

6,810 

1 M acetic acid 

18° 

757.5 

0.001 M acetic acid 

18° 

24,400 

Water 

18° 

2.5 X lO"^ 

Xylene 

25° 

7 X 10^« 


In the neighborhood of absolute zero the resistance of metals becomes 
extremely low. The specific resistance of mercury at 3° K, for example, 
is less than lO"”® ohm. 

Measurement of Conductance of Solutions. In the Wheatstone 
bridge shown in Fig. 100, C is the cell containing the solution whose re¬ 
sistance is to be measured, and E is a resistance box. The resistance coil 
at ah is adjusted by rotating contacts so as to change the ratio ad/hd by 
multiples of ten. The resistance R is changed by turning dials which 
make contact with a varying number of coils of resistance wires. 
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Alternating current of about a thousand cycles, which gives a high 
mosquito-like noise in the telephone T is generated at A. A better type 
of cell for precision measurements is shown in the lower right-hand 
corner. Cells with long paths are better for concentrated solutions, and 
those with short paths are better 
for dilute solutions. 

Alternating current is necessary 
to prevent complications at the 
electrodes. Direct current pro¬ 
duces gas bubbles on the elec¬ 
trodes which greatly increase the 
resistance, and the current changes 
the concentration of electrolytes 
in the neighborhood of the elec¬ 
trodes. If the alternating current 
is not of a pure sine-wave type 
with positive and negative poten¬ 
tials exactly offsetting each other, 
it is necessary to platinize the 
electrodes. This coating adsorbs 
the gases and catalyzes their re¬ 
action. The current may be gen¬ 
erated with an electrically driven 
tuning fork or, better, with an 
oscillating circuit composed of 
radio tubes with proper capacities 
and inductances. 

In making a measurement of the unknown resistance C, the known 
resistance R and the resistance ratio ad and hd are adjusted until the 
sound in the telephone is barely audible, that is, the sound is at a min¬ 
imum. Then the two terminals of the telephone are at the same po¬ 
tential, and the potential drop E across the different parts of the bridge 
must be such that Ec = Er and Ead = Em^ Moreover, since the drop 
in potential E is equal to the current I multiplied by the resistance 

IcC = IrR and ladod = 

Dividing the first equation by the second gives 

IcC IrR 

-=- ( 2 ) 

Iad<^ Ihjdd 

Furthermore, Ir — Ibd and Ic = lad, since the current flowing through 
the two resistances in series must be the same in each resistance when 


A 



Fig. 100. Wheatstone bridge and coll for 
determining the electric conductance of 
solutions. 
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no current flows through the telephone, 
equalities in equation 2, we have 


or 


C R 
ad bd 
C __ad 
R~bd 


Then canceling out these 


(3) 


This is the fundamental formula for the use of the Wheatstone bridge. 
In modern bridges the ratio ad/hd is arranged to give only 0.01, 0.1, 1, 
10, 100, etc., so that no numerical calculations are necessary. 

Specific and Equivalent Conductance. The specific resistance of an 
electrolyte may be defined as the resistance in ohms of a column of 
solution 1 cm long and 1 sq cm in cross section. The specific conduct¬ 
ance L is the reciprocal of the specific resistance. It is expressed in 
reciprocal ohms, sometimes called mhos. The units of specific conduct¬ 
ance are ohm~^ cm“^ 

The equivalent conductance A is obtained by multiplying the specific 
conductance L by the volume V in milliliters* which contains 1 gram 
equivalent of solute, that is, by 1000/c where c is the number of gram 
equivalents per liter. 

lOOOL „ 

\ z= VL = -cm*^ equiv ohm cm 

c 


lOOOL 

c 


= cm^ equiv ^ ohm ^ 


♦ 


(4) 


These relations may be illustrated by imagining a cell 1 cm square 
and indefinitely high. Two opposite walls are of conducting metal which 
act as electrodes. When the cell is filled to a height of 1 cm, the con¬ 
ductance measured is the specific conductance. When the cell is filled 
with a given volume V of solution which contains 1 gram equivalent of 
a dissolved electrolyte, the solution will stand V centimeters high in the 
cell, and the conductance measured under these conditions will be the 
equivalent conductance. 

The term molar conductance is defined as in equation 4 except that the 
concentration is given in moles per liter instead of gram equivalents 
per liter. 

In determining specific resistance it would be troublesome to prepare 
a cell having electrodes exactly 1 cm^ in area and exactly 1 cm apart. 

* There is a slight inaccuracy here involving the small difference between ml and 
cm®. In electric-conductance measurements, the cubic centimeter is often used in 
preference to the milliUter. 
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However, it is not necessary to do this, because it is possible to deter¬ 
mine a factor, called the cell constant. The cell constant of any cell is 
determined experimentally with a standard solution of known specific 
conductance. Measurements on any other solution may then be con¬ 
verted directly into specific conductances. A 0 . 0200 -molar solution of 
potassium chloride is generally used for the determination of the cell 
constant. It has the following specific conductances: 

Li 8 o = 0.002394 and L 250 = 0.002708 ohm“^ cm“^ * 


If r is the resistance of the cell, Avhen filled with 0.0200 molar potassium 
chloride, 1 /r is the conductance, and the specific conductance L is equal 
to /c(l/r), where k is the proportionality constant or cell constant, whic^h 
converts conductance, as measured in a given cell, into specific con¬ 
ductance. 

Then , ^ 

k — Lr (5) 


When a cell is filled with 0.0200-molar potassium chloride at 25°, 

k = 0.002768r 


When th(i c^ell constant k has been dt^termined, the specific conductance 
of any solution is obtained from the measured resistance r by the rela¬ 
tion, , 

i-- (0) 

r 

Example 1 . When a certain conductance cell was filled with 0.02 M KCl, it 
had a resistance of 82,4 ohms at 25° as measured with a Wheatstone bridge; 
and, when filled with 0,0050 N K 2 SO 4 , it had a resistance of 326 ohms. 

(a) What is the cell constant? 

k - 0.002768 X 82.4 = 0.2281 


(6) Wliat is the s])ecific; conductance L of the potassium sulfate solution? 


L 



0 . 2 ^ 

326 


= 0.0006997 


(c) What is the equivalent conductance? 

A = 0.0006997 X = 139.9 cm^ equiv~^ ohm"”^ 

c 0.0050 


* The data of Jones and Bradshaw, /. Am. Chem. Soc., 66, 1780 (1933) are often 
taken as the standard for exact work in electrolytic conductance. When 0.745263 g 
of pure potassium chloride is weighed out into pure water to give 1000 g of solution 
(corrected to vacuum), the specific conductances are as follows: 0°, 0.0007736; 18®, 
0.0012205; 25°, 0.0014087 ohra“"^. This solution contains 0.01 mole per cubic deci 
meter (which differs very slightly from a liter). 
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Conductance of Different Electrol 3 rtes. Table II gives the specific 
and equivalent conductances of aqueous solutions of potassium chlo¬ 
ride at 25°. 

TABLE II 

Conductance of Potassium Chloride at 25° 


Equivalents 
per liter 
c 

Dilution, 

ml per Equivalent, 
V 

Specific 

Conductance, 

L 

Equivalent 

Conductance, 

A 

1 

1,000 

0.1119 

111.9 

0.1 

10,000 

0.01289 

128.9 

0.01 

100,000 

0.001413 

141.3 

0.001 

10® 

0.0001469 

146.9 

0.0001 

10^ 

0.00001489 

148.9 


It may be oliserved that, when the volume is increased tenfold and the 
number of equivalents per milliliter is decreased to one tenth, the specific 
conductance decreases nearly but not quite to one-tenth its value. The 
equivalent conductance, on the other hand, changes only slightly but 
does increase and approach a limiting value at greater dilutions. 

In very dilute solutions of potassium chloride there is no appreciable 
change in equivalent conductance when the solution is diluted with an 
equal volume of water. Although the volume is doubled and the number 
of ions per milliliter is halved, the total number of ion carriers between 
the tall electrodes is still the same. In more concentrated solutions of 
potassium chloride, however, the equivalent conductance increases on 
dilution, because the ions move faster when they are farther apart and 
are not held back by the ions of opposite charge which they tend to drag 
along. 

In solutions of acetic acid the situation is quite different, and the 
equivalent conductance increases markedly on dilution, because the 
solute dissociates more at the greater dilution giving a considerable 
increase in the total number of ions, that is, the number of the carriers 
of electricity. 

Electrolytes may be divided into two general classes: the strong elec¬ 
trolytes, such as potassium chloride, with high conductances and slight 
increases on dilution; and weak electrolytes, such as acetic acid, with low 
conductances and larger increases in conductance on dilution. In gen¬ 
eral, the strong electrolytes include many inorganic acids such as hydro¬ 
chloric and sulfuric acid, most salts, and the alkaline hydroxides. The 
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weak electrolytes, on the other hand, include the carboxylic acids and 
many organic acids and bases. There are of course a great many elec¬ 
trolytes which fall between these two extremes and have properties inter¬ 
mediate between strong electrolytes and weak electrolytes. 

Table III gives the equivalent conductances of several typical elec¬ 
trolytes, from normal down to so-called “zero^^ concentration. For these 

TABLE III 

Equivalent Conductances of Electkolytes at 25° 


Equiva¬ 
lents 
per liter 
(V) 

• 

NaCl 

KCl 

HCl 

NaOH 

AgNOa 

CaCJ 2 

LaCla 

NaC'iHsO' 

HCaHsOz' 

0.0000 

126.5 

149.0 

! 

426.1 

248 i 

1.33.4 

1.35.8 

145.9 

91.0 

(.390.7) 

0.0(X)5 

124.5 

147.8 

422.7 

246 

131.4 

131.9 

139.6 

89.2 

67.7 

0.001 

123.7 

146.9 

421.4 

245 

1.30.5 

130.4 

137.0 

88.5 

49.2 

0.005 

120.0 

143.5 

415.8 

240 

127.2 

124.2 

127.5 

85.7 

22.9 

0.01 

118.5 

141.3 

412.0 

237 

124.8 

120.4 

121.8 

83.8 

16.3 

0.02 

115.8 

138.3 

407.2 

233 

121.4 

115.6 

115.3 

81.2 

11.6 

0.05 

111.1 

133.4 

399.1 

227 

115.2 

108.5 

106.2 

76.9 

7.4 

0.10 

106.7 

129.0 

391.3 

221 

109.1 

102.5 

99.1 

72.8 

5.2 


^ Acetic acid is a weak electrolyte, and the conductance at infinite dilution is obtained by indirect 
methods. All the other electrolytes given in the table are strong electrolytes. 


electrolytes it may be observed that the equivalent conductance in¬ 
creases with the dilution of the solution until a limiting value Aq is 
reached. It is important to bear in mind that, although Ao is frequently 
referred to as the conductance at infinite dilution, it is by no means iden¬ 
tical with the conductance of the pure solvent. In fact it is necessary 
in accurate work, particularly at low concentrations, to subtract the 
conductance of the solvent from that of the solution in order to obtain 
the conductance due to the electrolyte. Thus, 

-'^solute -^solution -^solvent (^) 

The purest water has a specific resistance of about 20 million ohms, 
but it is difficult to obtain water with much over a million ohms specific 
resistance because of the absorption of carbon dioxide and other gases 
from the atmosphere and of alkali and other electrolytes from the glass- 
containing vessel. Ordinary distilled water in equilibrium with air has 
a specific resistance of only about 100,000 ohms. 

Conductance data are shown graphically in Fig, 101, where it may be 
noted that the equivalent conductance of the strong electrolytes such as 
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hydrochloric acid reaches a limiting value at the higher dilutions. The 
weak eIectroIyt.es, such as acetic acid, however, do not reach such a limit- 



Volume in Liters containing One Gram Equivalent 


Fig. 101. lOquivalent, ('onductanre of a 
weak electrolyte, acetic acid, and a strong 
electrolyte, hydrochloric acid, at different 
dilutions. 

lyte, on the other hand, gives steep ci 


ing value within regions which can 
be studied experimentally. Below 
concentrations of 0.0001 molar the 
eonducdance of the solvent itself be¬ 
comes relatively large, and traces 
of carbon dioxide or ammonia from 
the air, or alkali from the glass, in¬ 
troduce large errors. 

When the ecpiivalent conduci- 
ance of strong electrolytes is plotted 
against the square root of the con¬ 
centration, the line is nearly straiglit 
at the low concentrations as shown 
in Fig. 102. Extrapolation of this 
line to infinite dilution gives an ac¬ 
curate value of Ao. A weak electro- 
rves which can be extrapolated to in¬ 


finite dilution only with great difficulties and inaccuracies. Values at 



Fig. 102. Equivalent conductance of typical electrolytes plotted against the square 

root of the concentrations. 
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infinite dilution must be determined indirectly, as shown on page 416. 
This equivalent conductance at infinite dilution is important in calculat¬ 
ing the degree of dissociation of a weak electrolyte, as indicated on page 
484. 

The equivalent conductance of electrolytes increases with temperature 
owing to the increased mobility. Typical of this temperature effect are 
the conductances of potassium chloride and silver nitrate shown in 
Table IV. 

TABLE IV 

Equivalent Conihjctanc’es in Water at Different Tempeuatitre.s 



(^oiicc'ntration 

0^ 


100° 

140° 

156° 

218° 

306° 


O.OSA' 

72.3 

113.5 

341.5 

455 



720 

KCl 

0.(K)2.V 

79.6 

126.3 

393 

534 



1008 

AgNO« 

O.OSA' 


96.5 

294 


432 

552 

604 


Electrolysis. Thus far we have considered some of the factors in¬ 
volved in the conductance of solutions due to the movement of elec¬ 
trically charge^d ions when two charged electrodes are placed in a solu¬ 
tion of the ions. Before proceeding further, we must examine the changes 
which take place at the electrodes while the ions are carrying the cur¬ 
rent. 

The two conducting pieces of metal, which serve as electrodes, dip 
into the solution of electrolyte and are charged negatively and pos¬ 
itively by being connected to a dynamo or an electric battery. Units of 
electricity, the negative electrons, are drawn by the dynamo from one 
electrode and fed into the other. If a battery is used, the chemical re¬ 
actions of the battery remove electrons from one electrode and supply 
them to the other electrode. The electrode to which the extra electrons 
are fed becomes negatively charged and attracts the positive ions. This 
negative electrode through which negative electrons are fed into the 
electrolytic solution is called the cathode, and the positive ions which 
migrate to it and remove the electrons are called cations. The other 
electrode is positively charged, and it attracts the negative ions and re¬ 
moves their electrons. It is called the anode, and the ions which move 
toward it are called anions. At the anode a stream of electrons is dis¬ 
charged from the negative ions in the solution to the electrode and, 
thence, into the electric circuit. 
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The removal or addition of electrons is a matter of the utmost im¬ 
portance, not only in electrolysis but also in many chemical reactions. 

The removal of electrons is oxidation. It occurs at the anode. 

The addition of electrons is reduction. It occurs at the cathode. 

Thus, in electrolysis, ferric ions are reduced to ferrous ions at the 
cathode: 

Fe+'^"+ + c = Fe+"^ 

and ferrous ions are oxidized to ferric ions at the anode: 

Fe++ = + e 

Usually there are several different kinds of ions around each electrode 
competing for electrons at the cathode and competing for an opportunity 
to give up electrons at the anode. Furthermore, it is quite likely that 
one or more secondary reactions will follow the primary electrode re¬ 
action in which there is a transfer of an electron. Some chemical ex¬ 
perience is necessary in order to predict what will happen. For example, 
if chlorine is liberated in an alkaline solution, hypochlorite or chlorate 
may be formed. If chlorine is liberated on a silver anode, silver chloride 
is formed. 

If a copper anode is used in the electrolysis of a solution of cupric 
chloride, the copper will simply go into solution and take the j^lace of the 
copper which goes out of solution at the cathode. If a platinum anode 
is used, the platinum cannot go into solution, and oxygen is liberated 
from the water. When several different ions are competing for the trans¬ 
fer of an electron, several possibilities occur, depending on the con¬ 
centration and on the energies involved. If there are no easily reducible 
cations around the cathode, hydrogen will be produced from the hy¬ 
drogen ions of water leaving an excess of hydroxyl ions, and, if there are 
no easily oxidizable anions around the anode, the hydroxyl ions will be 
removed with the formation of oxygen. Under certain conditions these 
reactions lead to an alkaline reaction at the cathode and an acid re¬ 
action at the anode, thus explaining the common litmus paper test used 
to determine whether a given electrode is positive or negative. Litmus 
turns blue at the cathode due to the alkaline reaction and it turns red 
at the anode. 

In Table V are listed several reactions which are typical of the mech¬ 
anisms by which changes take place during electrolysis. The electron 
is designated by e. 

These changes occur when direct current is passed in the same direction 
from one electrode to the other through the cell. When the direction of 
the current is reversed rapidly, that is, 60 times per second, the products 
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given by these reactions do not have a chance to accumulate before they 
are removed again. In experiments dealing with the conductance of the 
solution, alternating current is generally used in order to eliminate 
chemical reactions at the electrodes which change the resistance of the 
cell as a whole. In experiments dealing with electrolysis at the electrodes 
it is obviously necessary to use direct current. 

TABLE V 

Typical Elecitkolysis Reactions 


Eloc^trolyte 

Electrodes 

Cathode Reaction 

H2O 

Platinum 

|[+ + e = §H2 

AgNOs 

Silver 

Ag+ -f c = Ag 

AgNOs 

Platinum 

Ag+ + <" = Ag 

l^e2(S( >4)3 

Platinum 

F(‘+++ + « = Fe+ + 

FeS 04 

Platinum 

H-* + e = IH2 

Nal 

Platinum 

le + e = 

Nal 

Silver 

11 + + = fll2 

PbCl2 

Platinum 

Pb+^ + 2 c = Pb 


Anode Reaction 


on- - c - IO 2 + ^1120 
Ag - c = Ag+ 

OH " — c = 1^02 “h iH 20 
OH- - e = JO2 -f I1I2O 

FcO -4 _ c - Fe'^++ 

1- _ e - II 2 

I- ~ e = Agl 

cr - c = ICI2 
OH- - c = JO2 4 - llhO 


Faraday’s Law. Faraday studied these phenomena of electrolysis 
with clear insight and announced in 1834 that for the same electrolyte 
the weight of material reacting in electrolysis is proportional to the 
(quantity of electricity flowing; and that for a given quantity of elec¬ 
tricity the weights of different substances liberated are proportional to 
the weights of their chemical equivalents. 

Faraday^s law ma}^ now be stated as follows: 

In electrolysisy 96,500 coulombs of electricity produce a chemical change 
of 1 gram-equivalent. For example, 96,500 coulombs (or ampere-seconds) 
will liberate 1.0080 g of hydrogen, and it will deposit from solution 
107.88 g of silver, 63.54/2 g of copper from cupric salts, and 197.2/3 g 
of gold from auric solutions. The name faraday and the symbol F are 
given to this important quantity of electricity. 

This law is one of the most exact laws in physical chemistry; it has 
been found to hold at low and high temperatures, in dilute and con¬ 
centrated solutions, at various pressures and in different solvents. When 
the law does not appear to hold, it can usually be shown that secondary 
chemical reactions are obscuring the primary electron-transferring re¬ 
action at the electrode to which the law is intended to apply. 
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Faraday^s law can be clearly understood with the help of the hy¬ 
pothesis that atoms are composed of positive nuclei surrounded by 
negative electrons. When an electron is removed from an atom, the 
remaining ion is positively charged. When an extra electron becomes at¬ 
tached to an atom, a negative ion is produced. If the ions are bivalent, 
two electrons are involved. 

When cupric chloride is dissolved in water, each of the two chloride 
ions holds an extra electron obtained originally from a copper atom 
which then becomes a divalent positive ion. Every time two electrons 
are supplied to the cathode, they become attached to one of the cupric 
ions which happens to l)e in contact with the cathode; an atom of copper 
is formed by the addition of two electrons to the cupric ion, which then 
deposits on the electrode. For every electron supplied to the cathode, 
one electron is withdrawn from the anode, and so it is obvious that the 
same amount of electrochemical action must occur at each electrode. 
At the anode the electrons are taken from the chloride ions in contact 
with the anode. 

F]lectrol.ysis involves, then, a transfer of electrons betwc^en the elec- 
ti'odes and the surrounding ions, and Faraday’s law is simply the result 
of counting off one electron for each univalent atom, or two electrons 
for each divalent ion, et(^ Ea(;h gram atom of a univalent element con¬ 
tains 6.0235 X 10^^ atoms, and, accordingly, it will take 6.0235 X 10^^ 
electrons to deposit 1 gram atom in electrolysis. The charge on the 
electron is 1.6020 X 10“"^^ coulomb (Chapter XXT), and so the coulombs 
required to electrolyze a gram atom of a univalent ion are 

6.0235 X 10^^ X 1.6020 X 10“^® = 96,496 (8) 

This number is in agreement with the value already given. As a matter 
of fact, the experimental determination of the value of the faraday and 
the charge on the electron provide one of our best means for determining 
the value for the Avogadro number, 6.0235 X 10^^. 

Since Faraday’s law involves only a counting process, it is evident 
why the law is so exact. Its accuracy is limited only by the accuracy of 
measuring the chemical change and the quantity of electricity. 

Not only does Faraday’s law provide a means for calculating the 
amount of electrochemical reaction during electrolysis, but it provides 
also a means for determining the quantity of electricity which has passed 
through a circuit from a measurement of the amount of electrochemical 
reaction. Even though the current may fluctuate over wide ranges, the 
total quantity of electricity in coulombs or ampere-seconds which has 
passed can be determined chemically in a coulometer. The silver cou- 
lometer, in which silver is deposited from a solution of silver nitrate and 
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weighed on a platinum cathode, is perhaps the most accurate. Usually 
a weighed platinum dish holds the solution and serves as the cathode. 
Other types of coulometers depend on the weight of copper deposited, 
the amount of oxygen and hydrogen liberated, the volume of mercury 
produced from a mercury salt, or the quantity of iodine liberated at the 
anode and titrated. 


Example 2. A current of 0.100 ampere is passed through a copper sulfate 
solution for 10 minutes using [>latinum electrodes. 

(a) Calculate the number of grams of copper deposited at the cathode. 


10 X 60 X 0.100 _ 03.54 

96,500 2 ^ 

(6) Calculate the number of atoms deposited. 

X J X X KP - 0.1«72 X U.- 

96,500 2 

('•) CalcHilate the volume of oxygen liberated at the anode at 25° and 740 mm. 


10 X 60 X 0.100 y 82.05 X 298.1 
'9630^^^ ^ 32 ^ Ifa 


3.92 ml 


Migration of Ions. The current is carried through the wire by elec¬ 
trons, but it is carried through the solution by positive ions moving 
toward the cathode and by negative ions moving toward the anode. It 
is not necessary that the two ions carry the same fractions of the cur¬ 
rent even though they may have the same valence. The fraction of the 
current carried through the solution is a function of the relative velocities 
with which the cation and the anion move. The ions which move faster 
carry the larger quantity of electricity through the solution in a given 
time, that is, they carry the larger fraction of the current. If Vc is the 
velocity of the cation and Va is the velocity of the anion, then the trans¬ 
ference number Uc of the cation is the fraction of the current carried by 
the cation as given by the following equation: 


current carried by cation Vc 

total current Vc + Va 


(9) 


Likewise, the transference number of the anion Ua is equal to Va/{vc + 
Va). It is obvious that 


= 1 


These fractions, Ua and ric, called the transference numbers, were first in 
vestigated by Hittorf in 1853. 
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During electrolysis the concentration around the two electrodes is 
changed both by the chemical changes taking place at the electrodes 
and by the migration of cations and anions. The way in which these 
changes are effected is illustrated diagrammatically in Fig. 103. The 
solution undergoing elec^trolysis is divided into three compartments with 
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Fig. 103. Schematic representation of change in conc(‘nt rat ions produced in the 
neighborhood of electrodes by j)assage of (dcnd-ric current. 

imaginary partitions. The concentration is uniform throughout the 
vessel before the electrolysis, and it is assumed for the sake of discussion 
that there are seven positive and seven negative ions in each compart¬ 
ment and that the current is passed long enougli to deposit six ions. Six 
electrons are removed from the anode and supplied to the cathode, and 
accordingly six cations are discharged at the cathode, and six anions are 
discharged at the anode. 

In the first case shown in Fig. 103 it is assumed that the cations and 
anions have the same velocity and each carries half the current. Ac¬ 
cordingly, three positive charges are carried between the electrodes by 
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the cations, and three negative charges are carried in the opposite direc¬ 
tion by the anions. The movement of the ions is indicated by dotted 
lines in lA and the net result is shown in IB. Six cations have been 
deposited at the cathode, three have moved into the cathode compart¬ 
ment from the middle compartment, and three have moved into the 
middle cornpartmcait from the anode compartment. Similar changes 
have occurnKl with the anions. The net result of migration and elec¬ 
trolysis is to decrc'ase the conctentration in the neighborhood of the elec¬ 
trodes from seven to four and to leave the concentration unchanged in 
the middle compartment. 

When the transference numbers of the two ions are not equal, the 
(diange in con(*enti-ation is ditfercnt at the two electrodes, as shown at 
IIA and IIB. In hydrochloric acid, for example, the hydrogen ion 
travels about five times as fast as the chloride ion, and, at room temper¬ 
ature, Uc = 0.83 and iia = 0.17. Six ions are discharged at each elec¬ 
trode as before', but in this (;ase five sixths of the current is carried by the 
hydrogen ion and one sixth Ijy the chloride ion. The changes are in- 
diejated by dotted lines and arrows in IIA, and the not result is shown in 
IIB. Six hydrogen ions are discharged at the cathode, but five move in 
from tlu^ middle (compartment, giving a net loss of one hydrogen ion. 
There is also a loss of one chloride ion due to migration. Six chloride 
ions are disccharged at the anoch', but only one migrates into the anode 
coinyjartment, and the lU't loss around the anode is five. There is also 
a loss of five hydrogen ions, owing to migration toward the cathode. 

Transference Numbers by Change in Concentration. If the cation 
moves faster than the anion, it will cany a larger fi’action of the cur¬ 
rent, and it will tend to increase in concentration around the cathode. 
Designating a gram equivalent by e the cliange in concentration at the 
cathode which is due to migration, Aenugration, divided by the total 
number of faradays of electricity, vF^ passed through the cell is a measure 
of the fraction of the current (carried by the cation. Thus, for the cation, 



and, in a simihu' way for the anion, 


^migration of anion 


where v, the total number of faradays is equal to the sum of the number 
of equivalents of cation and anion migrating. The concentration of the 
electrolyte in the neighborhood of an electrode depends not only on 
the migration of the ions but also on the electrochemical changes 
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taking place at the electrode. Thus the total change egnai — ^initial or Ac 
is given by ihe expression, 


Ac ^ ^migration 


or 


Ac, 


migration 


Ac - Ac. 


Select lolysiK 


( 11 ) 


Ac, which may have either a positive or a negative value, is determined 
by analyzing the solution around the electrode before and after elec¬ 
trolysis. 

The quant it}" vF is calculated from coulometer determinations or, 
less accurately, from measurements of amperes and seconds. The 
quantity Aceiectroiysis is calculated from vF and a knowledge of the chem¬ 
ical reaction taking place at the electrexie. If the ion is deposited at the 
electrode, its concentration will decrease, and Ac^iectioiysis a negative 
value. Acniipration is tlicu Calculated by equation 11 and or Ua is calcula¬ 
ted by equation 10. In calculating transference numbers the number of 
gram equivalents per gram of water is multiplied by the number of 
grams of water taken in the sample. The sample must be large enough 
to include all the solution in the neighborhood of the electrode. Usually 
the electrode is placed in a compartment from which the solution can 
be drained and analyzed. The quantity Ae is determined by subtracting 
the number of equivalents contained in a given weight of water from the 
number of equivalents originally present before electrolysis in exactly 
the same weight of water. A determination of the equivalents per volume 
of solution does not give accurate results, because the concentration and, 
hence, the density of the solution changes during the electrolysis. 


Example 3. An aqueous solution of copper sulfate was electrolyzed between 
copper electrodes. On the cathode 0.3000 g of copper was deposited. The 
solution in the anode compartment contained 1.4300 g of copper after elec¬ 
trolysis, and the same weight of water originally contained 1.2140 g before 
electrolysis. Calculate the transference numbers of the ions. 

Ae = €ftnai — Cinitial 

For the Cu with an equivalent weight of 63.54/2 or 31.77, 

1.430 1.2140 0.216 
”31.77 31.77 ” 31.77 

total increase of copper in the anode compartment 
0.300 
31.77 

increase of copper in the anode compartment coming from anode 
0 300 

■r ' - "—;i == equivalent of electricity passed tlirough the cell 
0I.77 


A€ - 


A^electrolysls 

and 

vF = 
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Then, 


A - A ^ 

^^mlgratlon ^^eloctrolysla fjj 


0.084 

31.77 


There has been a change of 0.084/31.77 equivalents due to migration. The 
negative sign of Acnj,gration indicates that copper ions have migrated out of the 
anode compartment, 

0.084 

A^migratlon _ 31.77 


nr.„++ 


vF 


and 


0.300 

31.77 


= 0.28 


'‘' 804 “ 


= 1 - 0.28 = 0.72 


Table VI gives the transference numbers of the cations of several 
typical electrolytes, at different concentrations. The transference num- 


TABLE VI 

Transference Numbers of Cations at 25° 


Electrolyte 

0.01 N 1 

0.05 N 

0.1 N 

Electrolyte 

0.01 N i 

0.05 A" 

0.1 N 

HCl 

0.825 

0.829 

0.831 

AgN 03 

0.465 

0.466 

0.468 

NaC2H302 

0.554 

0.557 

0.559 

LaCls 

0.462 

0.448 

0.437 

KN()3 

0.508 

0,509 

0.510 

K 3 Fe(CN )6 

0.431 

0.439 

0.441 

NH 4 CI 

0.491 

0.491 

0.491 

CaCl 2 

0.426 

0.414 

0.406 

KCl 

0.490 

0,490 

0.490 

NaCl 

0.392 

0.388 

0.385 

KBr 

0.483 

0.483 

0.483 

LiCl 

0.329 

0.321 

0.317 


* Ecjuivalents per liter. 


bers of the corresponding anions can be found by subtracting the trans¬ 
ference numbers of the cations from unity. 

The transference numbers vary slightly with the concentration. They 
depend on the relative ionic diameters and particularly on the extent to 
which the ions are solvated. Those ions which are extensively solvated, 
such as calcium and lithium, move slowly on account of the extra solvent 
molecules which they must drag along, and, accordingly, they have 
small transference numbers. 

The fact that ions are hydrated may be shown by an experiment on 
transference numbers in which sugar is added to the solution.* The 
sugar is not moved b}^ the potential gradient, but, when the solution 
around the electrodes is extunined with a polarimeter, the concentration 

Washburn and Millard, J, Am. Chem. Soc.^ 37, 694 (1916). 
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of sugar becomes less in the compartment into which the hydrated ions 
migrate. The solution becomes diluted by the water dragged along with 
the ions. 

Hydrogen ions and hydroxyl ions possess abnormally high velocities 
in water, possibly because the protcm can be transferred from molecule 
to molecule. 

Ionic Mobilities. The absolute velocity of ions may be determined 
directly by measuring the distance travelcnl in a given period of time 
under a definite potential gradient. A^ohition of one electrolyte is care¬ 
fully floated on top of another in a long vertical tube of uniform diameter. 
A line of demarkation betwc^en a colored and a colorless solution pro¬ 
vides the simj:)lest means of observation, but uncolored ions may be 
traced by the absorption of ultiiiviolet light or by the distortion of a 
scale viewed through the boundary betwecai the two liquids where there 
is an abrupt change in refractive index. In ordca- to keep the boundary 
sharp the two ions arc^ choscm so that the slowcir ion follows the faster 
ion. Mechanical stirring is avoided by selecting electrodes which will 
give no evcflution of gas. 

The velocities of ions are summarized in Table VTT where the mo¬ 
bilities are givcm in cuaitimeters per second at 25° under a potential 
gradient of 1 volt per centimeter. 

TABLE VII 
Ionic Mobilities at 25° 


Ion 

Mobility 

Ion 

Mobility 

Ion 

Mobility 

loii 

Mobility 

11 

0.00302 

ci- 

0.00079 

Ba++ 

0.00060 

llCOs” 

0.00046 

OH- 

0.00205 


0.00070 

Cr2()7 

0.00054 

Li+ 

0.00040 

SO 4 

0.00083 

NO 3 - 

0.00074 

Na+ 

0.00052 

011 -+ + 

0.00036 


It may be noted that, aside from tin' hydrogen and hydroxyl ions, 
most of the ions have velocities of the order of 3 to 8 X 10“"^ cm per 
second or about 2 cm per hour at 25° under a potential gradient of 1 
volt per centimeter. 

Transference Numbers by Moving Boundary.* Transference num¬ 
bers may be determined in a manner similar to that just described for 

* Macinnes, ^Tho Principles of Electrochemistry,” Reinhold Publishing Corp., 
New York, 1939, Chapter 4. 
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measuring ionic mobilities. As shown in Fig. 104, two solutions with 
different colors or different refractive indices are placed in a tube which 
is graduated in fractions of millilitf^s. When a difference in potential is 
applied to the electrodes, the movement of the boundary B is observed, 
and the volume swept out by the moving 
ion is recorded.* In Fig. 104 the upper 
(dectrode is of silver-silver chloride and the 
lower electrode is of (‘.admiuin. The tube is 
filled with hydrochloric acid and an indi¬ 
cator. When the circuit is closed, the fast 
hydrogcm ions move upward, followed by 
the slower cadmium ions produced at the 
anode, and the acid color of the indicator 
marks shar])!}^ the boundary between the 
two. The current of about 0.010 ampere is 
kept constant l)y regulating the adjustable 
rheostat. 

If c equivalents of the electrolyte (hydro¬ 
chloric acid in this case) is dissolved in a 
liter of solution, the volume in milliliters 
containing 1 gram ('X|uivalent is 1000/c. 

When 1 faraday F of electricity passes 
through the solution, there will be a move¬ 
ment of 1 (xiuivalent of electrolyte, or 
1000/c ml of solution. Of this volume of 
solution 71^(1000/c) ml will be swe]’)t out by 
the cation and na(1000/c) ml by the anion. 

If a smaller quantity of electricity / is 
passed, a smaller volume, v milliliters, Avill be swept out by the cation 
and measured in the graduated tube. Then, 



Fig. 104. Apparatus for do- 
terniiniiig transf(T('iice iium- 
bc.Ts by a moving boundary. 


/ _ 

F "" 7i,(1000/c) 


( 12 ) 


Since the current is kept constant, the number of coulombs / is equal 
to the time t in seconds multiplied by the current i in amperes. Then, 


vFc 

lOOOif 


(13) 


A similar formula may be derived for the anion. 

* Macinnes and Dmgsworth, /. Am. Chem. Soc.y 60, 3070 (1938); Longsworth, 
J. Chem. Educaiioriy 11, 420 (1934). 
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Example 4- a vertical moving boundary apparatus for transference 
numbers the cathode was placed at the top. The anode at the bottom was 
surrounded by lithium chloride; on top of this solution was sodium chloride solu¬ 
tion, and on top of that was sodium acetate surrounding the cathode. The 
sodium ion moves faster than the lithium ion, and the chloride ion moves faster 
than the acetate ion. If the chloride-acetate boundary moved down 8.06 mm 
while the sodium-lithium boundary moved up 4.94 mm, calculate the transfer¬ 
ence numbers of chloride and sodium ions. Sin(;e the charge on each ion, the 
current, the time, the cross section of the tube, and the concentration were the 
same for the two ions. 


8.06 

8^-f4d)4 


0.62 and Uc 


4.04 

4.04 -f 8.06 


0.38 


Ionic Conductances. As early as 1875 Ivohlrauseh examined the 
equivalent conductances of many different electrolytes and came to the 
conclusion that at infinite dilution the ions behave independently, so 
that the ecjuivalent conductance of the electrolyte Aq is e(]ual to the sum 
of the eciuivalent conductances of the cations Z(),c and anions Zo,a, thus: 


Ao — Zo,c + U 


Oja 


(14) 


This law of Kohlrausch is supported, for example, by the fact that 
Aq, KCi ““ Ao, NaCi = 149.9 — 120.5 = 23.4 cm^ equiv“^ ohm~^ 
Ao, Ki — Ao, Nai = 150.3 •— 120.9 = 23.4 cm^ equiv~^ ohm"~^ 


This constant difference of about 23.4 is always found bedween a potas¬ 
sium and a sodium salt of the same acid at infinite dilution. It is easily 
explained on the basis that the conductance of the potassium ion is 23.4 
more than that of the sodium ion, that the anion is the same in both 
cases, and that the conductance depends only on the presence of the in¬ 
dependent ions. 

Kohlrausch^s law is useful in calculating the equivalent conductance 
at infinite dilution of the weak electrolytes whi(4i cannot be determined 
by direct extrapolation. 


Example 5, Calculate the eciuivaleiit conductance of acetic acid at infinite 
dilution at 25°. Extrapolation gives the following values at infinite dilution, 

Ao, nci= 426.1; Aq, NaC 2 H 302 ~ 91.0; Aq, Naci — 126.5 
(Zo. H"** + Zq, c 1 ~) "b (^ 0 , Na+ + ^ 0 . C2H302~) (^ 0 , Na+ + Zq, c 1 “) “ ^ 0 , + Zo, 0211302 " 

Aq, HCl + Aq, NaC2H802 Aq, “ Aq, HC2H3O2 
Ao, HC 2 n 302 == 426.1 H- 91.0 — 126.5 == 390.6 cm^ equiv*"^ ohm""^ 

The method of differences illustrated in this problem gives the equiv¬ 
alent conductances of a weak electrolyte, but it does not permit a cal¬ 
culation of the individual ionic conductances. They may be calculated, 
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however, with the help of the transference numbers. The transference 
number is the fraction of the total current carried by the given ion, 
which, in turn, is the ratio of the conductance of the ion to the con¬ 
ductance of all the ions, that is, to the conductance of the electrolyte. 

Thus, 


h ^ k 

Ic la A 


(15) 


and 


Also, 


Ic = Uc X A (16) 

la ~ X A 


With equations 14 and 16 it is possible to determine the equivalent 
conductances at infinite dilution of weak electrolytes. 

Example C. Calculate Ao for acetic acid at 25° at infinite dilution, using the 
data of Tables III and VI. 

K h ‘' no, c X A(,. „ci - 0.82 * X 420.1 - 349.4 
Iq, C 2 Ha 02 “ ~ a X Ao. Na(’ 2 n.i 02 ~ 0.45* X 91.0 = 40.9 
Ao, UC 2113 O 2 ~ h, “h Iq, C 2 ii 302 ~ “ 390.3 

When the conductance of one ion at infinite dilution is determined, 
others may be obtained from the equivalent conductances of the elec¬ 
trolytes by simple subtraction, using eiiuatitni 14. An average of several 
chlorides gives Aq, cr 70.3 olim“^ ern^'(‘(|uiv”^ Then, for example, 

l{), “ Aq^ — lo, Cl"* * 149.9 — 4 6.3 = 73.6 


In this way Table VHT has been constructed. 


TABLK VIII 

loNK^ CoNI)TI(’TAN(’ES AT INFINITE DILUTION AT 25° 


Cations 

Ic 

a 

AnioiLS 

la 

a 

11 + 

349.8 i 

0,014 

OH- 

198 

0.016 

K+ 

73.5 

0.019 

|Fe(CN)6- 

101.0 


NH4+ 

73.4 

0.019 


79.8 

0.020 

-|La+++ 

69.6 


Br- 

78.4 

0.019 

|Ba++ 

63.6 

0.020 

1“ 

76.8 

0.019 

Ag+ 

61.9 

0.020 

ci- 

76.3 

0.019 

^Ca++ 

59.5 

0.021 

NOs” 

71.4 

0.018 

|Mg++ 

53.1 

0.022 

HCO3- 

44.5 


Na+ 

Li+ 

50.1 

38.7 

0.021 

0.023 

1 

CallgOa" 

40.9 



* Extrapolated values. 
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With this table it is easy to calculate equivalent conductances of man^^ 
different electrolytes at infinite dilution, or to calculate transference 
numbers. 

The temperature coefficient is given under the columns a, where a is 
defined by the equation, 

^ 0 , t ~ lo, 25[1 + ci(t — 25)] ohm~^ cm^ equiv“^ 

for the ionic conductance at tem]3eratures t not far removed fi'oin 25°. 
It may be noted that most of these values give a change of about 2 
per cent per degree which is about the same as the temperature coeffi¬ 
cient of the viscosity of water. This relationshij3 is explained by the 
theory that each ion moving through the solution carries with it an at¬ 
mosphere of solvent, and the frictional resistance offerc'd to the motion 
of the ion is the frictional resistance between mass(^s of pure water. 

As already explained, the ions v'hich are most lieavily hydrated have 
small transference numbers. According to tliis hypothesis, the most 
heavily hydrated ions lose mo!*e of the wat(‘r of hydj’ation when heated, 
and, according!}^, they have larger temperature coeffichaits of con¬ 
ductance. Furthermore, since the increa.se in temperature ac(?elerates 
the velocity of the highly h}'drat(‘d slow-moving ions more than it ac- 
ceka^ates the fast-moving ions, there is a tendency to ecjualize the ve¬ 
locities and bring both transference numbers more closely to the limit¬ 
ing value of 0.5 at higher tem])eratures. 

Conductance of Nonaqueous Solutions. Although the study of non- 
aqueous solutions has been quite limited in (comparison with the ex¬ 
tensive studies of acjiieous solutions, there is much of theoretical sig¬ 
nificance and practical importance to be obtained from investigations of 
n(3naqueous solutions.* In several respects water is an abnormal sol¬ 
vent, and a broader knowledge of electric^^il behavior in other solvents 
has led to important contributions to the theory of solutions. 

Only those substances, such as salts, acids, and bases, which can dis¬ 
sociate into ions and only those solvents with reasonably large dielectric 
constants and dipole moments are of interest in conductance studies. 
Solvents such as benzene and carbon tetrachloride with very small 
dipole moments do not interact with the solutes sufficiently to pull the 
charged parts apart and produc^e ions. The viscosity of the solvent is a 
factor of lesser importance in studying the conductance of solutions. 
Among the solvents that have been important in the conductance of 
nonaqueous solutions are alcohols, liquid ammonia, dioxane, acetone 

* Kraus, ^‘The Properties of Electrically Conducting Systems,^’ Chemical Catalog 
Co., New York (1922). 



CONDUCTANCE OF NONAQUEOUS SOLUTIONS 


419 


and other ketones, anhydrous formic acid and acetic acid, pyridine and 
several amines anrl nitro cxmipoiinds. 

A few miscellaneous examples of conductances in nonaqueous solu 
tions are given in Table IX. 


TABLE IX 

CoNDlK’TANnO OF NoNAQITKOUS SoiATTlONS 



Tcn\p(‘r- 

Elect j*o- 
lyUi 

CV)n central ion, 

Specific 

Equivalent 

Solvent 

aliirc, 

E(juivalent s 
IK‘r litta- 

(Jonduct- 

an(5e 

C(3ndiict- 

ance 

Anunonin 

-33 

Nal 

1.14 

0.28 

245 

Etlninol 

iH 

Nal 

1.00 

0.035 

35.2 

Aoc'tone 

25 

Nal 

1.0 


20.4 




0.1 


64.1 




0.01 


109.7 




0.0 


(176.2) 

Isoainyl alcohol 

25 

Nal 

0.1 


1.29 




0.01 


2.02 




0.00 


(7.79) 

Moth}*! ainiiu' 

-33 1 

la 

9.3 

0.17 

17.7 

Ethyl aiiiinc 

-33 

A^NOa 

8.0 

0.0083 

1.04 

Nitroinct hanc 

25 

KI 

10.0 

0.88 

88.1 

Ainnionia 

-33 

Na 

0.8 

1.27 

2017 


The conductance of metallic sodium in liquid ammonia is interesting. 
Apparently, the neutral sodium atoms dissociate into positive Na"^ ions 
and negative electrons. 

The conductance in mixtures of solvents can be predicted in some 
cases by assuming that the effects are additive. In other cases the con¬ 
ductance becomes quite complicated. For example, both pure water 
and pui*e sulfuric acid have extremely low conductances, but mixtures of 
the two are conducting. As the sulfuric acid concentration increases, the 
specific conductance increases until a maximum of about 0.72 is attained 
at about 33 per cent II 2 SO 4 after which the conductance decreases until 
a minimum is reached at 85 per cent, corresponding to the compound 
112804 * 1120 . Further increase in concentration of H 2 SO 4 causes an in¬ 
crease in conductance to a slight maximum and then a decrease to a 
very low value at 100 per cent H 2 SO 4 . Addition of SO 3 to the H 2 SO 4 
again gives an increase in conductance; 

Crystalline salts have very low conductances because the ions are 
held in fixed positions, but the fused salts are excellent conductors. Even 
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in the crystal form the c-onductanco bec.omes appreciable at tempera¬ 
ture's just below the melting point, a fact which shows that there is some 
mobility of the ions. Impurities in the salt sometimes give an ab¬ 
normally large conductance. The specific conductance of many fused 
salts is large, sometimes exe*,(ceding the conductance of the most con¬ 
centrated aqueous solutions, but the ecpiivalent conductance is com¬ 
paratively small on account of the high concentration of the electrolyte. 
The electrolysis of fused salts finds important technical applications in 
such operations as the production of sodium from fused sodium hy¬ 
droxide, the production of magnesium from fused magnesium (diloride, 
and the production of aluminum on an enormous scale by the electrolysis 
of fused aluminum hydroxide dissolved in molten sodium aluminum 
fluoride. Electrolysis in fused salts and nonaqueous solutions makes 
possible the production of certain metals which cannot be deposited in 
the presemee of water. 

Tabic X lists a few examples of the conductance of fuscid salts. 

TABLE X 

CoNT)UCTAN(’H OF FuSED SaLTS 


Salt 

Temperature, 

"C 

Specific 

Conductance 

Equivalent 

Conductance 

AgCl 

600 

4.16 

111 

AgBr 

600 

3.08 

51.9 

Agl 

600 

2.43 

64.6 

AgNCb 

250 

0.83 

36.1 


350 

1.25 

55.4 

NaNOs 

350 

1.17 

52.9 


4,50 

1.56 

73.1 

KNO3 

350 

C.67 

36.5 


Conductimetric Titrations. The electrical conductance of a solu¬ 
tion serves as a means for determining the end point in chemical re¬ 
actions, such as titrations of acids and bases, or precipitations. 

For example, when a strong acid is added to a strong base, the con¬ 
ductance decreases to a minimum, at which the base is completely neu¬ 
tralized, and then it increases owing to the excess of acid, as shown in 
Fig. 106 for sodium hydroxide and hydrochloric acid. The two lines 
AB and CD intersect at the point E which is the end point. The OH~ 
ions of the base and the ions of the acid have a much greater velocity 
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than the sodium and chloride ions, and so the conductance is least at the 
end point E where the acid and base are present in exactly equivalent 
portions, and there is no excess of either 011“^ ions or H"*" ions. In 
order that the lines AB and CD shall be straight and thus permit cal¬ 
culations from sets of only two points, it is desirable to keep the volume 
constant throughout the titration. In order to approach this condition, 
the added reagent must be concentrated, whereas the solution which is 
being titrated must be dilute. 



Volume of hydrochloric acid added (ml) 
HC1= 0.1019N 


Fig. 105. Electric conductaiu^e in lh(‘ titration of a strong base NaOH by a strong 

acid HCl. 

If the same titration is carried out with a weak acid, acetic acid, in¬ 
stead of a strong acid, as shown in Fig. 106, the excess acid beyond the 
end point will not cause such a sharp increase in conductance. In fact, 
with acetic acid a horizontal line is obtained after all the sodium hy¬ 
droxide has been neutralized, because the number of conducting ions 
being added in the excess of acetic acid is small, particularly in the 
presence of the sodium acetate (as explained on page 488). The sharp 
change in the slope of the line is useful, however, in determining end 
points. In colored or turbid solutions, where a colored indicator cannot 
be used, this determination of end points by means of conductance 
measurements is particularly useful. In practical work it is often con¬ 
venient to plot resistance or merely bridge readings instead of specific 
conductances. Moreover, good end points can be obtained with re¬ 
sistance measurements of only moderate accuracy. 
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End points in precipitations can be determined by conductanc^e meas¬ 
urements, because the ions left in solution will have somewhat different 
ionic conductances from the ions which are removed from solution in the 
precipitation. One of the best reactions for this method is the precip¬ 
itation of a salt like magnesium sulfate with barium hydroxide, because 


Fig. 106 . 



Volume of acetic acid added (ml) 

(CH3COOH=0.1176N) 

Electric eonductanco in the titration of a strong base' NaOH by a wvak 
acid CH3COOH. 


in this case both products BaS 04 and Mg(OH )2 are insoluble, and the 
conductance at the end point is very low. 

Conductance measurements are used for a variety of testing and con¬ 
trol operations, such, for example, as concentration by evaporation of 
acids or salts, leakage of salt solutions, hardness of water, moisture con¬ 
tent of soil or wood, and rates of chemical reaction in wliich the products 
have a different conductance from that of the reactants. 

Decomposition Voltage. When two platinum electrodes are placed 
in a solution of an electrolyte and a low voltage is applied, practically 
no current flows through the circuit. As the voltage is gradually in¬ 
creased, there may be a temporary flow of current until the products ac¬ 
cumulate and produce an opposing voltage and cause the current to 
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diminish. However, for each electrolyte there is voltage above which a 
large current continues to flow. This voltage is called the decomposition 
voltage. At voltages above the decomposition voltage the current is 
proportional to the applied voltage. When the current flowing is plotted 
against the applied voltage as shown in Fig. 107, the extrapolation of the 
steep lino to cut the hoi*izontal axis gives a measure of the decomposition 



K in volts 

J'kj. 107. D(^t(‘rimiialion of docoiuposition potentials of salts. 


voltage.’*' In another method the applied voltage is increased until 
bubbles of gas or deposits of metal on an electrode can be detected with 
a microscope. Decomposition voltages vary with the conditions, but 
are characteristic of definite electrolytes. Thus the decomposition 
voltage of copper sulfate is 1.6, of lead nitrate is 1.8, and of cadmium 
nitrate is 2.3 volts. It is a striking fact that most strong acids and bases 
have decomposition potentials of 1.7 volts. They all behave alike in that 
at 1.7 volts or above they give off hydrogen and oxygen at the electrodes. 
Acids s\ich as concentrated hydrochloric acid, which give products other 
than hydrogen and oxygen, have decomposition potentials which are 
below 1.7 volts. 

The decomposition potentials play a role in the controlled deposition 
of metals or other electrolytic products when a potential difference is ap- 

* Groening and Cady, J. Phys. Chem.f 30, 1597 (1926). 
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plied to the electrodes of an electrolytic cell containing several different 
electrolytes; the one with the lowest decomposition potential is electro¬ 
lyzed first, and, as the voltage is increased, other salts are electrolyzed 
and other metals deposited in turn as their decomposition potentials are 
exceeded. 

For example, in a mixture of cadmium, lead, and silver which is sub¬ 
jected to electrolysis, the decomposition potentials of the salts are as 
follows: Cd(N 03)2 = 2.3 volts, Pb(N 03)2 = 1.8 volts, and AgNOa = 
0.9 volt. If the applied elec^tromotive force is made a little less than 1 
volt, the silver will be deposited; then, if the electromotive force is raised 
to about 1.9 volts, the lead will be deposited; and finally, if the electro¬ 
motive force is raised above 2.3 volts, the cadmium will be deposited. 

If a platinum anode is surround(Hl by a solution of chloride ions in 
water, both Cl~ ions and 011“ ions will be colliding with the electrode 
and competing for the removal of the electron. Less energy is required 
to discharge the hydroxyl ion. Therefore, when CT~ and OH“ ions are 
in nearly the same concentration, practically pure oxygen will be evolved, 
but, when the chloride ion is in large excess, chlorine gas will be produced 
at the anode. In 2 M h^^drochloric acid chlorine is evolved, but in 0.02 M 
solution oxygen is evolved, whereas at intermediate concentrations a 
mixture of chlorine and oxygen is obtained. Thus, it is seen that the 
products of electrolysis can be controlled not only by changing the ap¬ 
plied voltage but also by (^hanging the concentrations. When there are 
different kinds of ions competing at an (;l(K;trode for the loss or gain of 
electrons, there are two factors involved—the decomposition potential 
which is a measure of the energy reciuirement and the concentration 
which is a measure of the frequency of collision with the electrode sur¬ 
face. 

If a solution of potassium sulfate is electrolyzed, hydrogen and oxygen 
are evolved because the hydrogen and hydroxyl ions are discharged at a 
lower voltage than the potassium ions and sulfate ions, as indicated by 
the normal electrode potentials. However, with very large current 
densities it is possible to deplete the hydrogen ions in the immediate 
neighborhood of the cathode to such an extent that some potassium will 
then deposit in a mercury cathode. 

The deposition of metals can be altered by changing the solvent. 
Thus hydrogen is deposited at the cathode in an aqueous solution of 
sodium iodide, but sodium can be deposited from a solution of sodium 
iodide in a suitable non-aqueous solution. 

The control of concentration as well as voltage is important in prac¬ 
tical electroplating. In nickel plating, for example, if the acidity of the 
plating baths exceeds a certain limit, hydrogen will be liberated, and the 
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deposit will not be firm and smooth. The electroplating of a mixture of 
copper and zinc (brass) is another example. Ordinarily, when a mixture 
of zinc and copper salts is electrolyzed, copper is plated exclusively, be¬ 
cause its decomposition potential is much less. However, the con¬ 
centration of copper ions can be decreased enormously by adding potas¬ 
sium cyanide and locking up most of the copper in complex ions; under 
these conditions, when the zinc is very concentrated, both metals will 
be deposited together at the cathode. 

Important changes in the electrodeposition of metals can be made 
through the use of rapidly rotating electrodes. When the solution in 
the neighborhood of the electrode is removed rapidly, there is less chance 
for a change in coruientration due to electrolysis. Smooth deposits can 
then be formed even with high current densities. If the solution is not 
agitated, the current must often be kept so low as to require long times 
for deposition. Sometimes the introduction of a colloid like gelatine into 
the solution produces smaller crystals and a smoother deposit on the 
electrode. 

The Dropping-Mercury Electrode.* The decomposition voltages ob¬ 
tained with a dropjDiiig-mercury electrode cathode are now often used 
for chemical analysis of inorganic and organic substances. Heyrovsky 
first developed a sensitive a])paratus called the polarograph, which 
automatically records the cuiTent as the voltage is gradually increased. 
Each reducible substance has a definite (characteristic decomposition 
potential, and the voltage at which the current increases rapidly is used 
for qualitative analysis. Furthermore, the magnitude of the current 
flowing at the decomposition voltage enal)les one to make an empirical 
calculation of the concentration of the material present which is under¬ 
going reduction. The electrode surface is being continuously renewed 
as the mercury flows down from a small capillary, and the current pass¬ 
ing across the boundary of the electrode depends on the rate at which 
the material in contact with the cathode can be reduced. This rate is 
proportional to the concentration of the material in the solution film 
surrounding the cathode. The concentration depends on the rate at 
which the material diffuses to the fresh film of the cathode surface, and 
this, in turn, depends on the concentration in the body of the solution. 
There are other factors involved, but simple satisfactory analyses have 
been made on a great many different substances using empirical cal¬ 
ibrations with knowm concentrations under conditions which are the 
same as those existing in the ' ^unknown’^ solution. 

♦Kolthoff and Lingane, Chem. Rev.y 24, 1 (1939); ^Tolarography,’' Interscience 
Publishers, New York, 1941; O. H. MuUer, J. Chem. Education^ 18, 65, 111, 172, 227 
(1941). 
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Polarization. The production of a countervoltage by the products of 
electrolysis is called polarization. For example, if a current of electricity 
is passed through a solution of lead chloride between platinum elec¬ 
trodes, lead will be deposited on the cathode and chlorine on the anode. 
The lead-chlorine cell thus formed causes current to flow in the opposite 
direction and opposes the impressed voltage. Polarization may be 
caused also merely by the change in concentration of the (electrolytes 
around an electrode produced by the electrolysis, thus leading to the 
production of voltage, as explained on page 454. The ])olarization of an 
electrode can be determined by measuring the potential of the ele(4;rode 
against a reference electrod(% such as a calomel electrode described on 
page 434, before and after the passage of the cun-ent. Polarization does 
not occur when all the reactions are rapid and the electrode is in a state 
of reversible eciuilibrium. The existence of polarization implies that one 
of the reaction steps involved is slow. 

Overvoltage is a special case of polarization whi(‘h depends on the 
evolution of gas. It is the difference between the decomposition voltage 
at which gas is evolved on an electrode and the voltage at which it is 
evolved under reversible conditions, as on a platinized i)latinum elec¬ 
trode. The overvoltage depends on the nature of the electi’(^de, on the 
current density, and on other factors. The overvoltages for the libera¬ 
tion of hydrogen at a current density of 0.1 ampere per s(]uare centi¬ 
meter are roughly as follows: platinized platinum 0.0; polished platinum 
0.3; gold 0.6; iron 0.8; silver 0.9; nickel 1.02; zinc 1.1; k^ad 1.2; tin 1.2. 

The decomposition potential must be at least as great as the eciui- 
librium electrode potentials, given in the (4ectromotive-force series on 
page 447, plus the overvoltages. The overvoltage of lead is responsible 
for a higher voltage for the storage battery, and the overvoltage of zinc 
is responsible for the moderate resistance of zinc to corrosion. Many 
electroplating operations also involve overvoltages. 

Electrolytic Reduction and Oxidation. Electrolysis provides a simple 
and effective means for the reduction of inorganic and organic materials. 
Electrolytic reduction depends on the supply of electrons produced at 
the cathode. Either hydrogenation or electrolysis or both may take 
place, depending on the conditions. Ijikewise, oxidation may be pro¬ 
duced electrolytically by removing electrons at the anode; and some¬ 
times the oxygen liberated at the anode can be used to advantage. In 
some operations a porous cup is placed in the cell to keep the cathode 
and anode gases separated from each other. In some electrochemical 
reactions the hydrogen liberated at the cathode is an important 
factor. 

The current density, the cathode potential, the acidity of the solu- 
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tion^ the overvoltage, and tlie nature of the electrode surface affect the 
el('(dTolyti(5 hydi'ogcuiation and reduction at the cathode. 

The conversion of nitrobenzene into aniline is one of the classic ex¬ 
amples of electrolytic hydrogxmation. Not only can the reduction to 
aniline be accomi)]ished effectively, but also, by suitable control of the 
potential and the acidity of tlie solution, togetlier with proper choice of 
electrodes, it is possible to obtain large yields of any one of the inter¬ 
mediate products, azoxyb(inzene, azobenzene, and hydrazobenzene, each 
representing a step in the reduction of nitrobenzene. Electrolytic oxida¬ 
tions at the anode are also important. 
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PROBLEMS 

1. A long glass t,ulu‘ is iirovidcnl with electrode's at each end. When the tube is 
filled with 0.01 N NaCl, tlie resistance is 2(K) ohms. Estimate with the help of a 
graphical interpolation how many grams of CaCb should be weighed out in a liter 
of solution so that tlu^ tulx^ and solution will have a resistance of 5000 ohms. 

Am. 0.022g. 

^ 2. One hundrtxl grams of sodium chloride is dissolved in 10,000 litc^rs of water at 

25° giving a solution which may be ix^garded in these calculations as infinitely dilute. 

(a) What is the equivalent c()iidu(!tance of the solution? 

(b) What is the si)ecific conductance of the solution? 

(c) This dilute solution is plac.(;d in a gla.ss tube of 4 cm diameter provided with 
electrodes filling the tube and placed 20 cm apart-. How much current will flow if 
the potential drop between the electrodes is 80 volts? 

(a) 126.5 ohm“b (5) 2.16 X 10~^ ohni“h (c) 1.08 X lO"*^ amp. 

3. Tcti amperes of current flowed for 1 hour through water containing a little 

sulfuric acid. How many liters of gas w^as formed at both electrodes at 27° and 
740° mm pressure? Ajis. 7.08 liters. 

4. D(‘termine the value of Ao for lithium chloride from the following data at 25°. 

0.001 0.0005 

112.4 113.5 

Am. 115.0. 


Equivalcnte per liter 
Equivalent conductance 


0.05 

100.1 


0.01 

107.3 


0.005 

109.4 
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5. Macinnos and Dole electrolyzed 1.0 N potassium chloride at 25° between a 

silver anode and a silver chloride cathode and found that 113.51 g of water from 
the anode portion carried 7.9039 g of potassium chloride. The anode reaction is 
Ag + Cl” — AgCl + e; the catliode reaction is AgCl e ~ Ag + Cl”. The 
middle portion, unchangeni by the electrolysis, contained 7.1479 per cent by weight of 
potassium chloride. Calculate the number of equivalents of potassium ion which 
have migrated away from the solution suiTounding the anodci. The couloineter in 
the circuit gjiim^d 2.4835 g of silver from the deposition of silver. Calculate the 
transhinmee number of potassium in 1.0 A^ KCl. Ans. 0.483. 

6. The equivalent conductance of an infinitely dilute solution of ammonium 

chloride is 149.7, and the ionic conductances of the ions Oil” and Cl” are 198.0 and 
76.3, respectively. Calculate the equivalent conductance of ammonium hydroxide 
at infinite dilution. Ans. 271.4. 

7. The following table gives the specific conductance of a solution of hydi ochloric 
acid to 100 ml of which have been added various amounts of a 7 ISf solution of sodium 
hydroxide. If the dilution efft‘ct of the small amount of hydnxxide solution added is 
neglected, what is the normality of the hydrochloric acid solution? 

NaOH, ml 0.28 0.92 1.38 2. i6 

Conductance 0.0306 0.0166 0.0154 0.0288 

Ans. 0.0804 N. 


8 . (d) What is the resistance of a glass cell whi(;h is 5 cm in diam(.‘t(;r with (dec- 
trodes 10 cm apart when filled with 0.01 N CU 8 O 4 which has aj> equivalent conduct¬ 
ance of 83.1 ohin”^? 

(b) What is the resistance of the same cell when filh^d with water which contains 
0.1 g of CUSO 4 per liter? 

9. Estimate the specific conductance at 25° of water which contains 70 parts 
per million by weight of magnesium sulfate. 

10. From the values of the equivalent conductance at different concentrations 
for aqueous nitric acid at 18°, determines the ecpiivahuit conductance of an infinitely 
dilute solution at 18°. 


Co7ic. Equivalent 

(Milliequivalents per liter) Conductance 

2.0 371.2 

10.0 365.0 

50.0 353.7 

100.0 346.4 


11. State quantitatively what the chemical changes will be at the cathode and 
the anode when a current of 1 ampere is passed for 20 minutes through the following 
solutions: 



(a) 

(6) 

w 

Cathode 

Graphite 

Mercury 

Silver 

Solution 

H 2 SO 4 

ZnCl2 

FeClg 

Anode 

Platinum 

Zinc 

Silver 


12. A 6-volt storage battery operates two 4-ampere lamps in parallel for 5 hours. 
How many grams of lead is oxidized? If 5 per cent of the energy goes into light and 
95 per cent into heat, how many calories of heat is given off by the lamps? 
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13. A solution of hydrochloric acid was electrolyzed in a transference cell between 
platinum electrodes. The cathode compartment contained 0.177 g of chloride ions 
before the electrolysis and 0.1G3 g afterwards. A silver coulometer in series had a 
deposit of silver ecjuivahmt to 0.0825 g of chloride ions. What arc the transference 
numbers of II and Cl“~? 

14. A glass tub(i having a uniform cross section of 1 sq cm was partly filled with 
0.01 N hydrochloric a(ud, and a solution of an inert electrolyte was poured in on top 
so as to give a boundary. When a constant current of 10 milliamperes was passed 
through for 200 seconds, the hydrogen ions moved 17 mm toward the cathode, as 
shown by a color indicator for hydrogen ions. Calculates the transference number 
of the hydrog(sri ions in 0.01 N hydrochloric acid. 

15. At 25" the equivalent conductance at infinite dilution Aq of sodium mono- 
chloroacetate is 89.8. Calculate Aq at 25° for monochloroacetic acid. 

16. Calculate the equivalent conductance at infinite dilution of ammonium sulfate 
at 55° 

17. The following t able gives the specific conductance of a solution of hydrochloric 
acid, to 100 ml of which liavc; been added various amounts of an 8 N solution of 
sodium hydroxid(i. If the dilution effect of the small amount of hydroxide solution 
added is neglected, what is the normality of the hydrochloric acid solution? 

NaOII, ml 0.32 0.02 1.56 2.34 

Conductance, A 0.0322 0.0186 0.0164 0.0296 

18. An electrolytic c(‘ll containing a cadmium sulfate solution was subjected to 
various appli('d potcmtials, and the corresponding currents were measured. The 
results were as follows: 

(volts) 0.5 1.0 1.5 1.8 2.0 2.2 2.4 2.6 3.0 

/(ampere) 0.002 0.004 0,006 0.007 0.008 0.028 0.069 0.110 0.192 

What is the decomposition potential of cadmium sulfate? 

19. One milligram of potassium chloride is dissolved in 1 liter of water at 25° 
giving a solution which may be regarded as infinitely dilute. 

(a) What is the equivalent conductance? 

(5) What is the specific conductance? 

(c) This solution is placed in a glass tube of 2 cm diameter provided with elec¬ 
trodes, which fill the tube, and placed 10 cm apart. How much current will flow if 
the potential drop between the electrodes is 50 volts? 

20. A sample of water from a large pool had a resistance at 25° of 9200 ohms 
when placed in a certain conductance cell. When filled with 0.020 M KCl the cell 
had a resistance at 25° of 85 ohms. Five hundred grams of sodium chloride was 
dissolved in the pool, which w^as then thoroughly stirred. A sample of this solution 
gave a resistance of 7600 ohms. With the help of graphical interpolation calculate 
the number of liters of w'ater in the pool. 

21. What is the molar conductance of metallic mercury at 0°? 

22. What are the probable products of electrolysis at each electrode when a cur¬ 
rent of electricity is passed through the following cells: 

(a) An aqueous solution of copper sulfate with copper electrodes. 

(b) An aqueous solution of ferrous sulfate with graphite electrodes. 

(c) An aqueous solution of lithium iodide with mercury electrodes. 

(d) A solution of sodium iodide in acetone with platinum electrodes. 

23. A glass tube 4 cm in diameter and 30 cm long is closed at each end with a 
sheet silver electrode and filled with 0.01 N silver nitrate. Sixty volts are applied. 
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(a) How much current flows? (6) How many degrees will the temperature of the 
solution rise in 10 minutes, if it is assumed that the heat capacity of the solution is 
nearly 1 cal deg“^ per milliliter and that all the heat is taken up by th(i solution? 

24. (a) How many ampere-hours of electricity are nK^uired to refine by eknv 
trolysis 453 g (I lb) of copper, removing it from tlu^ impure anode and depositing 
it in a pure state on the cathode? 

(b) If the potential drop across the electrolytic c(41 is 5 volts, how much will the 
electricity cost at 1 cent per kilowatt-hour? 

25. The silver nitratii solution from the central compartment of a transference cell 
weighed 3G.5 g and was titrated with 32.7 ml of ammonium thiocyanates solution, 
1 ml of which was equivalent to 0.0085 g of silver nitrate. The solution from the 
cathode compartment w’-eight^d 43.17 g and required 29.4 ml of ammonium thio¬ 
cyanate solution. A silver coulometer in series with the transference cell had a 
d(iposit of 0.0994 g of silver. What are the transferenctJ numbers of the silver ion 
and the nitrate ion? 

26. A current of 0.01 ampere is passed through an 0.01 molar solution of lithium 
chloride at 25° for 100 seconds using silver electrodes, (a) How mu(4i, if any, will 
each electrode gain in w(?ight? (6) Ii^stimate th(‘ nuinlxu* of equivakaits of chloride 
ion which will be found in the 100 ml of solution which surrounds the anode. 

27. In 0.1 A Na2SO.i the transferencci number of the sodium ion is 0.383. If a 
suitable; boundary is made in a uniform glass tube 18 mm in dianu'ter, and 0.02 
amjx?re is passed through the tube for 5 minutes, how far will lh(‘ boundary of sodium 
ions move toward the cathode? 

28. What is the specific conductance at 0° of a solution containing 0.1 g of CaS04 
per liter? (A is practically equal to Ao.) 

29. Sketch a curve for the conductometric titration of a weak acid by a strong base. 


30. The absolute; velocities of ions have been determined by direct obs(;rvation 
of a moving boundary. They may be calculated also from a knowledge of the (;(|uiva- 
lent conductance and the transference numbers. Imagine a solution cont-aining c 
equivalents of a univalent electrolyte per KXK) ml in a 1-cm (‘ube. Show that 
(vc + t^a)(c/1000) F = I where Vc and are the velocities of the ions and I is the cur¬ 
rent; and that, since I = L, for a pot(;ntial gradient of 1 volt per centimet(;r: 

A = (Vc + Va)F 

Using the transference numbers, calculate the absolute velocity of the ion and 
the Cl“ ion at infinite dilution and 25°. 

31. In determining the transference numbers of Ba(HS04)2 in concentrated 
H2SO4 using platinum electrodes, the following are the analyses for a typical m(;asun;- 
ment expressed in grams of BaS04 per gram of solution: 

Original Anode Compartment Cathode Compartment 

0.02503 0.02411 0.02621 

The solution had an average density of 1.90, the cathode compartment held 39 ml, 
and the anode compartment held 41 ml. During the experiment 4956 coulombs were 
transferred. What is the apparent transference number of Ba"^*^ ion in the solution? 

32. Outline methods by means of which the formation of a complex ion, such as 
Cu(CN) 2““, might be determined in a solution containing both CuC^ and KCN, 
using (a) conductance measurements, (6) measurements of transference numbers. 
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ELECTROMOTIVE FORCE 

Galvanic Cells. TIu' behavior of electrolytes during the passage 
of an electric curi'cnt through them was studied in the preceding chap¬ 
ter. It was obsej v(?d that electrons were supplied to the cathode by 
means of a dynamo or battery and then transferred to the positive ions 
which were in contact with it, thus neutralizing positive charges on the 
ions and frequently causing the ions to be discharged as neutral atoms 
or molecules. In a similar manner electrons were removed from the 
anode, thus leading to a reduction in the number of charges on the 
negative ions. 

In the present; chapter a study is made of the electromotive force 
^vhich is produced by an excess of electrons at the anode and a deficiency 
at the cathode caused l>y t he contact with ions which surround the elec- 
ti’odes. Usually a reaction may be divided into two partsN<5ne an oxida¬ 
tion procc'ss involving a release of elec.trons and the other, a reduction 
process involving an absori)tion of electrons^/^"he chemical tendency 
to release electrons at the anode feeds electrons into an electrically 
conducting electrode which is placed in the solution; and the chemical 
tendency of certain ions to absorb electrons causes electrons to be with¬ 
drawn from the cathode placed in the solution. Measurements of the 
voltage or electromotive force between two pairs of electrodes enable 
one to determine the relative tendency of the two I’eactions, one at the 
cathode and one at the anode, to release electrons. They enable one 
also to calculate the eciuilibrium constant of the over-all chemical reac¬ 
tion or to calculate the activities of the electrolytes which surround the 
electrodes. Frequently, concentrations are used instead of activities if 
the latter have not been determined. In some cases, particularly in 
dilute solutions or when great accuracy is not needed, they are used 
interchangeably. 

Galvanic cells for the production of electricity from chemical reac¬ 
tions have been known since 1800, when Volta descrited his electric 
pile. One of the oldest and simplest cells consists of a zinc electrode 
immersed in zinc sulfate and a copper electrode immersed in copper 
sulfate, the two solutions being separated from each other by a porous 
cup, or, in certain types of vertical cells, by gravity. The electromotive 
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force of such a cell is about 1 volt, the zinc electrode being negative and 
the copper positive. 

The operation of the cell may be understood with the help of Fig. 108. 
Each electrode is bathed in a solution of its ions, and there is an equilib¬ 
rium at each as indicated by the reactions: 

Zn++ + 2e ^ Zn 


Cu“^+ + 2e ^ Cu 

The copper ions, however, attract their valence electrons with greater 
force than do the zinc ions; that is, copper is less easily ionized than zinc. 

In the competition for electrons, 
copper ions are more effective 
than zinc ions and they remove 
electrons from the copper elec¬ 
trode. Wlien the wire between 
the two electrodes is disconnected, 
the reactions stop, but, as long as 
there is electric connection be¬ 
tween the two electrodes, elec¬ 
trons are removed from the cop¬ 
per electrode by the reaction 
Cu’^“^ -f 2e —> Cu, and electrons 
are provided at the zinc electrode 
by the reaction Zn Zn*^"^ -f- 2c. 
Faraday’s law applies, and the 
following phenomena take place: 
(1) 1 gram equivalent of zinc 
atoms releases tw’^o electrons per atom, and goes into solution as zinc ions; 
(2) 6.02 X 10^^ electrons, which are equivalent to 96,500 coulombs of 
electricity, travel along the wire from the zinc electrode to the copper 
electrode; (3) 1 gram equivalent of copper atoms is deposited by the 
addition of electrons to copper ions which collide with the negative 
copper electrode. 

As long as the circuit is closed, these reactions go on, consuming zinc 
and depositing copper until either the zinc or the supply of copper ions 
is exhausted. If the circuit is left open, the chemical action ceases, 
except for diffusion of the ions and local action, which is due to impuri¬ 
ties in the zinc acting to give tiny local cells. This action which con¬ 
sumes the zinc on open circuit can be greatly reduced by using very 
pure zinc or by coating or amalgamating the surface of the zinc with 
mercury. This procedure gives a coating over the impurities and does 



Fig. 108. Illustration of a typical gal¬ 
vanic cell showing the chemical r(;a(;t.ions 
occurring at the (electrodes. 
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not change the voltage appreciably, because a saturated solution of 
zinc in mercury possesses practically the same potential as pure zinc. 

Many other galvanic cells have been devised, but the zinc and copper 
cell serves to illustrate the general principle by which electricity can 
be furnished from chemical reactions. Several cells of the same kind 
can be arranged in series to give a battery of higher voltage, which is 
equal to the sum of the voltages of the individual cells. Although 
electricity can be produced much more cheaply by operating a dynamo 
with mechanical power, the batteries have the advantage of portability, 
and two types have survived severe economic competition. The lead 
storage battery is used for starting automobiles, and the Leclanch^ 
dry cell of zinc and ammonium chloride is used in flashlights, portable 
radio sets, and hearing aids. 

Standard Cells. The cadmium cell shown in Fig. 109 is the accepted 
standard for measuring voltages. Platinum electrodes are sealed 
through the bottoms of two glass tubes (‘.onnected by a horizontal arm. 



Fig. 109. Weston or cadmium sulfate standard cell—us(‘d as a reference for meas¬ 
uring voltage. 

One tube holds a cadmium amalgam, containing 10 to 13 per cent of 
cadmium in mercury, and the other contains pure mercury on which 
floats a paste of mercury and mercurous sulfate. The cell is then 
filled with a concentrated solution of cadmium sulfate or a saturated 
solution containing an excess of solid crystals of CdS 04 --|H 20 . The 
latter is the accepted standard, but the former has a lower temperature 
coefiicient which renders it more convenient for laboratory use. 

This cell is reversible, and, unless abnormally large currents are 
drawn, the voltage remains constant. When it operates spontaneously, 
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cadmium goes into solution as cadmium ions, and the electrons left by 
this ionization pass around the wire to the positive electrode, where 
mercurous ions take them up and deposit as mercury atoms. When 
the cell is opposed by a larger electromotive force, the current flows in 
the opposite direction with the result that cadmium is deposited, and 
mercury converted into mercurous ions. If the solution is saturated 
with respect to both cadmium sulfate and mercurous sulfate, a fixed 
concentration is maintained in spite of additions from the electrode or 
deposition on the electrode. In the unsaturated cell the concentration 
of the cadmium sulfate is so large that a small gain or loss does not 
change the concentration appreciably. 

If the materials are carefully prepared and the cell made up according 
to specific directions,* the voltage will be 1.0186 at 20°, and this 
voltage will remain unchanged for years. For accurate work in electro¬ 
chemistry, however, it is well to have the voltage checked occasionally 
against standard cells maintained at the U. S. Bureau of Standards in 
Washington or against secondary standards which, in turn, are cali¬ 
brated at the Bureau of Standards. The voltage E of the saturated 
standard cadmium cell is 1.0186 absolute volts f at 20° and decreases 
0.0000406 volt for each degree rise in temperature above 20°. 

Reference Electrodes. The electromotive force or voltage of a vxA\ 
is equal to the sum of the potentials of its two electrodes. J The potential 
of an electrode is the difference in potential between the electrode and 
the surrounding solution. It is determined by combining it with a 
reference electrode which has an arbitrarily assigned potemtial and measur¬ 
ing the total voltage between the two electrodes. All electrode poten¬ 
tials are assigned numerical values on the assumption that the potential 
of the standard hydrogen electrode (described on page 457) is zero. 

The calomel electrode shown at the left of Fig. 110 is a convenient 
reference electrode. It consists of pure mercury in the bottom of a 
vessel on which rests a paste of mercury and mercurous chloride (calo¬ 
mel). A solution of potassium chloride saturated with mercurous chlo¬ 
ride makes electric contact, through a side arm provided with a porous 
plug or a loosely fitting ground-glass joint, with any solution in which 
the electrode is placed. Such a connecting solution is called a salt 
bridge. Sometimes a beaker of potassium chloride solution is placed 

* Wolff and Waters, Bur. Standards Bull., 3, 623 (1907); 4, 1 (1907); Vosburgh 
and Derr, J. Chem. Education, 18, 87 (1941), 

f The same cells calibrated before Jan. 1, 1948, read 1.0183 international volts. 

{There may be a small liquid-junction potential also (page 468). The present 
discussion assumes that this effect has been eliminated or that a correction has been 
applied. 



REFERENCE ELECTRODES 


435 


between the calomel electrode and the electrode being measured, in 
order to minimize diffusion of mercurous ions into the solution. Mec^ 
trie connection with the mercury is made through a platinum wire fused 
to a copper wire and sealed through a glass tube. 



J'lG. 110. Voltmeter—})ot(‘iitiometer with standard ealoiiK'] eletd-rode at left and 
^ hydrog(in electrode at right. 

u'he electrode shown at the right of Fig. 110 is a hydrogen electrode 
in which hydrogen gas at 1 atm bubbles over a platinized platinum 
electrode immersed in a solution of hydrogen ions. When the hydrogen 
ions are at an effective concentration or activity of unity, the electrode 
is arbitrarily assigned a value of 0.000 volt and used as the standard 
to which all other potentials are referredy/ 

The normal calomel electrode contains a molar solution of potassium 
chloride and has a voltage of —0.2802 at 25° with reference to the stand¬ 
ard hydrogen electrode. The saturated calomel cell contains saturated 
potassium chloride and has a potential of —0.246 with reference to the 
standard hydrogen electrode. It is used sometimes in special cases 
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where it is desired to minimize the effect of other electrolytes, but it is 
inconvenient on account of the deposition of salts and because of a 
larger temperature effect. 

Another reference electrode is the silver-silver chloride electrode. A 
silver wire or a deposit of silver on a platinum wire is partly covered 
with a thin coating of silver chloride, making it the anode in a chloride 
solution. The concentration of silver ions and chloride ions is fixed by 
the solubility of the silver chloride and maintained constant. The elec¬ 
trode is reversible with respect to both ions; that is, the ions can be de¬ 
posited on or produced from the electrode by reversing the current. 
This electrode is more difficult to prepare, but it is especially valuable 
for certain measurements. 

Voltage Measurement of Cells. A simple voltmeter cannot be used 
alone for measuring the electromotive force of a small cell, because the 
operation of the voltmeter causes some current to flow, thus initiating 
chemical changes at the electrodes and producing a different voltage. 
Furthermore, if any appreciable current is drawn, the internal resistance 
of the cell becomes a complicating factor. 

To avoid these difficulties the electromotive force is measured by 
balancing against the cell a known voltage under conditions such that 
practically no current flows. A simple and practical method for measur¬ 
ing the electromotive force of a cell is shown in Fig. 110. The cell shown 
there consists of a hydrogen electrode and a calomel electrode. The 
two electrodes are connected to a variable, measured voltage through a 
galvanometer and key. The operating cell, of higher voltage than the 
cell to be measured, is connected to an adjustable rheostat AB, As the 
sliding contact is moved along the resistance, a smaller fraction AD oi 
the total potential drop is intercepted, and the voltmeter connected 
across the resistance AD registers a lower voltage. The key is tapped 
momentarily as the sliding contact is moved until a position is found 
where the galvanometer is not deflected. At this position the voltage 
as read on the voltmeter is equal and opposite to that of the cell being 
measured. The cell is not altered by taking of the measurement, be¬ 
cause practically no current flows through it, since the galvanometer, 
which is sensitive to very small currents, is kept at zero. 

More accurate measurements of electromotive force are made with a 
'potentiometer, the principle of which is shown in Fig. 111. As in the 
arrangement of Fig. 110, a measured potential is balanced against the cell 
through a galvanometer. In the potentiometer the opposing potential 
is not read on a voltmeter, but it is obtained accurately by connecting 
a known voltage across a uniform resistance AB. A sliding contact 
moves along the resistance, and the ratio of AZ> to AJ5 measures the 
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fraction of the known potential drop which is picked off to oppose the 
voltage of the cell E being measured. The opposing voltage is supplied 
by a working cell C connected through an adjustable resistance R to 
the terminals of the uniform resistance AB. This resistance is divided 
into ten or more ecpial parts and marked with numbers corresponding 



Fig, 111. The principle of the potentioiiK^ter in which the voltage of an unknown 
cell E is read directly from the electric rc'sistances, after previous calibration with a 

standard cell S. 

to their resistances. Each of these small units of resistance is itself 
divided into 1000 parts (not shown in Fig. Ill) so that the potential 
drop opposing the cell E can be adjusted to 0.0001 of a unit and less. 

In practice the double-throw switch is first connected to the standard 
cell S of known voltage, usually 1.0186 volt. The sliding contact is 
rotated to read 1.0186 and the key K is tapped momentarily as the 
external resistance R is adjusted, until the galvanometer G reads zero, 
showing that the voltage at 1.0186 is equal and opposite to that of the 
standard cell. When the voltage S is 1.0186 and the resistance is also 
1.0186 units, each unit of resistance is equal to 1 volt, and the reading 
of the resistance is also the reading of the voltage. Then the switch is 
thrown to connect the potentiometer to a cell E, the voltage of which 
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is to be measured. The contact D is again rotated to a position such 
that the galvanometer shows no deflection when the circuit is closed by 
the tapping key. Then the number on the potentiometer gives directly 
in volts the electromotive force of the cell E, 

Reversible Cells. The cadmium-mcrcury cell and the copper-zinc 
cell are examples of reversil)le cells which can be brought back to thtur 
original state after operating a while, by apjflication of a higher oppos¬ 
ing voltage and passage of current through the cell in the opposite direc¬ 
tion. In irreversible cells the original conditions cannot be restored by 
reversing the current, because some of the material involved has been 
removed, as, for example, when a gas is evolved or a preeii)itate formed. 
If more than an inflnitesimal quantity of current is passed through the 
cell, some of the electric energy will be converted into heat and lost, so 
that the cell cannot be completely reversed unless extra external energy 
is applied. Under these conditions the work done will not be the max¬ 
imum work which might have been obtained. This maximum electrical 
work is definite, and it is of gre^at value in theimodynamical calcula¬ 
tions. The measurements of irreversible cells are not signiticant in 
theoretical calculations, but they may be of value in practical measure¬ 
ments. Sometimes it is possible to determine fi’om the experimental 
behavior of a cell whether or not it is rev(^rsible. For example, if me¬ 
chanical agitation produces marked unsteadiness in voltagci, or if the 
cell does not return to the same voltage after a larger current is allowed 
to pass momentarily, the cell probably is not reversible. 

The maximum electrical work which (^an be done per gram equivalent 
of material used in a galvanic cell can be calculated by multiplying the 
voltage by 96,500 coulombs, provided that the voltage is measured with 
a potentiometer and sensitive galvanometer using a negligible current of 
perhaps a millionth of an ampere or less. 

Relation between Chemical Energy and Electric Energy. In earlier 
chapters we have seen that at constant temperature and pressure the 
changes in a chemical system can be measured in terms of the maximum 
work, other than pressure-voliune work, which can be done, that is, 
the change in free energy LF, 

When a cell operates reversibly at constant pressure and temperature, 
the electrical work obtained per gram atom is nFEy where n is the valence 
change, F is the faraday or 96,500 coulombs, and E is the voltage or 
electromotive force of the cell. This maximum electrical work in 
joules may be converted into calories by dividing by 4,1840. Then 
F corresponds to 23,060 cal per volt. In addition to the electrical work, 
some pressure-volume work may be done also, as, for example, when a 
ga^ is evolved by the operation of the cell. This pressure-volume work 
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at constant pressure done' on or by the atmosphere is not included in 
the free-energy change A7^. Neither is it included in the maximum 
electrical work. Then, 

AF = -nFE (1) 

A(;(5ording to this important equation, the elec^trical work done in a 
cell at constant temperature and pressure is equal to the decrease in 
free energy, whether or not there is a change in volume. 

Example 1. The voltage of a copper-copper sulfate zinc sulfate-zinc cell is 
1.107 volts. Wliat is tlie free-enei*gy cliange involved when the cell consuines a 
mole of zirn*? 

A/'" = —nFE = —2 X 90,500 X 1.107 = —213,650 joules per mole 

--= — 51,0()3 cal per mole 

4.184 

The relation between the heat of reaction and the electromotive force 
of a cell may be obtained from the Oibbs-llelmholtz equation, 

( 2 , 

wliich \v£iH doriv^od on page IGl. 

Substituting for AF its equivalent — nFE, we liave 

dE 

AF = -uFE = AH - nFT -- - 

dT 

dE 

AH = -nFE + nFT— iX (3) ■ 

' dT 

This equation expresses the electromotive force of a reversible cell 
in terms of the temperature coefficient of the cell and the heat of the 
chemical reaction occurring within the cell. It may be used to calculate 
the heat of reaction from the measured voltage and the temperature 
coefficient of voltage. Sinc^e the precision of electrical measurements 
is, in gcmeral, greater than that of thermal measurements, this indirect 
method often gives results which are more accurate than the calori- 
metrically determined values. 

As discussed on page 107, A/7 is the heat of reaction qp wdien the reac¬ 
tion takes place in a beaker or calorimeter at constant pressure and 
temperature, and no work other than pressure-volume work is done by 
the syst^sqn. It is not the same as the heat of reaction qp wffien the same 
reaction takes place reversibly in the cell at constant pressure and temper 
ature. Under these conditions the cell does electrical work, and, although 
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AH is the same because the initial and final states are the same, the 
values of qp are quite different. The heat absorbed qp when the cell 
operates reversibly is TAS^ and 

d E 

TAS = AH - AF =: nFT~~~ (4) 

ST ^ 


Example 2. Calculate the value of AH for the reaction of the cadmium-silver 
chloride cell at 25° from the fact that the electromotive force is 0.67533 volt and 
the temperature coefficient is —0.000650 volt per de^^rec. 


AH =- 


uF 

4.1840 




2 X 06,500 
4.1840 


(0.67533 -f 208.1 X 0.000650) 


= -40,000 cal 

C'alorimetric measurements on the evolution of heat give AH — 
—39,530 cal. 

Further examples are given in Table I. The agreement between the 
calculated and the experimental values of AH is entirely satisfactory. 


TABLE I 


Experimental Verification of the Gibbs-Helmholtz Equation 


C(41 

E, 

volts 

dE/dT, 

volts/(l(*gr(^c 

A//, 

c(}uati()n 

3 

All (obs.) 
calorimeter, 
cal 

AF, 

nFE 

4.1840 

Zii, ZnCl2(0.555m), 

AgCl, Ag(0°) 

1.015 

-0.000402 

-51,990 

-52,050 

-46,830 

Cd, CdCl2 -2§H20 
(satd.), AgCl, Ag(25°) 

0.67533 

-0.00065 

-40,080 

-39,530 

-31,160 

Cd, CdCl2-2§H20 
(satd.), PbClz, Pb(25°) 

0,18806 

-0.00048 

-15,250 

-14,650 

-8,670 

Pb, Pb(C2H302)2 
(0.555m), Cu(C 2 H 3 - 
02)2 (satd.), Cu(0°) 

0.4764 

-f0.000385 

-16,900 

-17,530 

-21,990 


A comparison of the last two columns is particularly interesting. 
The electric energy in calories, nF^/4.1840, given in the last column, 
is the change in free energy which accompanies the reaction, and it is 
a measure of the maximum useful work at constant pressure and tem¬ 
perature less the pressure-volume work. 

For example, in the lead-copper cell AF — AH = —4,460 cal in 
agreement with a positive sign for the term nFT(dE/dT). 
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In the special case where the voltage of the cell is independent of the 
temperature (dE/dT = 0), the heat of reaction and the free-energy 
change are equal. According to ecjuation 4, when riFT{dE/dT) has a 
positive sign, A// — AF is positive and AF has a larger negative value 
than A//. When dE/dT has a negative value, that is, the voltage de¬ 
creases when the temperature is increased, A// — A/^ is negative and 
ATI has a larger negative value than AF, and accordingly the heat 
evolved at (constant pi*essure is greater than the maximum work which 
can be done by the (*ell. 

Classification of Cells. Several difTt^ent types of ekn^trodes and cells 
which find uses in the study of electrochemistry ai*(^ shown in the sum¬ 
mary which follows. A semicolon indicates a contacit between two dif- 
f.^rent phases. The symbol Pt indicates an inert electrode like platinum. 

Types of ]^]lkctrodks and ITectrodh Reac^tions 

1. Metal, metal ion Cu: Cu^'^ 

2. Inert electrode, noriinetal in .solution, ion Pt, I 2 (s); 1“ 

3. Inert electrode, ions of different valence Pt; 

4. Inert ekictrodc, gas, ion Pt, H 2 ; 

5. Inert electi’ode, miutral solutes in different states of 

oxidation Pt; C6ll4(OH)2, C 6 H 40 j 

6. Amalgam electrode, ion (Cd -f Hg); Cd"^"^ 

7. Elecjtrode, insoluble salt or oxide, ion Ag, AgCl; Cl"” 

Any of these electrodes ma 3 ^ be combined with any other to give a 
cell, the electromotive force of which is equal to the algebraic sum of the 
potentials of the two elec^trodes. If precipitation or chemical action 
occurs when the solutions surrounding the two electrodes are mixed, 
they must be kept separate with a salt bridge of potassium chloride or 
other suitable solution whi(;h permits the passage of an electric current. 

When the electrodes are combined in such a way as to give a liquid 
junction, that is, a contact between two different solutions, a small 
potential is created at such a liquid junction (page 468). It may be 
rendered nearly negligible by interposing a salt bridge of potassium 
chloride. The presence or absence of such a liquid junction is impor¬ 
tant in handling problems of electrochcmistr 3 ^ 

The cells may be classified as follows: 

A. Cells with liquid junctions: 

1. Different electrodes Zn; Zn"^*^; Cu'^'^; Cu 

2. Concentration cells Pt, H 2 ; HCl (a = 1); HCl {a = 0.1); 

H 2 , Pt 

The activities a, or effective concentrations, of the electrolytes are 
given in parentheses. 
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5. Cells with the junction potential practically eliminated by means 
of a salt bridge, indicated by the sign 11: 

1. Different electrodes Zn; Zn'^^ || (.'u 

2. Concentration cells Pt, H 2 ; H"*" (a = 0.1) || (a = 0.01); 

H 2 , Pt 


Sometimes the junction potential is corrected by a calculation. 

C. Cells without liquid junction: 

1. Different electrodes Pt, ID; Cl“; CU 2 , Pt 

2. Concentration cell of metal (Hg + 10% Cd); Cd*^”^; 

(Hg + i% Cd) 

Cells with liquid junctions between different electrolytes cannot be 
given exact thermodynamic treat.ment and are to V>(‘ avoided for such 
theoretical studies. However, the cells in which the liquid-junction 
potentials have been practically eliminated by a salt bridge are used 
widely in the determination of the activity of ions as, for example, 
hydrogen ions. 

Electrochemical Conventions. Th(^ cDimical equilibrium involving 
electrolytes is closely connected with the voltage of the corresponding 
galvanic cell. Either can be calculated from the other, and, in practice, 
a table of standard electrode potentials for the different ions is very use¬ 
ful for calculating the frec-energy changes and determining the chemical 
equilibrium constants. The following conventions regarding the sign 
and the arrangement of the two electrodes facilitate these calculations. 

1, A substance is oxidized when it loses electrons; and it is reduced 
when it gains electrons. It is customary in electrochemistry to empha¬ 
size the oxidation reactions although it must be realized that, in every 
reaction involving electrons, reduction is taking place simultaneously 
with oxidation. 

For each of the oxidation reactions there is a corresponding electrode 
and a definite electrode potential. A few examples are given in Table II. 

There is a dynamic equilibrium between zinc and zinc ions; Zn atoms 
tend to go into solution with the loss of electrons to the electrode, and 
Zn"^"^ ions tend to take electrons from the electrode with the formation 
of Zn atoms. The potential of the zinc electrode involves a balance 
between these two tendencies and depends in part on the number of 
collisions per second per square centimeter of zinc ions on the metallic 
zinc. Again, we may consider an inert platinum wire immersed in a 
solution containing a mixture of ferrous and ferric ions. The potential 
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of the wire will depend on the ratio of the two, the Fe"^*^ ions tending 
to give electrons to the wire and the Fe"^'^'^ ions tending to take them 
away. Accordingly, in defining an electrode potential it is necessary to 
specify a definite concentration of reducing or oxidizing ions. 

TABLE IT 

Typical Oxidation Rpjactions and Oxidation Electrode Potentials 


Oxidation by Lokr of EloctroiiH 



Standard 





Oxidation 



Electrode Reaction 

Electrode 

Electrode 

Reduced Form 

Oxidized Form 



Potential, 
F®, volts 

Zinc 1 

Positive zinc ions 

2Zn — '^Zn”^”^ -}- 

Zn; 

0.782 

Cadmium 

Positive cadmium ions 

^Cd = + e 

Cd; Cd *-^ 

0.408 

HydroKen 

fVxsitive hydrogen ions 

>H2 « + c 

Pt, 112 ; 

0.000 

Positive ferrous ions 

Positive ferric ions 

Fe^-^ = Fe++-+- 'f c 

Pt;Fe^^Fe-^ + ^ 

-0.771 

Negative chloride ions 

Chlorine 

Cl” == iCl2 + -9 

Pt, CI 2 ; Cl“ 

-1.358 


The standard electrode potential is defined as the potential which 
exists when the electrode is immersed in a solution of the ions at unit 
activity (a = 1).* 

3. All electrode potentials are referred to the standard hydrogen elec-- 

trode (1 atm of hydrogen with hydrogen ions at unit activity) which is 
arbitrarily assigned an electrode potential of zero. Ha; h+ = 0. If 

there is a greater tendency toward oxidation, that is, toward loss of 
electrons in an electrode reaction than in the reference reaction, 

+ e, the corresponding electrode is given a positive sign,t and, if 
there is a lesser tendency toward oxidation than in the case of hydrogen, 
the electrode is given a negative sign. The electrode with the largest 
positive oxidation potential is placed at the top of a table of electrode 
potentials, and the others are arranged in order of decreasing oxidation 
potentials. 

4 . The reduced form of any metal or ion at unit activity will reduce the 
oxidized form of any metal or ion at unit activity which lies below it in the 

* The method of determining activities is given on pages 469 and 682. Usually a 
concentration of 1 mole per 1000 g differs considerably from an activity of unity. 

t In former editions of this book the electrode potentials were given as reduction 
potentials rather than oxidation potentials, and the signs were reversed. The elec¬ 
trodes above hydrogen such as zinc were given negative values. Although there are 
practical arguments for such a practice, the change has been made in the interest of 
greater uniformity among different authors. No fundamental change of electro¬ 
chemical conventions is involved. 



444 


klp:ctromotive force 


table of values^ that is, which has a less positive oxidation electrode 
potential. The magnitude of the electrode potential is a measure of the 
ease with which the element or ion will lose its electrons; thus, if for 
Zn; Zn'^'*' is 0.762, and EP for Pt; Fe"^"^"*" is —0.771, the reduced 

form of the Zn; Zn"^"^ pair which is zinc will reduce the oxidized form 
of the Fe++; Fe“^+"^ ion pair, which is ferric ion, and produce ferrous 
ion. The zinc loses its electrons more easily than does ferrous ion, and 
so the ferric ions acquire electrons from the zinc. The zinc is oxidized 
to zinc ions, and the ferric ions become reduced to ferrous ions. The 
reaction is JZn + Fe‘^'^“^ = ^Zn"^"^ + Fe'^"^, and it takes place spon- 
taneously. 

The tables of electrode potentials are useful not only for qualitative 
predictions but for quantitative calculations of the ecpiilibrium. To 
carry out these calculations without ambiguity, it is necessary to adopt 
further conventions in order to correlate the electromotive forc^e of a 
cell with the chemical reaction occurring in the cell. 

5. The voltage or electromotive force of a cell is equal to the algebraic 
sum of the 'potentials of the two electrodes; and the cell reaction is equal to 
the algebraic sum of the two electrode reactions. A galvanic cell has two 
electrodes: an anode which takes up electrons from the oxidation reac¬ 
tions in the surrounding solution and passes them into the connecting 
wire, and a cathode which takes these electrons from the circuit and gives 
them to ions or atoms which thereby become reduced. 

6. Galvanic cells are arbitrarily written with the anode {the electrode 
which has an excess of electrons) at the left The electromotive force of the 
cell is then arbitrarily assigned a positive value. 

Oxidation is then occurring at the left where the electrons are released 
either by the formation of positive ions, by the increase in valence of 
positive ions or by the discharge of negative ions. The electrons then 
pass through an external connecting wire from the anode at the left to 
the cathode at the right, where they are absorbed by the discharge of 
positive ions or by some other reducing reaction. 

If the cell should happen to be written with the negative electrode at 
the right instead of at the left, the electromotive force of the cell is 
then given a negative sign. 

7. The cell reaction is split into two electrode reactions. The oxidation 
part which liberates electrons is written as the reaction of the left electrode^ 
and the reduction part which absorbs electrons is written as the re¬ 
action of the right electrode. 

Thus in the reaction Zn + Cu’^'^ == Zn*^"^ + Cu, Zn = Zn"^"^ + 2e 
is the oxidation reaction occurring at the left electrode, and Cu’^'^ + 2e 

Cu is the reduction reaction occurring at the right electrode. 
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8. If the electromotive force of the cell is positive (that is, the left elec¬ 
trode is the anode), the cell reaction is spontaneous; and, if the cell reaction 
as written is spontaneous, AF has a negative value, the electromotive force 
of the cell E is positive, and the electrode at the left is the anode. 

These relations follow directly from conventions 6 and 7; the funda¬ 
mental equation, AF = —nEF; and the generalization that spontaneous 
reactions at constant temperature and pressure have a negative value 
of AF. 

A few examples will serve to illustrate these conventions. 


Anode 

I 

Zn;Zn'^+ 

^ Zn; Zn’’”*' = 0.7(i2 


Cathode 


H+;H 2 ,Pt 


0.0 


^ = 0.762 4- 0.0 - 0.762 
Left ^Zn = c = oxidation 

Right 4 fJ = -JII 2 = nMiuciion 


Cell 


§Zn 4 - iZn++4 llh 


Anode 


Zn;Zn+* 


Cathode 


cncliPt 


Zn; 


0.762 


Cl~; CI 2 . PI 


Anode | 
Zn;Zn’^+ 


Cathode 


Cd++;Cd 


Zn; Zu 


++=0.762 £®cd++: cd =-0.402 


= 0.762 + (-0.402) = 0.360 
Left IZn = |Zn e = oxidation 
Right e — JCd = reduction 

Cell fZn + ^Cd++ = §Zn++ 

+ |Cd 


Anode 


Zn;Zn 



Cathode 


Fe^tFe^^tPt 


- 1.358 E^: 


Zn: zn^"*” = 0.762 

Pt 0.771 


- 0.762 4 1.358 = 2.120 E^ - 0.762 4 0.771 = 1.533 

Left ^-Zn ~ 4 c = oxidation Left ^Zn ~ ^Zn"^"^ 4 c — oxidation 

Right |Cl 2 4 <5 =* Cl” = reduction Right Fe'^"''“'"4 ^ = Fe“^‘^= reduction 


|Zn 4 iCl 2 - iZn++ 4 Cl" 


-JZn 4Fe+++ « |Zn++ 

4Fe-+‘+ 


In these four examples the anode is written at the left, EP has a posi¬ 
tive value, AF has a negative value, and the cell reaction as written is 
spontaneous. 

In the following example the anode is written at the right contrary 
to the conventions. Then E^ has a negative value, AF has a positive 
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value, and the cell reaction JH 2 + -^Zn’^'^ = II'*' + ^Zn cannot take 
place spontaneously. 



CathocJe 


Anode 




; Zn 


11 2 ; H+ = 0 


^Zn^^Zn = -0.7(52 


= 0 +(-0.762) = -0.762 


Table of Standard Oxidation Potentials. In Table II a few electrode 
potentials were given to illustrate their application. Many additional 
ones are included in Table III. 

The electrode at the left is, of necessity, written in the order electrode: 
ions and has the electrode potential given in the table (if the ions are at- 
unit activity). The electrode at the right, however, has to be written 
in the order mis:electrode, and its sign as given in Table III must be 
reversed. * 

The values of BP are obtained by making electromotive-force measun^- 
ments at several dilutions and extrapolating a function of the voltage 
to infinite dilution, as explained^on page 682. Considerable ingenuity 
and care are necessary in obtaining these values of EP. 

In practical laboratory work the normal calomel cell is usually used 
as a reference electrode rather than the standard hydrogen electrode. 
If an electrode potential is measured against the normal calomel cell at 
25°, it is necessary to subtract 0.280 volt in order to obtain the potential 
which the electrode would have if measured against the standard hydro¬ 
gen electrode. 

It should be emphasized that the sign of an electrode potential is deter¬ 
mined by reference to the standard hydrogen electrode. If it is positive, 
the reduced form will reduce hydrogen ion spontaneously to hydrogen; 
and, if it is negative, the reduced form will not reduce hydrogen ion— 
the ions being at unit activity in all cases. 

The sign of an electrode in a galvanic cell, however, is not dependent 
on the hydrogen electrode but is determined by the other electrode 

* The important convention to observe is that the electrodes recorded in Table III 
are standard oxidation electrodes written in the order, electrode dons, regardless of 
whether positive or negative ions are involved. Thus, when ZniZn"^"^ is the left 
electrode, the potential is +0.762 as given in the table, but, when the electrode is 
placed at the right, it must be read Zn'*"^:Zn and its potential is —0.762. Some 
books record the standard reduction potentials instead of oxidation potentials and 
give Zn-^+j Zn. » -0.762. 
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TABLE III 

Standard Oxidation Electrode Potentials ^ 


All ions arc at unit activity. The potential is then designated by EP. The tem¬ 
perature is 25°. 


Electrode 

(Anod(0 

(Oxidizing Electrode) 

EP in absolute 
volts 

(Standard 
hydrogen 
('k'ctrode = 0) 

Electrode Reaction 
(Anode Reaction) 

(Oxidation Reaction) 

Li; Li+ 

3.025 

Li = Li+ + e 

K;K+ 

2.923 

K = K+ + c 

Na; Na+ 

2.713 

Na = Na^’ + e 

Zn;Zn++ 

0.762 

|Zn = iZn++ + e 

Fo; Fc+^ 

0.440 

|Fo = p'c++ + c 

Pt; Cr++, Cr+++ 

0.41 

Cr^"+ = Cr^^*^ -{- e 

Cd; Cd++ 

0.402 

JCd = iCd++ + c 

Tl; T1+ 

0.330 

Tl = T1+ + c 

Pb, PbBrz (s); Br“ 

0.280 

iPb + Br- = iPbBra + e 

Co; Co+ + 

0.277 

^Co = iCo++ + e 

Ni; Ni++ 

0.250 

iNi = iNi++ + e 

Ag, Agl (s); 1“ 

0.151 

Ag -f 1“ = Agl 4- e 

Sn; Sn"^"*" 

0.140 

JSn = iSn++ + e 

Pb;Pb++ 

0.126 

}Pb = iPb++ + e 

Pt, Dj; D+ 

0.0034 

\T)2 = D+ + e 

sPt, II 2 ; H+ 

0.0000 

JH 2 = 11+ 4- e 

Pt;Ti+++, Ti-<++^ 

-0.04 

Ti+++ = Ti++++ + e 

Ag, AgBr (s); Br” 

-0.073 

Ag + Br" = AgBr + e 

Pt; Sn++, Sn++++ 

-0.15 

5Sn++ = iSn++++ + e 

Pt; Cu+ Cu++ 

-0.167 

Cu+ = Cu++ + « 

Ag, AgCl W; Cl- 

-0.2223 

Ag + Cl- = AgCl + e 

Normal calomel electrode ® 

-0.2802 

llg + Cl- = JHg2Cl2 + e> 

Cu; Cu++ 

-0.345 

|Cu = iCxi++ + e 

I’t, I 2 (s); 1- 

-0.535 

1- = ih + e 

Pt; quinhydrone (s), 11 

-0.6996 

‘CeHeOs = JCelLOa + 11+ + e 

Pt; Fe++’, Fo+++ 

-0.771 

Fe++ = Fe+++ + e 

Hg; IIg2++ 

-0.7988 

Hg = Plg2++ + e 

Ag; Ag+ 

-0.799 

Ag = Ag+ 4- e 

Pt; Hg2++ Hg++ 

-0.910 

PIg2++ = Hg++ 4- e 

Pt, Br 2 (1); Br 

-1.0654 

Br- = iBr 2 (1) + c 

Pt; T1+, T1+++ 

-1.250 

|T1+ = iTl+++ + e 

Pt, CI 2 (ff); Cl- 

-1.358 

Cl- = iCls (fir) 4- e 

Pb, PbOs; Pb++ 

-1.456 

iPb++ 4- H 2 O - iPbOj 4- 211+ 4- e 

Pt; Ce+++, Ce++++ 

-1.61 

Ce+++ = Ce++++ 4-, e 

Pt; Co++, Co+++ 

-1.84 

Co++ <= Co+++ 4- e 


^ Most of these standard electrode potentials have been corrected to agree ^^^th 
those given by Latimer in ‘‘The Oxidation States of the Elements and Their Poten¬ 
tials in Aqueous Solutions/’ Prcntice-IIall, New York, 1938, page 294. 

* The concentration of KCl is by definition 1 mole per liter. 

* There is evidence that the mercurous ion is doubled, giving not Hg"^ but iHg 2 '^ 
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which comprises the galvanic cell. For example, a cadmium electrode 
is the anode and releases an excess of electrons when it is connected to 
a copper electrode in a cell; but the same cadmium electrode is the 
cathode which takes up electrons from the external circuit, when it is 
connected to a zinc electrode. The wire connected to the cadmium 
electrode then is negatively charged in a cadmiimi-copper cell, but it is 
positively charged in a cadmium-zinc cell. 

The sign of the electromotive force of the cell involves a convention 
^^ch has no significance as a laboratory measurement. According to 
convention 6, the electromotive force of the cell is arbitraril}^ defined 
as positive when the anode, the electrode with the greater tendency to 
give up electrons, is written on the page at the left. 

Example 3. Give the cell reaction, and calculate the electromotive force and 
the free-energy change at 25° involved in the cell, 

Zn; Zn++ (a = l)||Cu+-^ (a - 1); Cu ^ 

The cell reaction is 

Left §Zn = fZn'’"'^4-^ (written as an oxidation) 

Right + e = |Cu (written as a reduction) 

|Zn + = |Zn++ + ^Cu 

== Cu = 0-762 + (+0.:U5) = 1.107 


Because E of the galvanic cell has a positive value, it c^an be stated that the 
elecSrodelit^TTie left is the anode. ^ - 

The ffe^energy change in going from the standard states for Zn and Cu"*"^ 
to Cu and Zn"^+ is calculated as follows: 


= -nFE^ = -1 X 96,500 X 1.107 == -106,825 joules 


106,825 

4.1840 


—25,530 cal 


The electromotive force of a cell is the sum of tlie potentials of the two elec¬ 
trodes or half-cells, and the free energy of a reaction is the sum of the free 
energies of the electrode reactions. Multiples of the reaction may be taken 
without changing the potential, but the free energy is changed owing to the 
factor n in the equation AF = — 

Thus, if the reaction given in example 3 is written 

Zn + Cu++ = Zn-^+ + Cu 

1.107 but AF=-2 X 96,500 X^^:=-51,060 cal 

The voltage is the same as for §Zn + but the free energy is 

doubled because the chemical reaction involves twice as much material. 
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Since -E for the cell in example 3 has a positive value, AF has a nega- 
tive value, and, accordingly, metallic zinc will reduce copper ion to 
copper. Most students of chemistry would know that zinc will pre¬ 
cipitate copper from solution, but there are many cases in which the 
direction of spontaneous reaction is not known, and it is then a simple 
matter to calculate whether the reaction as written is spontaneous or not. 

Example 4. Write the cell whif^h corresponds to the reac^tion, 

|Cu (s) -I- jCh (g 1 atm) = + + (a = 1) -h Cl“ (a == 1) 

|Cu (,<?) = + e (oxidation) 

ICI 2 (g 1 atm) + c = Cl~ (reduction) 

If the oxidation reaction is placed at the left and the reduction reaction at the 
right, the cell is written ^ ^ 

Cu ( 5 ); Cu++ (a = 1) II Cl- (a = 1); Cb, Pt 

Oxidation Reduction 

Calculate the voltage and the change in free energy of the reaction at 25®. 

== + EV^r;ci2.i>t = -0.345 + (+1.358) = 1.013 

OR KQO 

AF^ = -uFE^ = -I X X 1.013 = -23,360 cal 

4.1840 

Copper and chlorine will react sjxmtaneously to give (*ui)ric ions and chloride 
ions. 

Example 5. Will ferrous ion reduce iodine to iodide ion at 25° according to 
the reaction: 

Fe+^ + ^l 2 (s) - Fe+++ + 1“ 

Pt; Fe-^^-, Fe+++ H I“; I 2 (s), Pt 

= -0.771 + (+0.535) = -0.236 

= -tiFE^ = - (-1 X X 0.236) = 5445 cal 

The positive value of AF^ (or negative value of E^) indicates that the reaction 
^ill not go spontaneously; that is, solid iodine will not react with ferrous ion 
at unit activity to produce ferric ion at unit activity and iodide ion at unit 
activity. ^ .. 

However, if the reaction is written in the opposite direction Fe'^’^’^ + 1“ = 
Fe'^'^ + il 2 (s), and the oxidation reaction I- = + e placed at the left, the 

cell is written 

Pt, I 2 (s); I- (a - 1) 11 Fe++ Fe+++ (a = 1); Pt 

Then, 

= Ept. I,: I- + Pt = -0.535 + (+0.771) - 0.236 

and 

QA ROp 

AF® = -nf£® = -1 X X 0.236 = -5445 cal 

4.1840 
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The negative value of AF" (or the positive value of £“) signifies that the 
reaction as written is spontaneous; that is, iodide ion will reduce ferric ion to 
ferrous ion or ferric ion will oxidize the iodid^Qii to iodine. 


This reaction illustrates convention according to which for any 
electrode the atom or ion in the lowest state of S^idafion (with the most 
electrons) will reduce the oxidized form of any atom or ion Avhich has a 
position lower in the table of standard electrode potentials (all ions 
being at unit activity). 

Chemical Equilibria and Electromotive Force. It was shown on 
page 269 that, in a reaction, 


aA + hB - gG + hU 


^F = -RT\n 


(ic/ X an' ^ ^ ^ a'a^ X a 


a-i'' X Ob' 


+ RT\n 


a' a"" X a'B 


-RTlnK RTIvlQ 


(5) 


where K represents the equilibrium constant involving the effective 
concentrations in a state of equilibrium, and Q represents the activity 
quotient, that is, the ratio of the activities of the products to the activi¬ 
ties of the reactants at any si)ecified activities. 

Remembering that according to equation 1 


^F - -nFE 

and substituting eciuation 1 into equation 5, we have 

RT RT 

E = — In K -In Q (6) 

riF nF 


When the reaction is so planned that the reactants start at unit 
activity, and the final products are produced in concentrations such 
that their activities are unity, then AF is written AF^ and the last 
term becomes zero. Then equation 5 becomes 

AF^ = -RT\nK 

Also, in this special case where all the reactants and products are at 
unit activity, E is defined as FP, Then, 
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Substituting equation 7 into equation 6 gives 


RT d'o^ X of[i^ 

E = - In - - ^ 

nF u'a" X a's'" 


RT, 


InQ 


When 


= 


8.314 X T X 2.303 
n X 90,500 


logQ 


T = 298.1 and n = 1 
E = - 0.0591 log Q 


( 8 ) 

( 9 ) 


These equations aie extremely important in the study of electro¬ 
chemistry. Many special formulas concerned with theoretical and 
practical applications of electromotive-force measurements follow 
directly from them. Equation 7 is used for calculations involving sys¬ 
tems at equilibrium, and the more general equation 8 is used for systems 
which are not in a state of eciuilibrium. 


Example 6. Calculate from electromotive-force data the equilibrium con¬ 
stant for the reaction between tin and lead and their ions at unit activity, thus: 

Sn -I- Pb++ = Pb -t- Sn++ 


Splitting up the reaction into the two electrode reactions, 

Sn = Sn + ^ 2e and Pb++ -f- 2e = Pb 

and putting the oxidation reaction at the left in the corresponding cell at 25°, 
we have 

Sn; Sn++ (a = 1) || Pb++ (a = 1); Pb 


£0 = s„^-+ -I- £Vu++; Pb = 0.140 + (-0.126) = 0.014 volt 

£0 = 0.014 and AF'> = -«££« = -643 cal 


™ RT . ,, 

= —]nK = 

nF 


8.314 X 298.1 X 2.303 
2 X 96,500 


log K = 0.0296 log K 


K = = 2.97 

Opb++ 

In other words, when tin is added to a solution of lead salt, a state of equilibrium 
is reached in which the activity of the tin ions is 2.97 times as great as that of 
lead ions. 

In checking this equilibrium Noyes and Toabe added metallic tin to a solution 
of lead perchlorate at 25° and found at equilibrium 0.0716 mole of tin perchlorate 
and 0.0242 mole of lead perchlorate per liter. If we assume that the concen- 
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trations of tin perchlorate and lead {)erchlorate may be used in place of the 
activities,* 

0.0716 


K = 


0.0242 


= 2.96 


In order to approach the equilibrium from both sides they also added lead 
to a solution of tin perchlorate and found at equilibrium 0.0704 mole of tin 
perchlorate and 0.0233 mole of lead i)erchlorate per liter. 


0.0704 
a^+ “ OO^ 


3.02 


Carrying out a similar calculation for the addition of zinc to copper 

ions, we find that = 1,1071 and K = = 10"^^. In other 

words, the removal of copper ions by zinc is practically complete. 

With reference to Table III any electrolyte in the reduced or “ous’’ 
state (at unit activity) will tend to reduce any electrolyte in the oxi¬ 
dized or ^‘ic’’ state (at unit activity) which is lower in the table. Any 
combination of electrodes may be made, and from the corresponding 
voltage the equilibrium constant may be calculated. 


Example 7. To what extent will mercuric ion be reduced by the addition of 
ferrous ion at 25°? 

The cell is 

Pt; re++ (a = 1), rc++-^ (a = 1) |[ Hg++ {a = 1), Hg 2 ++ (a = 1); Pt 

Ug2'^bPt 

- -0.771 + 0.910 = 0.139 

The cell reaction is 

+ Hg++ = Fe++“^ + |TIg2'^'^ 


£0 = 0.139 


8.314 X 298.1 X 2.303 
1 X 96,500 


logX 


X aHg++ 


= antilog 2.350 = 224 


This calculation shows that the ferrous ion reduces the mercuric ion to such 
an extent that, at equilibrium, the product of the activity of the ferric ion by 
the square root of the activity of the mercurous ion (Hga ‘■'^) is 224 times as 
great as the product of the activities of the ferrous and mercuric ions. 

* This assumption is not safe except in very dilute solutions. The error involved 
is reduced in cases of this kind where all the ions have the same valence and the 
correction factors tend to cancel out. 
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These examples have served to illustrate equation 7 which gives 
the relation between the equilibrium constant and the standard elec¬ 
trode potentials. The more general equation 8 which shows the rela¬ 
tion among E, and Q will now be applied. It can be used to calculate 
the voltage of a cell when the ions are not at unit activity and to calcu¬ 
late the activity of ions from a measurement of the electromotive force 
of the cell. 


Example 8. Calculate the potential of the following cell at 25°. 

8 n; Sn-^+ (a = 0.6) || (a = 0.3); Pb 

which is similar to that shown in example 6. The cell reaction is 

Sn + Pb++ = + Pb 

nF nF 


= 0.0140 


0.0591, 0.6 


AF = —EnF 


= 0.0140 - 0.0089 = 0.0051 volt 

Qfi 500 

“2 X X 0.0051 = -235 cal 

4.1840 


The free energy decrease AF for this reaction is less than AF^ for the reaction 
where both reactants and products are at unit activity (example 6), because 
here the specified activity of the ])roducts is greater than the specified activity 
of the reactants. The activities 0.3 and 0.6 are arbitrarily assigned and are 
not to be confused with the equilibrium concentrations. 

The validity of ecpiation 8 may be illustrated by determining the 
potential of the ferric-ferrous electrode using the cell, 

Ft, Hg (1 atm); H+ (a = J) || Fo++ (a = x), re+ + + (o = y); Ft 
The cell reaction is 

^Il2 + Fe+-^+ = Fe++ + 


Applying equation 8 

E = E^ 


RT X 

-In — -^— 


but, since a^+ = 1 and uhs = 1 , 
E = E^ 


RT (ZFe++ 

— In- 

nF aFe+++ 


( 10 ) 


E^ is the electromotive force of an inert electrode surrounded by equal 
activities of ferrous and ferric ions when measured against the standard 
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hydrogen electrode, for, when aFe+^ and are equal, the last term 

becomes zero. 

as calculated from the data E of Peters,* shown in Table IV, is 
reasonably constant even though the ratios are the ratios of concentra¬ 
tions rather than activities. 

TABI.E IV 

Change of Voltage with Change in Ratio of Oxidizing to Reducing Ions 


<"Fe++VrFo+'+' 

0.5/99.5 

2/98 

10/90 

30/70 

50/50 

80/20 

-E 

0.580 

0.615 

0.655 

0.690 

0.713 

0.747 


0.712 

0.712 

0.710 

0.711 

0.713 

0.712 


The absolute values of are only approximate, bei^ause no attempt 
was made to obtain activities. The solutions were made tenth-normal 
with respect to hydrochloric acid to prevent hydrolysis. 

Popoff and Kunz have investigated this system more fully, extrapolat¬ 
ing to zero concentration of iron ions and zero concentration of hydro¬ 
chloric acid. They obtained a series of values of E^ in progressively 
more dilute solutions of ferrous and ferric chloride and extrapolated to 
infinite dilution of iron chlorides. This extrapolated value of E^ in 
A^/10 hydrochloric acid is —0.731, an accurate value obtained with 
activities instead of concentrations. There is a complication, however, 
in that the hydrochloric acid changes the character of the solution and 
affects the value of EP, A value of —0.747 for E^ in”pure water was ob¬ 
tained by determining the extrapolated value of E'^ in solutions of dif¬ 
ferent normality with respect to hydrochloric acid and extrapolating 
these values to zero concentration of hydrochloric acid. The value is 
somewhat in doubt on account of hydrolysis. Schumb and Sweetzer f 
obtained a value of —0.783 by measuring the equilibrium between silver 
and ferric perchlorate. The value selected by Latimer is —0.771. 

Concentration Cells. When two electrodes of the same material are 
immersed in solutions of their ions at the same concentration, there 
will be no difference of potential. If, however, the two solutions are of 
different concentrations, the cell will exhibit a definite electromotive 
force which depends on the ratio of the activities of the ions in the two 
solutions. Such a cell is represented by the arrangement 

M;M+(ai)l|M+(a2);M 

* Peters, Z. physik. Chem.f 26, 193 (1898). 

t Schumb and Sweetzer, J. Am. Chem. Soc., 67, 871 (1935). 
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Writing the cell reaction in such a way that the left electrode is 
oxidized and the electrode at the right is reduced, we have 

M = M+(ai) + e 
Ar+(a2) + e^ M 

--Z- (li) 

M^{a2) = M^iai) 

The mathematical formulation of this cell is particularly simple 
because the reactants and the products are the same. Referring to the 
fundamental formula 8, placing the products in the numerator as 
usual, neglecting solids because the activities of solids are taken as unity, 
and considering only the activities of the ion, we find 



yiF 


ai 

(l2 


But E = — In Tv, and for this case K — I because equilibrium is 

established only when ai = a 2 . 

Then = 0, and 


E 


RT 

nF 



( 12 ) 


If, for example, the concentrations of the univalent metal ions are 
such that ai = 0.01 and a 2 — 0.1, the electromotive force is given by 
the relation, 


E 


8.314 X 298.1 X 2.303 
96,500 


log 


0.01 

0.1 


= 0.0591 volt 


The positive value of E shows that the reaction is spontaneous; that is, 
there is a tendency for ions at a 2 = 0.1 to diffuse into the more dilute 
solutions where ai = 0.01. The electrode, immersed in the solution of 
positive ions where a 2 — OA is positive with ref(‘rence to the more dilute 
solution, because there are more collisions of positive ions per second 
per square centimeter on the surface of the electrode. Inasmuch as 
this positive electrode is placed at the right, the electrode at the left is 
negative with respect to it, and the electromotive force of the cell has a 
positive value in agreement with convention and in agreement with the 
calculations of equation 12. 


Example 9. If the more concentrated solution of activity 0.1 had been placed 
at the left instead of the right, the negative electrode would have been at the 
right, and, according to convention, the electromotive force of the galvanic cell 
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would have had a negative value. This convention is in agreement with the 
calculations just developed. 


^ 8.314 X 298.1 X 2.303, 0.1 ^ 

£---. _OJ)591 


The cell reaction (a 2 = 0.01) = M'^ (ai = 0.1) is not spon¬ 
taneous. 

In dilute solutions, where the activities are nearly the same as the 
concentrations, equation 13 may he used as an approximate form of 
equation 12 for positive ions where rq is the concentration at the left 
electrode and r 2 is the concentration at the right. 


ET Cl 

£= -In- (13) 

nF C 2 

If the cell is made with negative ions M~", such as iodide ions, the 
arrangement is 

M; II .1/-(fl2); M 

The cell reaction is 


Left electrode M (aj) = M -|- e (oxidation) 
Right electrode AI v = M~{a 2 ) (reduction) 


and the formula for the voltage of the concentration cell with negative 
ions is 


RT 


RT ^ C2 

— In — ^ 

-In- 

nF 

ai 

nF Cl 


(14) 


In another type of concentration cell the activity of ions in solution 
is uniform throughout the cell, but the concentration of the material in 
the two electrodes is different. J^or example, if two hydrogen electrodes 
at different pressures of hydrogen are placed in a solution of hydrogen 
ions, the electrode which has hydrogen at the greater pressure will 
tend to produce more hydrogen ions and, thus, make the electrode 
negative with respect to the other. The electromotive force of the cell 
can be calculated from the partial pressures. Thus: 


The cell reaction is 
and 


Et, H2 (pi); H+; Pt 


HaCpi) = HaCpa) 


PH2, 1 
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Example 10. Two hydrogen electrodes are set in a solution of hydrochloric 
acid at 25°. The pressure of hydrogen over one is 1 atm, and over the other it 
is 0.5 atm. This reduction in partial pressure of hydrogen is accomplished by 
mixing the hydrogen with helium or nitrogen or other inert gas. What is the 
electromotive force of the cell? 

If the electrode at 1 atm is placed at the left pi = 1 and 


E ^ - 


RT p2 0.0591 0.5 

—“ In — —-_— log —- == 0.0089 volt 

riF Pi 2 1 


The Hydrogen Electrode. The experimental determination of the 
activity of hydrogen ions in a solution is of great practical importance, 
and the hydrogen electrode was the first means of making these deter¬ 
minations. It still remains the standard of reference, although more 
rapid and convenient electrodes are now available for many routine 
measurements. 

Hydrogen gas does not conduct tlie electric current, and it cannot 
be used alone as an electrode, but, when adsorbed on the surface of 
platinum, it behaves just as if it were a metallic electrode, and the 
reaction, 

|H2 = + e 

is completely reversible, as shown by laboratory tests and by thermo¬ 
dynamic criteria. Hydrogen ions apparently can break away from 
the layer of hydrogen atoms adsorbed on the surface; and the platinum 
acts as an inert electric conductor without entering the reaction of 
the cell. To act efficiently, the electrode must be covered with plati¬ 
num black to give a large surface area for adsorption. The electrode 
is arranged in such a way that hydrogen bubbles up around the plati¬ 
num, or else the electrode is immersed partly in the solution and partly 
in the hydrogen. The level of the liquid is changed as the gas bubbles 
out from a glass hood which surrounds the electrode, and, thus, the 
electrode is bathed alternately with hydrogen and with the solution. 

Numerous forms of hydrogen electrodes have been devised but the 
general form already shown in Fig. 110 is satisfactory. In accurate 
work the hydrogen must be at a definite known pressure, and it must 
contain no oxygen. Corrections may be made for the vapor pressure 
of water. Several solutes may interfere with the proper operation 
of the hydrogen electrode, particularly oxidizing agents or platinum 
poisons. 

Any oxidizing substances such as ferric or nitrate ions or chromates 
or unsaturated organic compounds which can be reduced by hydrogen 
in the presence of platinum must be avoided. Traces of arsenic and 
sulfur compounds may react with active platinum atoms at the surface 
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thus diminishing the adsorptive properties for hydrogen and giving 
erroneous potentials. 

In some solutions it is not feasible to bubble hydrogen through the 
cell because the solution is in equilibrium with other gases which would 
be swept out by the hydrogen. For example, in determining the hydro¬ 
gen ion activity in blood, hydrogen is shaken in a closed cell with the 
platinized platinum electrode. If hydrogen is swept through the cell, 
it will remove carbon dioxide with a consequent change in the hydrogen 
ion concentration. 

The determination of hydrogen-ion activity with the hydrogen elec¬ 
trode is merely an application of formula 12 for the electromotive force 
of a concentration cell, set up in principle as follows: 

Pt, H 2 (p = 1 ); H+(a) || H+ (a = 1); (p = 1), Pt 

One of the two hydrogen electrodes under a hydrogen pressure of 1 atm 
is placed in a solution of IT^ ions having an activity of 1, and the other 
hydrogen electrode is placed in a solution in which it is desired to 
measure the activity of hydrogen ion. The two solutions are connected 
by a salt bridge, and the electromotive force of the cell is measured with 
a potentiometer. 

The cell reaction is 

= 11“^(a) + e (oxidation at the left) 

e + (a = 1) = ^H 2 (reduction at the right) 

H+(a - 1) = H-^(a) 


and, applying equation 12, we have 


E 



aH+ 

T 


RT 

-In avi+ 

nF 


(15) 


In practice it is much easier to use a normal calomel cell in place of a 
standard hydrogen electrode. Careful measurements have shown that 
the normal calomel electrode with a normal KCl bridge is negative with 
respect to the standard hydrogen electrode by 0.2802 volt at 25°. 

The formula for the hydrogen electrode at 1 atm pressure against a 
normal calomel electrode with a normal KCl bridge at 25° is 

E - 0.2802 = ~0.0591 log aH+ (16) 

Although this formula applies strictly only to activities of hydrogen 
ions, it can be used with fair approximation in dilute solutions for the 
concentrations of hydrogen ions. 
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There is an uncertainty regarding the junction potential which pre¬ 
vents the accurate determination of absolute values of individual ion 
activities. No matter what the theoretical background is, the practical 
value of the hydrogen electrode has been abundantly established. The 
voltage measurements obtained from hydrogen electrodes are corre¬ 
lated, quantitatively, with a wide variety of chemical and biological 
phenomena. 

The fundamental difference between hydrogen-ion activity as regis¬ 
tered by a hydrogen electrode, and the number of milliliters of alkali 
which are needed to neutralize the acid, must be clearly understood. 
The latter corresponds to a '^reserve'’ acidity, that is, to ionized and 
un-ionized acid, but the former gives the actual conditions of acidity, 
that is, hydrogen-ion activity. 

pH. Hydrogen-ion activities are determined down to very low values, 
and in order to avoid the nuisance of writing one to a dozen and more 
zeros to describe them, it has been found useful to use an exponential 
notation. The term pH first proposed in 1909 by Sorensen is widely 
used. It is defined as the negative exponent of 10 which gives the 
hydrogen-ion activity. 

‘ Thus, 

10"= aH+ 


or 


1 

pH — logaH+ = log- (17) 

aH+ 


Example 11. What is the activity of hydrogen ions in a solution which has 
a pH of 4? 

aH+ = 10-^« = 10-4 - 0.0001 


What is the pH of a solution in which the activity of H"^ is 0.0002? 
pH = log — = log ., - - yn-Y = ‘"’g 5 X 10» = 3.699 • 

Z X lU 


Equation 10 for the hydrogen electrode at 1 atm pressure and the 
normal calomel electrode can be converted into equation 18. 


or 


E - 0.2802 = -0.0591 log aH+ = 0.0591 pH 


pH 


E - 0.2802 
•0.0591 


(18) 


* The calculation may also be made as follows: pH «» —logaH+ = —log (2 X 
10-4) * — (4 -h 0.301) » 3.699. Further examples of negative logarithms of this 
type are given in Daniels, ^^Mathematical Preparation for Physical Chemistry,'' 
McGraw-HiU Book Co., New York, 1928, page 11. 
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It is shown on page 490 that the product of the hydrogen and hydroxyl 
ions at 25° in any solution is always 


0^11+ X noil-I X 10 


Thus, if a solution contains exactly as many hydi*oxyl ions as hydrogen 
ions, the solution is neutral, and aH+ = aon- = The pH of a 

neutral solution then is 7. Addition of an acid increases the value of 
aH+ and gives a pH less than 7. Addition of a base with its extra OII^ 
ions reduces the value of aii+ and increases the pll above 7. 


Example 12. What is the activity of hydrogen ions and the pH of a solution 
which has an activity of hydroxyl ions aoH“ <^f 0.001? 


1 X 10“^4 

— - 

aoH“ 


1I_XJ0 

10 -^ 


-14 

---IX 10-11 


pll = — log = — log 10 '1=11 


Table V gives the activities of hydrogen ions and the pH of typical 
solutions. 


TABLE V 


Activities and pll ok Typical At ids and Bases 


Solute 

Moles 
per liter 

0,1+ 

pll 

Hydrochloric acid 

1.0 

8.0 X 10"' 

0.1 


0.1 

8.5 X 10'" 

1.07 


0.01 

9.6 X 10- 3 

2.02 


0.001 

9.7 X 10"^ 

3.01 

Sulfuric acid 

0.05 

5.9 X 10-3 

1.23 

Acetic acid 

1.0 

4.3 X 10"3 

2.37 


0.1 

1.3 X 10-3 

2.87 


0.01 

4.3 X 10"'* 

3.37 

Ammonium hydroxide 

1.0 

1.7 X 10-'3 

11.77 


0.1 

5.4 X 10"'3 

11.27 


0.01 

1.7 X 10-" 

10.77 

Sodium hydroxide 

1.0 

8.9 X 10-'3 

14.05 


0.1 

8.5 X 10"*^ 

13.07 


0.01 

7.6 X 10-'3 

12.12 


Other Electrodes for Measuring Hydrogen-Ion Activities. The pracv 
tical limitations of the hydrogen electrode in certain solutions has been 
discussed. A wide selection of colorimetric indicators is available which 
change color at definite pH^s. They are used extensively in analytical 
work, but they are limited to transparent solutions, and, as a rule, they 
are less accurate indicators of pH than the electrometric methods. 
Theoretical!:,, any reaction involving hydrogen ions or hydroxyl ions 
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can be used, provided a suitable reversible electrode is available. The 
three most important electrodes used for measuring hydrogen-ion ac¬ 
tivity are described here briefly. 

The Quinhydrone Electrode. When a little quinhydrone is dissolved in 
a solution and a platinum or gold or other inert electrode is introduced, 
the potential of this electrode may be used to determine the activity of 
hydrogen ions in the solution. A molecule of quinhydrone contains one 
molecule of quinone (C 6 II 4 O 2 ) and one of hydroquinone [C 6 H 4 (OH) 2 ] 
held together in a loose compound. Hydroquinone is a weak acid dis¬ 
sociating slightly according to the reaction, 

CoH4(OH)2 = + 2H+ 

Quinone may be reduced to hydroquinone ion by the addition of two 
electrons according to the reaction, 

c'611402 + 2c = 0611402'"“ 

Then the hydroquinone ion combines with hydrogen ions to give hydro¬ 
quinone, according to the reverse of the first reaction. The whole 
reaction is 

2H+ + C 6 H 4 O 2 + 2e ^ CaH 4 ( 011)2 

Quinone Hydroquinone 


Substituting into equation 8, we find that the quantitative relation is 


ET ^hydroquinone 

-In 


2F X ttq 


Since the concentrations of quinone and hydroquinone are equal, 
because the quinhydrone added contains an equal number of moles 
of each, the ratio of their activities is nearly unity, and we have at 25° 

^ 0.0591 

£ = £1° H--— log aH+^ 

ju 

= £ 1 ” + 0.0591 log aH+ = Ei^ - 0.0591 pH (19) 

where —£ 1 ° is the voltage of the quinhydrone electrode against a hy¬ 
drogen electrode in a solution of unit activity of hydrogen ions. When 
= 1> experiment shows that £ is 0.6996. This, then, is the value 
of £i°. 

When £ is referred to the normal calomel electroi^, 

0.6996 - 0.2802 - £ 0.4194 - £ 

pH - 


0.0591 


0.0591 


( 20 ) 
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The quinhydrone electrode is very simple and convenient, and it is 
not easily poisoned. It cannot be used in strongly alkaline solutions on 
account of the oxidation by air of the hydroquinone above a pH of 8, 
and it may give inaccurate results in concentrated salt solutions, be¬ 
cause the activity of the quinone and hydroquinone may be affected 


differently, and, thus, although the ratio — is unity, the ratio 

^quinone 


^hydroquinone 

a 


may not be unity. This salt error can be neglected in ordi- 

quinone 

nary dilute solutions. 

Oxide Electrodes, Certain metallic oxides of low solubility may be 
used as hydrogen-ion indicators. For example, with a divalent metal 
the electrode reaction is, 


MO + 211+ + 2c = M + H 2 O 

and 

= Ei^ + 0.0591 log aH+ (21) 

The constant Ei^ is evaluated experimentally from solutions of 
known hydrogen-ion activity using the hydrogen electrode or other 
reference electrode. The antimony oxide electrode against the hydro¬ 
gen electrode is used with the formula, 

El = Ei^ + 0.0591 log aH+ = 0.144 - 0.0591 pll 


between pH 5 and 10 when air is excluded and precautions are taken 
to have the stable cubic form of the oxide.* 

The Glass Electrode. A very thin membrane of glass separating two 
solutions gives potentials which depend directly on the hydrogen-ion 
concentrations. The resistance of the glass diaphragm is so great that 
an electron-tube voltmeter is used to measure the voltages. The mem¬ 
brane is mounted in a cell of the following type: 

Calomel electrode || solution of known pH; glass membrane; solution 
of unknown pH || calomel electrode 

The voltage is a logarithmic function of the difference in hydrogen- 
ion activity except for a small ^'asymmetry potentiaF^ due to the glass. 
This may be evaluated by using solutions of known pH on each side of 
the membrane. The glass electrode is not affected by oxidizing solu¬ 
tions, and it can be used in nonaqueous solutions and frequently where 
the hydrogen electrode cannot be used. This electrode is not suitable 
for use in strongly alkaline solutions. Improvements in the composition 

* Roberts and Fenwick, J, Am. Chem. Soc,f 60, 2125 (1928). 
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of glass suitable for electrodes together with greater sensitivity to small 
currents have made possible the use of less fragile glass membranes, and 
the electron tubes and circuits have been perfected to such a point that 
the glass electrode is tending to displace other electrodes for the deter¬ 
mination of 7 >H in industrial operations. It finds wide application in 
control, in biological investigations, and in analytical chemistr}^ 

The mechanism by which the thin glass membrane responds to the 
hydrogen-ion activity is not thoroughly understood, but it probably 
involves an adsorption of hydrogen ions on both sides of the membrane, 
which is in each case proportional to the activity of the hydrogen ions 
in the solutions. The theory and use of the glass electrode have been 
fully treated by Dole.* 

Electrodes suitable for determining the activity of hydrogen ions 
have reached a high state of perfection; activities of copper, silver, zinc, 
and other ions can also be determined with a high degree of precision 
using metallic electrodes. 

There is a need for electrodes capable of measuring ion activities of 
calcium, sodium, and potassium as distinguished from the concentra¬ 
tion of the salts. Wfien the metals of these elements are dissolved in 
mercury in dilute solution and allowed to drop from a fine capillary, 
fair* results can be obtained in certain solutions. A fresh surface of the 
amalgam is exposed continuously so that there is not time to change 
the concentration of metal and effect the electrode potential. These 
electrodes have not been satisfactory, however, with blood and other 
biological solutions containing proteins where they would be particularly 
useful. 

Chlorine may be used with a platinum electrode as a gas electrode for 
determining the activity of chloride ions in the same way that the 
hydrogen electrode is used for determining hydrogen ions but only a 
few other gases can be used as reversible electrodes. 

Potentiometric Titrations. When one solution is added to another 
from a buret, as, for example, in the titration of a base with an acid, it 
is possible not only to determine the end point with great accuracy but 
also to know the activity of the hydrogen ion during the course of the 
titration. The hydrogen electrode or other hydrogen-ion-indicating 
electrode and a calomel electrode are placed directly in the solution, as 
shown in Fig. 110, and the electromotive force is observed at frequent 
intervals during the titration. 

Figure 112 gives the electromotive force of the calomel electrode 
against the standard hydrogen electrode, plotted against the gram equiv¬ 
alents of NaOH added to a gram equivalent of a strong acid and two 

* Dole, *The Glass Electrode,” John Wiley & Sons, New York, 1941. 
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weak acids. The hydrogen activities and pll values, as calculated from 
equations 16 and 18, are plotted vertically at the right. 

We will consider first the titration of hydrochloric acid with sodium 
hydroxide, shown in the lowermost curve. Wlien the solution is exactly 



Fig. 112. Electromotive force of hydrogen electrode in the titration of strong and 
weak acids by sodium hydroxide. 

neutral, the activities of the hydrogen ions and hydroxyl ions are the 
same and equal to 10 at 25°. The voltage of the hydrogen electrode 
against the calomel electrode, then, is 

1 

E = 0.0591 log-- + 0.2802 = 0.6942 volt 

1 X 10-’'^ 

At the end point the concentration of hydrogen ions is very small, 
and the number of hydrogen ions in a drop of acid, or of hydroxyl ions 
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in a drop of alkali, is large in comparison. A slight addition of either 
acid or alkali then makes a large change in the hydrogen-ion activity. 
If we regard the solutions before and after the addition of alkali as the 
two solutions of a concentration c(Jl, it is seen that the voltage change 
must be large when the change in a^ja^ of equation 12 is large. Near the 
end point, a milliliter will give a much greater change in voltage and 
a steeper curve. When the solution is already strongly acid or strongly 
alkaline, the addition of a few more hydrogen or hydroxyl ions from a 
buret has only a slight effect, and the curve is flat. 

Acetic acid shown in the middle curve of Fig. 112 gives an initial 
electromotive force greater than that of hydrochloric acid, because it is 
slightly dissociated, and the hydrogen-ion concarntration at a given con- 
(;entration of acid is much less. It should be noticed that the first addi¬ 
tions of alkali cause a marked dec^rease in acidity. The alkali not only 
neutralizes the acid and thereby converts hydrogen ions into water but 
also produces sodium acetate which is largely dissociated. The large 
increase in acetate ions causes the repression of ionization of the acetic 
acid and, in turn, causes more hydrogen ions to change into undisso¬ 
ciated acetic acid molecules (page 488). 

The upper curve is for boric acid, an acid which is still wc^aker than 
ace^tic acid. Addition of OH"" ions causes the acidity to decrease slowly 
until the neutral point is reached, when a sudden change takes place. 

It can be shown that the middle of this steep part of the curve corre¬ 
sponds to the normal salt, where both acid and base are present in 
exactly equivalent amounts. For sodium hydroxide and hydrochloric 
acid this end point comes at the neutral point where pH == 7, When 
weak acids or bases are used, the end point corresponding to equivalent 
amounts of acid and base will not come at a pH of 7, because the salts 
produced by the neutralization are hydrolyzed, as explained later on 
page 496. 

Figure 113 shows how the activity of hydrogen ion increases as hydro¬ 
chloric acid is added to sodium carbonate which gives one end point 
corresponding to the formation of bicarbonate ion and another cor¬ 
responding to the formation of carbonic acid. 

The first is represented by the equilibrium, 

C03~” + H+ = HCOg^ 
and the second by the equilibrium, 

HCO3- + H+ = H2CO3 

It was known empirically, long before these titration curves were avail¬ 
able, that phenolphthalein is a suitable indicator for the carbonate and 
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methyl orange for the bicarbonate. The former changes color at a pH 
of about 9 and the latter at about 4, corresponding to the steep parts of 
the curve, and the reason for this choice of indicators is now evident. 

For many purposes it is necessary to know only the end point in the 
titration, and it is not necessary to know the actual activities of the 


Fig. 113. 



Electromotive force of hydrogen electrode in the titration of polyacidic 
base with hydrochloric acid. 


ions. The problem is then simpler, and it is not necessary to have re¬ 
versible electrodes nor to use the absolute values of the electromotive 
force in calculations. A reagent is added gradually until the voltage 
changes rapidly with the addition of a slight amount of reagent. Some¬ 
times the voltage change is so great as to be noted directly on a gal¬ 
vanometer, but more often the voltages E are plotted against the vol¬ 
ume V of reagent added, and the steepest part of the curve is located 
by inspection. Examples of neutrahzations were given in Figs. 112 and 
113. When oxidation-reductions are involved, it is sufl&cient to insert 
a platinum wire in the solution and connect it to a calomel electrode 
through a galvanometer, a balanced voltmeter as shown in Pig. 110, 
or a potentiometer as shown in Fig. 111. 
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Sometimes the point of inflection in the curve is not suflSciently pro¬ 
nounced to determine accurately, and then it is helpful to plot tangents 
of the curve A£/ AF against the volume V of reagent added, as shown in 
Fig. 114. The sharp peak in this curve gives the end point with cer¬ 
tainty. The differential graph may be obtained by drawing tangents at 



* 0 10 20 30 40 

Milliliters of K 2 Cr 207 Solution 



Fig. 114. Potentiomotric titration of ferrous sulfate with potassium dichromate 
showing method of tangents. 


points on the voltage curve, or it may be obtained directly from the 
original data by dividing the differences in voltage by the corresponding 
differences in milliliters. 

For determining end points in neutralizations it is possible to bubble 
oxygen or even air over a platinized platinum electrode. Since the 
oxygen electrode is not reversible, it is not possible to set nFE equal to 
AF, and no theoretical significance can be attached to the absolute 
voltages. But when addition of reagent leads to a rapid change of OH”" 
ions and of potential the end point can be identified. 

In addition to neutralizations and oxidations, it is possible to obtain 
end points in precipitations. The titration of iodide with silver nitrate 
is a simple example. A silver wire is placed in the solution and con- 
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nected to a calomel reference electrode through a galvanometer which 
is set at zero by opposing a potential from a battery and adjustable 
rheostat. As the silver solution is added, the galvanometer remains 
near zero because the silver-ion concentration is fixed by the solubility 
of silver iodide. When all the iodide is precipitated, however, the next 
drop increases the silver-ion concentration enormously and the gal¬ 
vanometer is deflected sharply. An end point with a different electro¬ 
motive force is obtained for bromides, and, thus, it is possible to deter¬ 
mine the amounts of both chlorides and bromides in a mixture of the two. 

Junction Potentials. In addition to the potentials at the two elec¬ 
trodes, already discussed, there is a third potential if two different 
solutions are in contact with each other. If, for example, a concen¬ 
trated solution of hydrochloric acid touches a dilute solution, both 
hydrogen ions and chloride ions tend to diffuse from the concentrated 
solution into the dilute solution. The hydrogen ion moves faster, and, 
thus, the dilute solution soon becomes positively charged on account 
of an excess of positive hydrogen ions. The more concentrated solu¬ 
tion is left with an excess of negative chloride ions and thus acquires a 
negative charge. The differential diffusion is soon offset by the charges 
set up. 

In general, it may be stated that the difference of potential set up at 
the junction of the two solutions is caused by the difference in the rates 
of migration of the two ions, the more dilute solution acquiring a charge 
corresponditig to thai of the faster-moving ion. 

The difference in potential at the junction of two liquids must be 
eliminated or corrected in making accurate measurements of electrode 
potentials. The most convenient way of minimizing this potential is 
through the use of a salt bridge of potassium chloride connecting the 
two solutions of different electrolytes. 

Potassiiun chloride is used because the transference numbers of the 
two ions are about the same, 0.49 for K’^ and 0.51 for Cl~. Under 
these conditions each ion moves with nearly the same velocity, and 
each has the same tendency to give its charge to the more dilute 
solution. 

Other ions than potassium and chloride are usually present at the 
two ends of the bridge, and it is desirable to minimize the effect of 
these ions by having a large excess of the potassium chloride. For 
this purpose saturated potassium chloride is more effective than normal 
potassium chloride in eliminating the junction potential, but it is more 
troublesome to use. When potassium chloride cannot be use<i, as, 
for example, in a cell containing silver nitrate, a salt bridge of am¬ 
monium nitrate is used. 
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The junction potential Ej may be largely eliminated as just described, 
or it may be calculated with the help of the following equation, 




Va — Vc RT 02 

-In — 

Va + Vc nF Oi 


( 22 ) 


where 02 is the activity of the ions in the concentrated solution, Oi is 
the activity in the dilute solution, and Vc and Va are the migration veloc¬ 
ities of the cation and anion, respectively. This formula applies to cells 
with metal electrodes which are reversible with respect to the cation. 
Its derivation is not given here. 


Example 13, Calculate the junction potential when a solution of copper 
sulfate having acu-^+ = 0.1 is in contact with a solution having Ucui' = 0.001. 




Va - r, RT 02 _ 0.00083 - 0.00036 

Va + Vc nF ai “ 0.00083 + 0.00036 ^ 




Wlien the concentrations of the two solutions are the same, but only 
one ion is common to both solutions, the junction potential can be 
estimated by the following empirical formula: * 

RT A 2 

£.= In (23) 

nF Ai 

where A 2 and Ai are the ecpiivalent conductan(;es of the two electrolytes. 

The evaluation of the junction potential constitutes one of the most 
difficult problems of electrochemistry. It cannot be calculated with 
exactness; in fact, its theoretical significance is uncertain, and yet it is 
useful in trying to give numerical values to the activity of single ions as 
distinguished from the mean activity of the electrol 3 ^te. Such numeri¬ 
cal values of the activity of single ions probably have no theoretical 
significance, but they are useful in many calculations when combined 
with the activities of other ions. 

Particularly in the electrochemistry of nonaqueous solutions, igno¬ 
rance of junction potentials constitutes a serious handicap. These poten¬ 
tials may be quite large. Nevertheless the uncertainty need not prevent 
their use in an empirical way for practical measurements, particularly 
if the measurements involve differences in concentration, for then the 
junction potential is largely canceled out. 

Activity of Electroljrtes and Ions. The activity of an electrolyte or 
ion, as previously explained, is used in determining true equilibrium 
constants. By definition, the activities are equal to the concentrations 
in very dilute solutions, and the difference between activities and com 

* Lewis and Sargent, J, Am. Chem. Soc., 31 , 363 (1909). 
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centrations in more concentrated solutions depends on the interaction 
between all the units in the solution thus making the ions behave dif¬ 
ferently than they would at infinite dilution. 

The simple equations which apply only in dilute solutions may be 
made applicable also to concentrated solutions by substituting activities, 
or effective concentrations, for analytically determined concentrations. 
A similar situation was met with on page 270. This simple artifice is 
not quite so fundamental as might appear at first sight, for a new and 
unknown variable, the activity coefficient 7 , has been introduced. 
However, this activity coefficient may be determined experimentally in 
a number of different ways (in terms of appropriate conventions), and it 
is a great advantage to be able to use such equations with exactness, 
even if the evaluation of the new quantity is sometimes rather difficult. 
Methods for determining activities are given on pages 682 and 686 . 

From a thermodynamic standpoint and for the purpose of making 
practical calculations, it is unnecessary to attach physical reality to 
activities. They can be visualized roughly as effective concentrations 
but the effective concentrations may vary with the measurement or the 
purpose of the experiment, whereas the activity is a specific quantity, 
determined unambiguously by experiment and definition. 

The activity of a 1-1 electrolyte may be defined as the product of the 
ionic activities: 

X a- = a^oiute (24) 

The activity coefficients 7 ^ and 7 _ of the ions are defined as the ratios 
of the activities of the ions to their molal concentrations. 

CI 4 . CL 

7 + = — ; 7 - = — (25) 

m m 

By definition, the activity coefficient 7 of the electrolyte is 

T = ( 7 + X 7-)^ (26) 

for a 1-1 electrolyte, and, hence, for a 1-1 electrolyte, 

^^«oiute = m-(- X my^ = rn^y^ (27) 

In dilute solutions it may be considt^red that the ionic activities are 
approximately equal 

= a- = my (28) 

For other than a 1-1 electrolyte, the expressions are slightly more 
complicated. Thus, for a salt of the CaC^ type, 

<^CaCl2 = X acr^ 


(29) 
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if the molality of C'aCl 2 is m, the Ca"^”^ concentration is m and the 
C"l~ concentration 2 m. Therefore 



a_ 

7 + = ; T- = — 

m 2m 

(30) 

Also, 


T = ( 7 + X 

(31) 

Finally, 


acaci2 = (TO 7 +)( 2 m 7 _)^ = 

(32) 


The extension to other typers of electrolytes is similar. 

Cells without Transference. The cells which have been studied thus 
far have Ix^en cells with liquid-junction potentials, called cells with 
tranfifererice. Those which do not contain a liquid junction are called 
cells without tramsfcrcnce. Through the use of a potassium chloride salt 
bridge it is possible to redu(H^ greatly the junction potential. Although 
cells with salt bridges have great i)ractical value, as, for example, in the 
hydrogen electrode, tlK\y are not and probably never will be thermo¬ 
dynamically exact,* 

The cells without liquid junctions are free from this difficulty of the 
junction potential and are thermodynamically exact, except for a small 
correction for change of transference with concentration, but they are 
difficult to devise. Moreover, since they are reversible with respect to 
both ions, the potential of the cell gives the mean activity of both 
positive and negative ions, and absolute information concerning either 
one alone is not available. They are used for measuring accurately 
the mean activities of electrolytes. 

Concentration cells may be arranged without liquid junctions by 
using a metallic conductor between two cells, each having the electro¬ 
lyte at a different concentration, as shown in the following example: 

Pt, H 2 ; lien; AgCl, Ag, Ag, AgCl; HCl; H 2 , Pt (33) 

mi m2 

Each of the two cells has a hydrogen electrode and a silver chloride 
electrode dipping into a solution of HCl at a given concentration. 
Each electrode is reversible with respect to one of the ions, the hydro¬ 
gen electrode with respect to hydrogen ion, and the silver chloride elec¬ 
trode with respect to chloride ions. Each of the two ions then gives a 
concentration cell, and the total electromotive force of the cell must 
include both. 

The electromotive force of the concentration cell given in equation 33 
is the sum of the two electromotive forces, as calculated with the help 


* Guggenheim, J. Phys. Chem,y 84 , 1758 (1930). 
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of equations 12 and 14 for concentration cells of positive and negative 
ions as follows: 


E = Eii+ + Eqi- ~ 


RT aH+, 1 , RT Uci-2 

In-^—I — In- 

aii\ 2 acr, 1 


RT «!£+ 1 X aci- 1 
__ -!- 

nE 2 X CLcv, 2 


In general for any 1-1 electrolyte in which both ions have reversible 
electrodes, the formula for a coiu^entration cell without transference is 

RT a_i, iX a_ 1 
E = - — In —^^ 
nE a-|., 2 Xa _,2 


where and refer to the activities of the positive and negative ions 
of the electrolyte, and 1 and 2 refer to the different concentrations of 
the electrolyte, the electrolyte at concentration 1 being placed at the 
left electrode. Replacing ^ 4 . X a~. with its equivalent (inyf^ for a 1-1 
electrolyte gives 


E 


2RT mi7i 

-In- 

nE W 272 


(34) 


where rrii and 71 refer to the molality and the activity (ioefhcdent of the 
electrolyte at one concentration and m 2 and 72 at another. At 25° 
this formula becomes 

mi7i 

E = -0.1183 log- (35) 

^272 

This is an important formula which finds extensive use in determining 
activities and aedivit}^ coefficients. The concentrations mi and m 2 and 
the electromotive forces are determined experimentally, leaving only 
7 i and 72 as unknowns. By extrapolation of E to infinite dilution 
where 71 = 1 , it is possible to determine the activity coefficient and 
the activities at any concentration. A specific example is worked out 
in detail for hydrochloric acid in the appendix on page 682. In this 
general manner, the activity coefficients of the electrolytes given in 
Table VI have been determined. 

It may be noted that the activity coefficients of these electrolytes 
pass through a distinct minimum value but that the minima do not occur 
at the same concentration for each solute. In Fig. 116 the activity co¬ 
efficients of these typical electrolytes are plotted against the square root 
of the ionic strength, a term which is defined on page 507. 
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TABLE VI 


Activity CoEFFJriENTS at 25® 


Molality 

HCl 

KCl 

NaCl 

NaOII 

H 2 SO 4 

Ca(;i 2 

CdS04 

0.005 

0.030 

0.927 

0.928 


0.643 

0.789 


0.01 

O.OOG 

0.902 

0.903 

0.89 

0.545 

0.732 

0.476 

0.05 

0.833 

0.817 

0.821 

0.80 

0.341 

0.584 

0.383 

0.10 

0.798 

0.770 

0.778 

0.75 

0.266 

0.524 

0.199 

0.20 

0.768 

0.719 

0.732 

0.71 

0.210 

0.491 

0.137 

0.50 

0.769 

0.652 

0.680 

0.68 1 

0.155 

0.510 

0.061 

1.00 

0.811 

0.607 

0.656 

0.66 

0.131 

0.725 

0.042 

2.00 

1.011 

0.578 

0.670 

0.68 

0.125 

1.554 

0.030 

3.00 

4.00 

1.31 

1.74 

0.574 

0.719 

0.791 

1 

0.142 

0.172 

3.384 

0.026 


Usually, the activity coefficients are loss than 1, and the activity 
which may he regarded in an oversimplified way as elTec’tive concentra¬ 


tions is less than the analytically 
determined concentration. In¬ 
terionic attraction is responsible 
in large part for this deviation. 
Sometimes, as in concentrated 
solutions of hydrochloric acid or 
calcium chloride, or in nonaque- 
ous solutions, the activity coeffi¬ 
cients are found to be much 
greater than 1. It is of doubtful 
value to offer a mechanism for 
activities, but this effective con¬ 
centration, so much greater than 
the stoichiometric concentration, 
may be attributed to a change in 
the solvent. The activity may 
be increased by removing solvent 
quite as well as by increasing the 
amount of dissolved solute. Cal- 



Fig. 115. Activity coefficients of typicial 
electrolytc^s. 


cium chloride, which crystallizes out with water of crystallization, may 
render some of the water partially inactive as a solvent and thereby 
make the activity greater in concentrated solutions than the analytically 
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determined concentration. In very concentrated hydrochloric acid solu¬ 
tion the high value of the activity coefficient 7 probably is due to the pres¬ 
ence of hydrochloric acid molecules which are absent in dilute solutions. 

The activity coefficients of a large number of electrolytes^ both alone 
and mixed, in solutions of different concentI’ations have been deter¬ 
mined with a high degree of accuracy.* Concentration cells without 
transference may be made with a connecting 'scire, as shown in ecpia- 
tion 33, or they may be made hy using an amalgam in a compartment 
which is connected with two diffenmt solutions, as in the following cell. 

Ag; AgCl, LiCd; Li(Hg),; LiCl, AgCl; Ag 

nil 


3dus cell is in realit}^ made up of two independent cells and involves no 
liquid junction. The molalities of the lithium (‘hloride in the two solu¬ 
tions are nii and nio, and the activity coefficients are 71 and 72 . The 
electromotive forcH' is given by equation 34, thus: 


RT 

E = -2— In 
nF 


nti^x 

^^272 




If two concentration cells are arranged, one'., with transference and 
one without transference, there will be a difference in electiomotivt^ 
force on account of the junction potential. This in tin‘n is determined 
by the transferences num])er. For example, in the following cell Avith 
transference the electrodes of silv('r chloride are revei'sible with respect 
to the chloride ion: 

Ag; AgCl, LiCl; LiCl; AgCl; Ag 

nil ni2 


It can be shown t that, in a cell with transference, Avhich is reversible 
to the anion, 


2ncXRT iitiyi 

Et ^ -—- In- 

nF ni 2 y 2 


(37) 


* Harned and Owon, Physical Chemistry of Electrolytic Solutions,Reinhold 
Publishing Corp., New York, 1943; Taylor, “Treatise on Physical Chemistry,’’ D. 
Van Nostrand Co., New York, 1931, pag(\s 763-825; Macinnes, “The Principles of 
h]lectrochemistry,” Reinhold Publishing Corp., New York, 1939, page 167. 

t The potentials of the two electrodes and the junction poiential ar<^ added together 
for the electromotive force? of the whole (?eH. Macinnes, “The Principles of Electro¬ 
chemistry,” Reinhold Publishing Corp., New York, 1939, pages 222-226. 

X The term 2nc docs not appear in the formulas for cells with transference given 
before because the junction potential was practically eliminated with a potassium 
chloride bridge. It is assumed in this derivation that 7ic remains constant between 
mi and 7112 . 
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Dividing equation 37 by equation 36 gives 

Et 

nc = — (38) 

E 

By using this formula for data obtained in the lithium cell just described, 
the transference number of lithium ion in 0.01 molal solution Avas 
found to be 0.334* in close agreement with the value 0.332 found ])y 
other methods. 

The Lead Storage Battery. Various combinations of electrodes 
have been used for converting chemical energy directly into useful elec¬ 
tric energy. With two notalde exceptions, the lead storage battery 
and the zinc-ammonium chloride Leclanche dry battery, most of 
these are no longer used in competition with the cheap electricity now 
obtainable from large mechanically driven dynamos. 

The lead stoi'age battery consists of an electrode of lead and an elec¬ 
trode of lead oxide immersed in sulfuiic acid. Each plate has a rough 
surface ex})osing a large area, and the two are held close together in 
rigid frames. The (^ell is 

Pb; PbS04, H2S()4 (207 o); PbOs, Pb 

and the ionic cell reaction is 

Pb + HSO 4 - = PbS04 Cs*} + II ‘ + 2 c 

PbO. + 3TI+ + HS 04 “ + 2c = PbS 04 C^) + 2 II 2 O 

cliHchurj^e 

Pb + Pbf)a + 2TC + 2 IlS() 4 -:pzr.ll 2 PbS 04 («) + 2 H 2 O (39) 

charge 

The important thing about this cell reaction is the fact that equation 39 
can be reversed, and if electrons from a dynamo are put into one elec¬ 
trode, additional spongy lead is deposited from the lead ions in the 
saturated solution of lead sulfate. According to a hypothetical mecha¬ 
nism, electrons are removed from the other electrode at the same time, 
thus, converting Pb"^"*" from the lead sulfate into which in 

turn deposits as Pb 02 according to the reaction: 

Pb++++ + 40H“ = Pb02 + 2 H 2 O 

These electrically replenished electrodes are then ready to follow again 
the original cell reaction with the flow of electrons from lead electrode 
to lead oxide electrode, thus generating useful electricity. 

* Macinncs and Beattie, /. Am. Chem, Soc., 42, 1117 (1920). 



476 


ELECTROMOTIVE FORCE 


When the battery is discharged, the sulfuric acid is converted into 
lead sulfate and water, whereas the sulfuric acid is regenerated on charge 
ing. The specific gravity of the sulfuric acid and water of a fully charged 
battery is about 1.215. If the battery is allowed to stand idle for a while 
in a discharged condition, the lead sulfate becomes less soluble and crys¬ 
tallizes out on the electrodes in difficultly removable layers, thus, tend¬ 
ing to cover up the electrode and decrease the current attainable. In 
cold weather the dilute sulfuric acid may freeze, and such freezing may 
damage the electrodes and their retaining structures. 

The voltage of a cell should not be allowed to fall below 1.8 volt, and 
the specific gravity should not be allow(xl to fall too far. When these 
conditions are reached, the battery should be recharged until gaseous 
hydrogen and oxygen are copiously evolved, and a constant voltage of 
a little over 2 volts is reached. 

On open circuit there is no reaction, because the high overvoltage of 
hydrogen on lead prevents chemical action with the acid. Impurities in 
the lead electrodes or deposits from impure water may s(^t up local 
action whieffi runs the cell down. Again, some electrical leakage may 
take place across the cover of the cell, particularly if it has dirt or sul¬ 
furic acid on its surface. 
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PROBLEMS 

1 . A thallium amalgam of 4.93 per cent T1 in T1 -f Hg and another amalgam of 
10.02 poT cent T1 are placed in separate legs of a glass cell and covered with a solution 
of thallous sulfate to form a concentration cell. The voltage of the ccill is 0.029480 volt 
at 20® and 0.029971 volt at 30°. The mercury acts only as a diluent, (a) Which 
is the negative electrode? (b) What is the heat of dilution per mole of thallium when 
mercury is added at 30° to change the concentration from 10.02 per cent to 4.93 
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per cent? (c) What is the electromotive force of the cell at 40°? The experimentally 
determined values are as follows: 

(а) 10.02 per cent is negative toward 4.93 per cent. 

(б) —349 cal per mole. 

(c) 0.030467 volt. 

2. The voltage of the cell, 

Zn; ZnCla (sp. gr. 1.391); HgCl; ITg 

is 1.0000 volt at 15° and 1.00047 volts at 20°. What is tin* average heat of the 
reaction, 

Zn (s) + 2HgCl (s) = ZnCl 2 (sp. gr. 1.391) -f 2Ilg (/) 

between 15° and 20°? Ans. AH = —44,865 cal. 

3. The free en(*rgy of formation AIA^ 29 Sak of is — 5,()30 cal. The free ener¬ 

gies of formation of the elements and of hydrogen i(ai at unit activity are taken as 
zero. Calculate the voltage of the cell at 25°, 

Pt, IIj (1 atm); 11+ (a = 1) || Pl)++ (a = 1); Pb 

Ans, —0.122 volt. 

4. Given the cell at 25°, 

Pb; Pb+ +- (a = 1) II Ag+ (a = 1); Ag 

(a) calculate the voltage; (5) write the cell reaction; and (c) (calculate the free-energy 
change. 

Ans. (a) 0.925 volt. 

(b) -JPb (s) + Ag+ (a = 1) = lpb++ (a = 1) + Ag (s). 

M -21,330 cal. 

5. (a) Construct a cell in which the reaction is 

JCd is) 4- iBrz il) = ICd-^-^ (a = 1) -f Br" (a = 1) 

(h) What is th(^ voltage of the cell? 

(c) What is the free ('nergy of the n'action? 

id) What diff(‘rence would there be in the solution of this problem if the reaction 
were written 

Cd («) + Bra (/) - Cd++ (a = 1) -b 2Br- (a = 1) 

Ans. (a) Cd; Cd++ (a - 1) |1 Br” (o = 1); Br 2 (0, Pt. 

(b) 1.4674 volts. 

(c) -33,836. 

(d) (a) and (6) would be the same; (c) would be —67,672. 

6. Calculate the voltage of the following cell at 25°: 

Pt; Ti+++ (a = 0.3), Ti++++ (a = 0.5) 1| Ce+++ (o - 0.7), Ce++++ (a = 0.002); Pt 

Ans. 1.406 volts. 

7. Write the reaction of the cell: 

Pt; Fe++ (a == 1), re+++ (a = 1) |1 Ag+ (a = 1); Ag 

Calculate (a) the cell voltage and (5) the free energy of the reaction at 25°. (c) 

What is the value of the equilibrium constant? {d) What would be the activity 
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of Ag"^ ions in equilibrium with solid silver in a solution containing and Fe*^*^ 

at unit activity? 

Ans. {a) — 0.028 volt, {h) — —645 cal. 

(r) K - 2.97. (d) aA«+ -= 0.34. 

8. Develop a formula for calculating t lu^ voltage of a cell consisting of two chlorine 

electrodes at different pressures imnanscHl in a solution of a chloride'.. Calculate the 
voltage if the clilorine of oru' (;h'ctrod(^ is at 1 atm, tlu; other is at 0.25 atm, and the 
temperature is 25“. Ans. ±0.018 volt. 

9. To what pH an^ the following hydrogen-ion activities at 25° ecjual: (a) 0.3, 
(b) 10~^^? To what hydrogen-ion activities at 25° are the following j:>li values 
ec^uivalent: (c) 10.6, (d) —1.1? 

Ans. (a) 0.52. (6) 11. (c) 2.5 X 10~^h (d) 12.6. 

10. A voltage of 0.829 was obtained at 25° for a solution when placed in the cell: 

Ft, TI 2 (1 atm); solution |[ normal calomel electrode 

What is the pH of the solution? Ans. 9.29. 

11. (a) Write the cell R'action, and derive an expression for the (dectroinotive 
force of the following cell shown in Fig. 110: 

Ilg; IIg 2 Cl 2 ; KCl (1 N) || ir+(a); Pt 

(6) At 25° C what is the vol(.ag(i of the cell if the barometric pressure is 750 mrn, 
the vapor jmissurc^ of watcT above the solution is 23.7 mm, and the pH = 3.50? 
Neglect th(i depth of imnu'rsion of the platinum electrode, and assume that the 
hydrogen is saturated with water vapor. 

■Ifis. (a) Ilg + cr (1 N KCl) + H+(a) = i ng 2 Cl 2 + I ll 2 (p). 

(b) -0.4802. 

12. The cell, 

Normal ciilomol electrode || (solution quinhydrone) Pt 

was found to hav(^ an electromotive force of 0.J79 volt for a certain solution at 25°. 
What is the pH of the solution? Aits. 4.07. 

13. What is the voltage of the cell, 

Zn; Zn804 (0.01 m); ZnS 04 (0.1 m); Zn 

at 25°? For ZnSO.i, ria = 0.6, and the activity coefficients of the Zn"^"^ ion are 0.23 
in 0.1 m ZnS(94 and 0.5 in 0.01 ni ZnS 04 . Ans. 0.024 volt. 

14. For the cell at 25°, 

Cd, Hg (2 phases); Cd I 2 (m = 0.1); Agl, Ag 

Bates (/. Am. Chem. Soc., 63 , 399 [1941]) found E — 0.35776. AMien cadmium 
iodide is at unit activity, — 0.20060. Calculate the activity coefficient of the 
cadmium iodide in 0.100 molal solution. Ans. 0.107. 

15. A solution at 25° contains Ni"^"^ ions at an activity of 0.1. If the solution is 

too acid, hydrogen will be deposited on the cathode instead of nickel. What should 
be the pH of the solution so that the hydrogen will not be liberated until the potential 
is 0.1 volt greater than the potential required to deposit the nickel? The overvoltage 
of hydrogen on nickel may be assumed to be 0.2 volt. Ans. 3.04. 

16. A small dry battery of zinc and ammonium chloride weighing 85 g will operate 
continuously through a 4:-ohm resistance for 450 minutes before its voltage falls 
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below 0.75 volt. The initial voltage is and the effective voltage over the whole 
life of the battery is taken to be 1.00. 

Theoretically how many miles above the earth could this battery be raised by the 
energy delivered by this battery under tln^sti conditions? 

17. Calculate the electromotive force of the cell, 

Ag (60; AgCl (6); NaCl (1 N); IlgaCla (8); ITg (1) 

from the following standard free energies of formation: 


Ag+ 

4-18,488 cal/moie 

AgCl (,9) 

-26,187 

Na+ 

-62,588 

ci- 

-31,367 

Hg2Cl2 

-50,274 


18. E for the standard Wciston cadmium cell is 1.0186 volts at 20° and decreases 
0.0000406 volt for each degree rise in temi^erature above 20°. 

(a) State these facts with a single mathematical equation, and calculate (6) the 
lu^at. evolved (;r absorbed p(^r mole of cadmium consuni(;d, and (c) the free-energy 
chang('. piir mole of cadmiimi consumed. 

19. Given the cell at 25°, 

Pt, Cl 2 (<?); Cl- (o = 1) II T1+++ (a = 1), T1+ (a = 1); Pt 

(a) Write the c(‘ll n'action. 

(b) Calculate 

{(•) Calculat(‘ th(* eciuilibriiim constant for the cell n'action. 

(d) Calculab; E for the cell when the chloride ion activity is 0.1 instead of 1. 

20. (a) Construct a cell in which the react ion is 

• 2 -CI 2 (g 1 atm) + Br“ (a = 1) = Cl“ (a = 1) -f |Br 2 (I) 

(h) Determine the voltage at 25° and (r) calculate the free energy of the reaction. 

21. (a) Calculate' the voltage of the following cell at 25°: 

Zn; Zn ^+ (a - 0.0004) i| Cd+-^ (a = 0.2); Cd 

(b) Write the cell reaction. 

(r) Calculabi the value of the free-cmergy change; involve'd in the reaction of the 
solutions as giv(;n, that is, Zn"^*^ at an activity of 0.0004 and Cd"^^ at an activity 
of 0.2. 

22. (a) Calculate the equilibrium constant for the reaction at 25°: 

Sn++++ -f- 2Ti+++ - 2Ti++++ + Bn++ 

(b) When 0.01 mole of stannous ion is added to 1.0 mole of Ti"*""*""^"^ ion in 1000 g 
of water, what will be the concentration of ions (if it is assumed for the calcu¬ 

lation that the activities are (essentially equal to the concentrations)? 

23. The electromotive force of the c(dl, 

/FeCIa (0.1 m)\ 

Normal calomel electrode |1 1 FcCl 2 (0.1 rn) | ; Pt 
\HCl(0.1m) / 

is 0.446 volt at 25°. The hydrochloric acid is added to prevent hydrolysis. Assum¬ 
ing that the activity coefficients of the and Fe'*"'^ ions are 0.75 and 0.87 
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respectively, calculate the value of for the ferric-ferrous electrode containing 

0.1 m HCl. 

24. Calculate the voltage at 30° of a concentration cell composed of two amalgams, 
one having 0.3315 per cent by weight of thallium in T1 + Ilg and the other 1.704 
per cent by weight of thallium. The density of the first is 13.51 and that of the 
second 13.48. The experimentally determined voltage of the cell is 0.046937. The 
difference betw(^en the observed and cahmlated values is due to the fact that tlu; 
amalgams are so concentrated that, they do not behave as ideal solut ions. 

25. (a) What is the activity of hydrogen ions in a solution which has a pll of 8.6 
at 25 °? 

(6) Calculate the yffT of a solution which has a hydrogtm-ion activit}' of 5.1 equiv¬ 
alents per 1000 g of walc^r at 25°. 

26. Calculate the pH of O.Ol N sodium hydroxide solution at 25°. The activity 
coefficient is 0.75. 

27. When the pll of a solution is measund by means of a hydrogcai (‘lectrode 
against a calomel electrode, the partial pressure of the hydrogen is usually not exactly 
1 atm. At 25° how low can the partial pressure of the hydrogen be before a correction 
is necessary, if an error of 0.005 pH unit is allowable? 

28. What is the potential of the cell, 

Ag; AgNOg (0.02 nO; AgNOg (0.1 m); Ag 

at 25°? For AgNOs, ria = 0.53, and the activity coefficients of silvcT nitrate are 
0.86 in 0.02 m AgNOs and 0.72 in 0.1 m AgNOs. 

29. The cell, 

K (amalgam); KCl (0.05 m); AgCl, Ag, AgCl; KCl (0.2 ru); K (amalgam) 

is reversible to both cation and anion. Calculate its potential at 25°, knowing the 
activity coefficients of potassium chloride. 

30. What must bo the con(;ontration of Cu"^'^ ions in ordc'r that the deposition 
potential of copper from solution at 25° will be the same as the deposition potential 
of zinc from a solution containing Zn*^"*" ions at unit activity? 


31. The voltage of the cell, 

Pb; PbS 04 ; Na 2 SO 4 l0H2O (sat.); Hg 2 S 04 ; Hg 

is 0.9647 at 25°. The temperature coefficient is 0.000174 volt per degree. Calculate 
(a) the heat of the reaction and (6) the free-energy change of the reaction, 

Pb (s) + Hg 2 S 04 (s) = PbS 04 (5) + 2Hg (0 

32. Calculate AF for the reduction with iron of one mole of ferric ion to ferrous 
ion, each at unit activity. 

33. Given the cell at 25°, 

Cd; Cd++ (a - 1) II1“ (a = 1); I 2 («), Pt 

(a) calculate E^; (b) write the cell reaction; (c) calculate A/^. 

34. Instead of using oxidation potentials such as Na; Na"*" = 2.7139 it would be 
equally satisfactory to use reduction potentials such as Na"^; Na = —2.7139. Re¬ 
calculate example 5 on page 449 using this system of reduction potentials. 



PROBLEMS 


481 


35. Calculate the activity of mercurous ion in a solution at 25^ which originally 
had an activity of 0.001 of mercuric ion after enough ferrous iron has been added to 
give the solution an activity of ferrous ion equal to 0.0004. 

30. (a) How should a cell be constructed in order to determine for the cell 
corresponding to the reaction of CI 2 with Fe"^"^? ( 6 ) What is the equilibrium con- 
vstant for the reaction? 

37. At 25° for the reaction, 

2Fe+++^ -f 2 IIg = 2Fe++ + IIg 2 "^+ 

the equilibrium constant is 0.018, and at 35° it is 0.054. What is the value of 
at 45° for the (ujll which corresponds to this reaction? 

38. Given the cell at 25°, 

Pt, A'a; A'- (a = 0.1) |1 A'- (a = 0.001); Z 2 , Pt 

where is an unknown halogen: 

(a) Write the cell reaction. 

(h) Which electrode is negative? 

(c) What is the voltage of the cell? 

(d) Is the reaction spontaneous? 

30. What is the activity of zinc ions in a solution which gives with a zinc electrode 
a voltage; of —0.7500 against the standard hydrogem el(;ctrode? What is the molality 
of the solution if the activity coefficient for the zinc ion is 0.30 at this concentration? 

40. A hydrogi'n el(;ctrode and a normal calomel cell give a voltage of 0.480 when 
placed in a certain solution at 25°. What i.s the pll of the solution? 

41. A hydrogen electrod(; and calomel cell are used to determine the pH of a 
solution on a mountain where the baromet(;r is 500 mm. The hydrogen is allowed 
to bubble out of the electrode at the atmosjdieric pressure prevailing there. If the 
/>II is calculatxid to be 4.00, what is the correct pH of the solution? 

42. The cell. 

Normal calomel electrode || (solution, quinhydrone) Pt 

was found to have a potential of 0.212 for a certain solution at 25°. What is the pH 
of the solution? 

43. Write each electrode reaction and the net reaction for the cell, 

Ag; AgCl, LiCl; Li(Hg),; LiCl, AgCl; Ag 

mi m2 

and show that equation 36 follows from equation 8 . 

44. Calculate the activity of H 2 SO 4 in 0.01 molal solution if the activity coefficient 
7 is 0.545. 

45. Tartar, Newschwander, and Ness (J, Am. Chem. Soc., 63, 28 [1941]) found 
that the electromotive force of the cell, 

Pt, H 2 ; H 2 SO 4 (m == 1 . 0 ), ZnS 04 (m = 0.5); Hg 2 S 04 ; Hg 

is 0.67281 volt at 25°. — 0.61515 volt. Calculate the activity coefficient of 

sulfuric acid in a solution which is 1 racial with respect to H 2 S ()4 and 0.5 molal with 
respect to ZnS 04 ._ 

46. Manganese dioxide electrode has been used for measuring pH. 'Write, an 
equation for the electrode reaction, and give a formula for its use as an indicator 
of pH. 
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47. The electromotive force of the cell, 

Hg; IIg 2 Br 2 (sat.), MBr (aq soln); AgBr (sat.); Ag 

has been determined accurately by Dakin and Ewing (/. Ayn. Chem. Soc., 62, 2280 
[1940]), and the values of AgBr have been determined by Owc'ii and Foering 
(J. Am. Chem. Soc.y 58, 1575 [1936]). The data are as follows: 


Temp. 

■^cell 

AgBr (sat.) 

15 

0.06492 

0.07586 

25 

0.06804 

0.07121 

35 

0.07116 

0.06591 


(а) Calculate F^HR 2 Br 2 ; iig ea-ch temperature and find formulas which give Eceii 
and EHg 2 Br 2 (sat.); Hg as a function of temperature. 

(б) Calculate AF^ at 25° for the reaction, 

2Ag + Hg 2 Br 2 = 2 AgBr -f 2 Hg 

(c) Calculate All for this reaction. 

(d) Calculate AS for this reaction. 

(e) Using the free energy of formation of silver bromide AF^ = —22,935 cal p(?r 
mole, show that free energy of formation of mercurous bromide is —42,733. 

48. Five hundred milliliters of 0.001 N stannous ion is added to 500 ml of 0.001 N 
ferric ion at 25°. What will be the concentration of each of the four resulting ions? 
The activities may be considered equal to the concentratioiivS for this cal (‘illation. 

49. A recently developed cell knowm as the RMR cell is composed of zinc, pot^assium 
hydroxide, water, and mercuric oxide. Write an over-all reaction for the cell in 
which zinc and potassium hydroxide are consumed, mi'.rcury is d(q)osil,ed, and potas¬ 
sium zincate is formed, and write the reactions occurring at the two electrodes. 

50. A solution 0.5 molal with respect to H2SO4, and 1.5 molal with respect to zinc 
sulfate has a vapor pressure of 22.454 min at 25°. For the cell, 

Pt, H 2 ; 112804 (m = 0.5); ZnS 04 (m = 1.5); Hg 2 S 04 ; Ilg 

E — 0.69021 volt and is equal to 0.61515 volt. For the cell 

Zn; H2SO4 {m = 0.5); ZnS 04 {m = 1.5); Hg 2 S 04 ; Hg 

E = 1.44561 volts and FP = 1.3765 volts. The vapor pressure of pure water at 
25° is 23.75 mm. (a) Calculate the activity of the water. ( 6 ) Calculate the mean 
activity of the sulfuric acid, and (c) the mean activity of the zinc sulfate. * 

* Tartar, Newschwander, and Ness, J. Am. Chem. Soc.^ 63, 28 (1941). 
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IONIC EQUILIBRIA 

The study of equilibria involving ions in solution constitutes one of 
the oldest branches of physical chemistry. It was shown on pages 248 
and 397 that salts and other electrol 3 ^tes dissociate into electrically 
cliarged ions, when they are dissolved in water, but further discussion 
of the equilibria of ions was postponed in order to present first the 
concepts of chemical eciuilibrium, the facts of electrolytic conductance, 
and the significance of clcctromotive-force measurements. 

Ionization of Weak Electrolytes. The extent to which a weak elec¬ 
trolyte is dissociiit(Hl ma^^ be determined in different ways, among 
which the electrical-conductanc^e method is the most used on account 
of its accuracy and simplicity. In general, the dissociation becomes 
greater as the solution is diluted. The recombination of the ions de¬ 
creases because the number of collisions becomes less. If the solute 
is not dissociated at all, the solution will have a conductance no greater 
than that of the solvent alone. If it is completely dissociated, the 
equivalent conductance cannot be increased any more by further 
dilution. 

According to the simplest point of view, the degree of dissociation a 
of a weak electrolyte can be calculated from the conductance of the 
electrolyte and the equivalent conductance at infinite dilution as was 
first done by Arrhenius. It has been shown that at infinite dilution the 
equivalent conductance Aq is equal to the siim of the ionic conductances 
Ic and la of the cation and anion. 

Ao = + la (1) 

If the change in velocity of the ions with concentration is neglected 
and it is assumed that the only influence of dilution on the equivalent 
conductance of a weak electrolyte is the production of more ions, it 
may also be assumed that, for an electrolyte dissociating into two ions, 

A = ale d" ocla = olQc + la) (2) 

where A is the equivalent conductance, that is, the conductance of a 
gram equivalent of the electrolyte at the specified dilution, Ic and la are 
the equivalent conductances of the cation and anion, and a is the de- 
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gree of dissociation. If one equivalent of electrolyte is present in solu¬ 
tion, there will be a (xiuivalents of each ion. 

Dividing equation 2 by equation 1 gives 


Although satisfactory for weak electrolytes, this equation cannot 
be applied to strong electrolytes in which dissociation is practically 
complete. The change of equivalent conductance of strong electro¬ 
lytes with concentration is due to a change in velocity of the ions, as 
described later in this chapter. 

Acetic acid is a good example of a weak electrolyte. Wlien dis¬ 
solved in water, it dissociates according to the reaction: 

CH3COOH ;=± CHaCOQ- + H+ 


If c moles of acetic acid is dissolved in a liter c^f water and the degree of 
dissociiation of the acid is a, then the concentration of hydrogen ions is 
ca, the concentration of acetate ions is ra, and the concentration of un¬ 
ionized acetic acid molecules is c(l — a). The equilibrium or ionizatiem 
constant K is given by the expression: 

CiU X CCH 3 C 00 - caXca a^c 
K = - = - = - (4) 

CCH 3 COOH c(l — a) 1 — a 


If more than two ions are formed, the ionization constant will have a 
different form which may be easily derived. 


Example 1. The equivalent conductance of a 0.001028 N acetic acid solution 
is found to be 48.15 at 25°. The equivalent conductance at infinite dilution is 
390.7. Calculate the degree of dissociation of acetic acid at this concentration, 
and calculate the ionization constant. 


A _ 48.15 
Ao ““ 390.7 


0.1232 


K = 



(0.1232)2 X 0.001028 
0.8768 


= 1.781 X 10“^ 


From calculations like this, Table I is obtained by using the data of 
MacInnes and Shedlovsky. * 

* MacInnes and Shedlovsky, J, Am. Chem. Soc., 54 , 1429 (1932); MacInnes,*‘The 
Principles of Electrochemistry,*^ Reinhold Publishing Corp., New York, 1939, page 56, 
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TABLE I 

Ionization Constant of Acetic Acid at 25® 


(Ao = 390.7) 


Concentration, 

equivalcnts/Iiter 

Equivalent 

Conductance 

Degnic of 
Dissociation 

K, 

Dissociation 
Constant X 10® 

0.00002801 

210.4 

0.5385 

1.700 

0.0001532 

112.0 

0.2807 

1.767 

0.001028 

48.15 

0.1232 

1.781 

0.002414 

32 22 

0.08247 

1.789 

0.00.5912 

20.90 

0.05305 

1,798 

0.01283 

14.37 

0.03078 

1.803 

0.05000 

7.30 

0.01884 

1.808 


The value of K calculated in this way is reasonably constant, and it 
is satisfactory for most practical work. There are, however, unsatis¬ 
factory assumptions involved in this calculation which are partly com¬ 
pensating. Making a correction for the fact that the ionic conductances 
are not quite the same as they are at infinite dilution and estimating 
the activity coefficients of the ions from the Debye-Hiickel theory 
discussed later in this chapter on page 511, Macinnes * shows that these 
dissociation constants have \'alues ranging from 1.752 at 0.00002801 N 
to 1.721 at 0.05000 N, In this revised calculation Aq for acetic acid is 
not used, but a value of the equivalent conductance for complete dis¬ 
sociation is obtained at the given concentration by subtracting A^aci 
from the sum of Ahci and ANaC 2 ii 302 at these concentrations, it being as¬ 
sumed that these electrolytes are completely dissociated. 

With the help of equation 4 it is possible to calculate at any con¬ 
centration c the degree of dissociation of acetic acid or any other weak 
electrolyte which dissociates into two ions. When the electrolyte is 
weak, that is, K is 10““^ or 10“^ or less, the concentration of undisso¬ 
ciated electrolyte is practically that of the original concentration. 

Example 2. Calculate the concentration of hydrogen ions in a solution which 
contains 0.0700 mole of acetic acid in 500 ml of water solution. It is convenient 
to convert the data into terms of moles per liter. The original concentration Co 
is then 0.140 mole per liter. Let x equal the number of moles of acetic acid 

Macinnes, ^The Principles of Electrochemistry,” Reinhold Publishing Coip, 
New York, 1939, pages 342-348. 
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ionized per liter, and assume that for weak acids co — x is essentially equal to cq. 
Approximately, 

K = 1.80 X 10-^ 

_ X Co 2 H 302 ~' _ _ X 

<^IiC 2 H 302 ^0 0.140 

= LSO X 10-^ X 0.140 - 2.52 X 10“® 

- 1.59 X 10-3 

More exactly: 

^^Hc -2ii302 (f'o “ x) and .r^ = 1.80 X 10~®(0.140 — x) 

X- + 1.8 X lO-^x - 2.52 X 10~® - 0 
.r = 1.58 X 10-3 

Although these formulas are derived on the assumption that the 
electrolytes dissociate into only two ions, as a matter of fact they 
apply fairly well also to di- and tribasic acids because they dissociate 
in steps. The first hydrogen atom ionizes much more readily than the 
second or third hydrogen in a polybasic acid. Thus, in the electrolytic 
dissociation of carbonic acid, the first hydrogen ion comes off according 
to the reaction, 

H2CO3 PI+ + HCOs" 

in which 

K = 4.54 X 10“^ 

but the second hydrogen ion has to pull away from an ion with two 
negative charges instead of one. Accordingly, the degree of dissociation 
is considerably less, and the dissociation constant is smaller; thus: 

HCOa”” H+ + COr' K = 5.G1 X 10"'' 

Ionization constants for a number of acids are given in Table II. 

The dissociation of bases to give hydroxyl ions has also been the 
subject of extensive study. The alkali and alkaline-earth hydroxides 
are very strong bases and are dissociated to about the same extent as 
equivalent solutions of hydrochloric and nitric acids, whereas, on the 
other hand, ammonia and many of the organic bases are very weak. 
Table III gives the ionization constants of several typical bases. 

The ionization of bases and acids may be determined experimentally 
in several different ways: from measurements of electrical conductance 
or of electromotive force, from measurements of the concentration of 
the hydrogen or hydroxyl ions as described in Chapter XVI, and from 
measurements of the rate of reactions catalyzed by these ions. For 
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example, the rate of inversion of cane sugar provides a means of deter¬ 
mining the concentration of hydrogen ions, and the rate of condensa¬ 
tion of acetone enables one to determine the concentration of hydroxyl 
ions. 

TABLE II 

Ionization Constants of Acids in Water at 25° 


Acid Ionization Constant 


Trichloroac(‘tic acid, CCI 3 COOH 

2 

X 

10 - 

-1 

Iodic, IIIOs 

2 

X 

10 - 

-1 

Dichloroacetic, CIICI 2 COOH 

5.2 

X 

10 “ 

-2 

Monocliloroacetic, Cn 2 ClCOOH 

1.55 

X 

10 - 

-.3 

Formic, HCOOII 

2.1 

X 

10 - 

-4 

Acetic, CH 3 COOH 

1.8 

X 

10 - 

-6 

Carbonic Ni, II 2 CO 3 

4.54 

X 

10 - 

-7 

N 2 , HC03“ 

5.61 

X 

10 “ 

-11 

Hydrocyanic acid, HCN 

7.2 

X 

10 “ 

-10 

Boric /\i, H 3 BO 3 

5.8 

X 

10 - 

-10 

lU, H 2 BO 3 " 

2 

X 

10 “ 

-13 

7v3, HBO 3 — 

2 

X 

10 “ 

-14 

Water, II 2 O 

1.8 

X 

10 “ 

-16 

Ethane, C 2 H 6 

Approx, 

10 - 

-34 


TABLE III 

Ionization Constants of Bases at 25° 


Base 

Guanidine 

Piperidine 

IMethylainine 

Trimethylamine 

Ammonia 

Pyridine 

Aniline 


Ionization Constant 
3 X 10“^ 

1.3 X 10“^ 

4.0 X 10"'* 

6.2 X 10"^ 

1.8 X 10"^ 

1.6 X 10-» 

5.1 X 10“*o 


In comparing the acidity of different acids, it is the hydrogen-ion 
concentration which is significant. In weak acids this is proportional 
to the square root of the dissociation constants as shown in equation 5. 

The equilibrium constant K can be simplified when a is small because 
(1 — a) does not differ appreciably from unity; thus. 


then, 



a 


(5) 
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Example 3. Compare the acidity of monochloroacetic acid with that of acetic 

acid at 25®. _ 

<^ccih2COoh _ \/ ^r!ciFa<^ooyT /c _ \/0.03155 _ q g 
OICHaCOOH V ivcHaCoon/c \/0.0000180 

In example 3 it is seen that replacing one of the hydrogen atoms on 
the first carbon with the negative chlorine atom makes it 9.3 times as 
easy for the hydrogen of the carboxyl group to break away and form 
a hydrogen ion. Apparently, the attraction of chlorine for electrons 
pulls the electron pair farther away from the hydrogen of the carboxyl 
and permits the hydrogen ion to leave with the expenditure of less 
energy. The substitution of more hydrogen atoms by chlorine in acetic 
acid decreases the energy with which the hydrogen ion is held and gives 
acids with larger ionization constants, as is shown by comparing acetic 
acid with mono-, di-, and trichloroacetic acids shown in Table II. 

The influence of one atom or group on the reactivity of a near-by 
atom is affecited by the distance and the position as shown in the chloro- 


substituted benzoic acids at 25®. 



Benzoic 

Para chloro-benzoic 

Meta chloro- 

Ortho chloro- 

acid 

acid 

benzoic acid 

benzoic acid 

COOH 

COOH 

COOH 

COOH 

A 

A 

A 

Aci 

V 

\y 

IJci 

V 


Cl 



K = 0.000073 

K = 0.000093 

K = 0.000155 

K = 0.00132 


In these examples the reactivity of the molecule is characterized by the 
ease with which a hydrogen ion is released. Many other properties 
such as relative rates of chemical reaction with specific reactants are 
used to determine the influence of substituents and molecular structure 
on reactivity. These relations are being correlated now in terms of the 
electron theory of valence so that good predictions can often be made 
on the basis of molecular structure concerning equilibria and rates of 
reaction. The electron theory is discussed in many texts in organic 
chemistry.* 

Repression of Ionization by Salts. Just as the dissociation of a gaseous 
substance is diminished by the addition of an excess of one of the prod¬ 
ucts of dissociation, so the ionization of a weak acid is repressed by the 

* Such, for example, as J. Johnson’s chapter 25 in Gilman’s ^‘Organic Chemistry,' 
John Wiley & Sons, New York, 1943, and Remick, ‘‘Electronic Interpretations of 
Organic Chemistry,” John Wiley & Sons, New York, 1943. 
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addition of a salt formed from the acid and a strong base. The salts 
are almost completely dissociated, and the addition of the extra anions 
drives the eciuilibrium back to give more undissociated acid. For 
example, a solution of a weak acid is made much less acid by the 
addition of the sodium salt of the acid. The quantitative treatment 
follows for the reactions, 

llA ^ Ii+ + A- and Na^ Na+ + 

The concentration of the salt is represented by Since salts are 
generally completely ionized, Cs is also the concentration of the ions 
produced by the ionization of the salt. The total concentration of the 
weighed-out acid including both undissociated and dissociated 

acid, is designated by cq, and the degree of dissociation of the acid is 
designated by ao. The concentration of the undissociated acid is repre¬ 
sented by 6 * 11 ^. Then, 

^ 11 + = <''A~ = OtoCo + Cg 

and 

Cka = (1 — ao)<^*() 

A =-=- 

CllA (1 — ao)Co 

For weak acids is so small that ao^^o is negligible in comparison 
with Cg; and 1 — ao is practically equal to unity. Then, 

K = aoC*s 

or 

K 

= — ( 6 ) 

In other words, the degree of ionization of a weak acid in the pres¬ 
ence of a salt containing a common ion is approximately independent 
of the concentration of the acid, and it is inversely proportional to the 
concentration of the added salt. 


Example 4- In example 2 it was calculated that 0.140 mole of acetic acid per 
liter gave a hydrogen-ion concentration of 1.58 X 10~® gram ions per liter. If 
0.1 mole of solid sodium acetate is dissolved in a liter of this solution, approxi¬ 
mately what will be the concentration of hydrogen ions, if it is assumed tliat 
the volume of the solution remains practically unchanged? 
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Similar considerations hold for the addition of a salt to a weak base, 
thu^ making the solution less basic. Practical use is made of this repres¬ 
sion of ionization. For example, certain metal hydroxides, such as 
magnesium hydroxide, are precipitated by ammonium hydroxide, but, 
when ammonium chloride is added, the ionization of ammonium h}^- 
droxide becomes so slight that thei-e arc not then enough hydroxyl ions 
to precipitate tlie magnesium as hydroxide. 

Ionization of Water. AVater is a weak electrolyte with an ion product 
of 1.0 X at 25°, dissociating accamling to the reaction: 

IIOH ^ 11+ + OII~ 

The ion product of water has been carefully determined by several 
different methods, all of which are in excellent agreement. 

Example 5. Calculate the degree of dissociation and the ion j:)roduct of water 
at 25° from the fact that tlie specific conductance of the purest water has been 
found to be 5.5 X * ohm ^ cin~h The ionic condu(‘tances at infinite dilu¬ 
tion are — 349.8 and Um- ~ 198. 

In pure water 18 ml contains 1 gram equivalent of 1120. Then, the equivalent 
conductance A is given by the relation: 

A = LV - 5.5 X 10-8 X 18 = 9.9 X 


Ao - la = 349.8 + 198 - 547.8 
A 9.9 X 10-’' 


a = -- - 

Ao 


547.8 


- 1.81 X 10"® 


The value 547.8 is the equivalent conductance of a hypothetical completely 
ionized water. 

Since there arc 1000/18 or 55.5 moles of water per liter, 

= f^oir = 55.5a = 55.5 X 1.81 X 10~® - LOO X lO'^ 


a; = ^ ^oH'~ 

Ch20 


(1.00 X 10-^)2 
55.5 


= 1.8 X 10-1® 


Since the concentration of water in the denominator remains constant, it is 
usually absorbed into the ionization constant, and the io7i product is com¬ 
monly used. It is defined as follows: 

= cn+ X CoH- = 1.00 X IQ-^ X LOO X 10“^ = 1.00 X lO'i^ 


Example 6. Determine the ion product of water at 25° from the following 
data. The electromotive force of the following cell at 25° is L05033 volt.f 

(Pt) H 2 (1 atm); KOH (0,01 w), KCl (0.01 m); AgCl; Ag 


* Kohlrausch and Heydweiller, Z. physik. Chem.j 14, 317 (1894); Jones and Brad¬ 
shaw, J. Am. Chem. Soc.y 56, 1800 (1933). 

t Hamed and Hamer, /. Am. Chem. Soc., 66, 2194 (1933). 
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The standard electrode potential for the cell, 

Pt,H2;HCl(a= l);AgCl;Ag 

is 0.22239 volt at 2.5°.* 


h-iK — 7n+CH+7oH^OH“ 


The cell reaction in both cases is jHa + AgCl = H + + (4 + Ag. Hence, 


RT 

1.05033 = 0.22239 - —^ln7„H-„+ X Ta-Ccr 

nF 


nm 

0.22239 -= In 

nF 


Tx. X 

L Ton-Con-J 

.222.39 - 0.05915 log I A',„ ,. 

L Ton- X 0.01 


Ton-Corr 

7n- X 0.01 


] 


In this dilute solution, 7 ,^<|- = Jon- very closely, ulthouft'h it is not accurate 
enough to assume that they eciual unity. Hence, 


log K tv 


-1.05033 + 0.22239 
.“0.05915 


-13.997 = 14.003 


Ktv - 1.01 X 10-1^ 


Direct determiruitions of the ion product of water have been made 
also by measuring the (catalytic effects of and OH“ on the rates of 
certain organic reactions. Anotluu^ nu^thod involves the measurement 
of the hydrolysis of salts, as illustrated in example 10. The ionization 
of water is given at various temperatures in Table IV. 


TABLE IV 

Ion Product or Pure Water ^ 

Temperature 0° 10° 25° 40° 60° 

Xo; X 10^^ 0.113 0.292 1.008 2.917 5.474 

1 Harned and Hain(‘r, J. Ajn. Chem. Soc., 66, 2194 (1933). 


The correctness of the data of Table IV can be checked further by 
taking the values of the ionization constant of water at two tempera¬ 
tures and calculating the heat of the reaction, 

H 2 O = H+ + OH- 

* Harned and Ehlers, J. Am. Cheim Soc.j 64, 1350 (1932). 
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Introducing the values for 10° and 40° into the equation 

2.30372(log K 2 - log Ki)T 2 Ti 

AH == 

T2 - Ti 

and solving for ALT, we obtain 13.5 kcal. This value agrees well with 
that found for the reverse reaction by the direct calorimetric measure¬ 
ment of the heat of neutralization of completely ionized acids and 
bases, namely, —13.8 kcal. 

Thus, in dilute solutions, when a strong base such as NaOH, KOII, or 
LiOH is neutralized with a strong acid such as llCl or HNO 3 , the heat 
evolved is always about the same. This constancy in the heat of neu¬ 
tralization is easily explained by the ionization theory. Since all the 
reactants and all the products are completely ionized, the sodium or 
potassium ions and the chloride or nitrate ions remain unchanged; and 
the only chemical reaction is 

OH“ + 11+ = H 2 O AH = -13.8 kcal 

Strictly speaking, the ions are hydrated, for example, (HsO)'^ * 0:1120 and 
0 H“'*?yH 20 . It thus appears that the neutralization of a strong acid by 
a strong base in dilute solution consists in the combination of hydrated 
hydrogen and hydroxyl ions to form undissociated water. The heat 
of this ionic reaction is —13.8 kcal. The heat of formation of water 
from its hydrated ions must not be confused with the heat of formation 
of water from its elements, nor with the heat of combination of unliy- 
drated ions. , 

When weak acids or bases are neutralized, not only is the heat of 
neutralization of H+ and OH“ ion evolved, but, also, heat is absorbed 
in dissociating the weak acid or base. The resulting salts are usually 
completely ionized. For example, the neutralization of HCN by NaOH 
evolves only 2.9 kcal, whereas 13.8 kcal would be evolved if the acid 
were completely ionized. The difference 10.9 kcal represents the heat 
absorbed in ionizing hydrocyanic acid in water. 

Heats of ionic reactions including neutralizations are determined 
simply in a calorimeter. When zinc deposits copper from a copper 
sulfate solution, for example, 

Zn + Cu++ Cu + Zn++ Aff = -53 kcal 

When dilute solutions of ions are mixed, there is no thermal change 
unless a reaction takes place. For example, when dilute solutions of 
sodium bromide and sodium nitrate are mixed, no heat is evolved or 
absorbed. However, when sodium bromide and silver nitrate are 
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mixed, there is an evolution of 20 kcal per mole due to the heat of pre¬ 
cipitation of silver bromide. Moreover, in dilute solutions the heat of 
precipitation of silver bromide is the same at the same temperature 
whether the starting materials were potassium bromide and silver 
sulfate or any other ionized bromide and ionized silver salt. 

It is possible to pi-epare a table of heats of formation of the different 
positive and negative ions from which heats of ionic reaction can be 
cakailated. The heat of the reaction ^H 2 = + c is usually taken 

arbitrarily as zero, and the heats of formation of other ions are then 
obtained by difference from known ionic reactions. 

Proton Theory of Acids, (k^rtain general aspects of the behavior of 
acids and bases were overlooked in the early development of physical 
chemistry because of the importance of water and its solutions, and 
because of the successes of the Arrhenius theory. Thus, according to 
an older viewpoint, only aqueous solutions show acid and basic prop¬ 
erties, and the term neutralization refers to the combination of hydrogen 
ions and hydroxyl ions. But the formation of water is not a necessary 
criterion for neutralization. For example, the following reactions, 

HCl + NHa = NH 4 CI (in benzene) 

and 

nCl + NaCsHsOa = HC 2 H 3 O 2 + NaCl (in glacial acetic acid) 

give the usual neutralization curve with electrometric titration. 

In 1923 under the leadership of Bronsted and Bjerrum in Denmark, 
as well as Lowry in England and others, the proton theory of acids and 
bases was proposed.* A proton is a hydrogen atom which has lost its 
electron, leaving a small nucleus with a mass a little over 1 on the atomic 
weight scale and with one positive charge. This tiny unit cm in 

diameter immediately attracts solvent molecules and becomes ^^sol¬ 
vated. According to this theory, acids and bases are uniquely char¬ 
acterized by a tendency to exchange protons, just as oxidizing and reduc¬ 
ing agents are uniquely characterized by a tendency to exchange elec¬ 
trons. There is much in common between these two systems. For 
example, a given material may be a reducing agent with respect to 
another one which is lower in the electromotive series, but it may be an 
oxidizing agent toward a substance higher in the series. In the same way 
a given substance may be an acid with respect to a substance of greater 

* Hall, J. Chem, Education, 12, 124 (1940). 

A complete discussion of the theory of acids is given in ‘^Contributions to Chem¬ 
ical Education 1,^^ entitled “Acids and Bases,'’ J, Chem. Education, Easton, Pa. 
1941. A bibliography is given by Alyea, J. Chem. Education, 16, 535 (1939). 
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base strength, or it may act as a base toward a substance of lesser base 
strength. 

According to this very simple view, an arid is a substance which has 
a measurable tendency to give up protons (H"^ ions). Thus, any com¬ 
pound which contains hydrogen may conceivably act as an acid, but, 
in methane and in hydride ion (H~) and similar compounds, the tend¬ 
ency to give protons is so extremely small (that is, the force holding 
the proton is so great) that the substances can hardly be classed as 
acids. 

The strength of an acid is the quantitative measure of its tendency 
to release protons. It varies with the solvent and the experimental 
conditions and is determined by the electronic and nuclear structure 
of the acid. Thus, III is intrinsically a stronger acid than IIF because 
its internuclear distance is greater and the pi*oion is held less firmly, 
and HMn 04 ~ is intrinsically weaker than HMn 04 because tlu^ negatives 
charge tends to prevent the escape of the positive proton. 

An uncharged a(dd cannot of its(4f separate into a positive proton 
and negative anion; energy must be sui)plied from somewhere. This 
energy may come from a chemical reaction such as the combination 
between the proton and the solvent. 

According to the simplest view, an acid A dissociates as follows, 

A = 11+ + 7? 

where JS is a base^ defined by Bronsted as a substance which takes up 
protons; but, according to a more nearly complete pictures, it is neces¬ 
sary to include something to react further with the fi-ee proton, pro¬ 
viding energy for the liberation of the ])roton from the acid. Thus, 

Ai + solvent = H+-solvent + B\ (7) 

But, since 

H+* solvent = 14+ + solvent 

H+-solvent may be regarded as an acid A 2 and the solvent as a base 
82 - Then rewriting equation 7, we have 


A I + 7^2 = A 2 + By 

Hydrochloric acid in water may be taken as a specific example, 

HCl + HOH - H+-H20 + Cr 

Ai B2 A2 Bi 


(8) 
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This theory emphasizes the similarity between all such processes as 
the following: 


Acid 

Base 

+ Piotcai 

Nn4+ 

NII 3 

+ H+ 

H 20 — 

OH-- 

+ 11+ 

nso4- V- 

804^ 

+ H+ 

nP04=^ 

P()4^“ 

+ H + 


re(CN)6'-^- 

+ n+ 


Cr(H20)6-' Cr(IT20)r,On++ -f H+ 

C6ll4(Nil3)2 + + n2NC6ll4NH3+ H- 11 + 

All these reactions take place in water solution to an easily measurable 
extent, because^ water acts as a base and forms the hydrated proton. 
The hydrated i)roton is often called the hydronium ion ( 1130 “^). The 
extent to which tties(‘ redactions run in different solvents depends on 
the bas(^ strength of the solvent, that is, the ability of the solvent to 
attach protons. Thus, at equal concentrations all the dissociations 
would be veiy c*omplete in the solvent liquid ammonia and very in¬ 
complete in the sohxait acetic acid. The solvent ammonia has a much 
greater attraction for protons than has the solvent acetic acid. 

Dissociation of a dissolv(‘d a(fd into protons occurs by combination 
with the solvent, and the r(\sult of tliis ^olvolysis is to diminish the 
aeddity since a weaker acid is always formed by interaction with the 
solvent; that is, the proton is held more tightly. According to this 
view, ITC'l is actually ver.y acid in benzeau^ in which the solvation of the 
proton is slight, k'ss a(dd in water in whicli it is mon^ solvated, and still 
less acid in ammonia in which the union of tlie proton with the solvent 
must be still more compk'te. 

A still more general theory of acids has been proposed by G. N. 
Lewis,* who points out that substances like SO 3 and CO 2 behave as 
acids although they contain no hydrogen, lie suggests that an acid 
is a molecule, radical, or ion which can accept an electron pair from 
some other atom to complete its stable quota of electrons, usually an 
octet. A base is a substance which can share this electron pair with 
an acid. In other woi'ds, an acid is an electron '‘acceptor'^ and a base 
is an electron ^klonor.’’ This definition covers all the acids included in 
the proton theory of acids and many additional substances also. The 
fact that this concept is more general makes it less definite in describing 
the properties of specific acids and bases. 

* Luder, The Electronic Theory of Acids and Bases, Chem. Rev., 27, 547 (1940); 
Luder and Zuffanti, “Electronic Theory of Acids and Bases,John Wiley & Sons. 
New York, 1946. 
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Hydrolysis. It has been shown that a strong acid and a strong base 
react to give a salt which is completely dissociated. Accordingly, when 
such a salt is dissolved, it will dissociate to give positive and negative 
ions, and no change will occur in the hydrogen and hydroxyl ions. How¬ 
ever, if the salt is made by neutralization of a weak acid, for example, 
with a strong base, the negative ions of the salt will react with the hydro¬ 
gen ions of water to form the w^eak acid, thus upsetting the equality of 
free hydroxyl or hydrogen ions. The hydrolysis of sodium acetate to 
give an alkaline reaction is easily understood by reference to the follow¬ 
ing reactions: 

NaC 2 H 302 ^ Na+ + C 2 H 3 O 2 " 

+ + 

IIOH ;=± OH- + 

jr jr 

NaOH HC2H3O2 

The positive sodium ion and the negative hydroxyl ion attract each 
other, but, since sodium hydroxide is strongly dissociated, there is no 
decrease in the concentration of hydroxyl ions, but the negative acetate 
ion and the positive hydrogen ion react to give undissociated molecules 
of the w^eak acetic acid. More and more of the w^ater dissociates to 
supply hydrogen ions for the production of acetic acid molecules. 
Finally an equilibrium is reached at which there is a definite excess of 
OH”” ions over H“^ ions. The situation is more simply described by 
stating that the acetate ions have a greater attraction for protons than 
the hydroxyl ions. Thus, 

0211302 “ + HOH HC 2 H 3 O 2 + OH- 

Ammonium chloride hydrolyzes in water to give an acid reaction 
because some of the hydroxyl ions from the water are removed as 
ammonium hydroxide, leaving an excess of hydrogen ions. 

Ferric chloride hydrolyzes to give an acid reaction because ferric 
hydroxide is a weak base and because the hydroxyl ions are removed by 
the formation of ferric hydroxide, which is very insoluble. 

In general, the reaction between a dissolved salt and the water to 
give an excess of hydrogen or hydroxyl ions is called hydrolysis. The 
general term for reaction wdth any solvent is called solvolysis. 

Any method which gives the effective concentration of hydrogen ions 
in the hydrolyzed solution permits the calculation of the degree of 
hydrolysis of a salt. For example, when ammoniun*i chloride ionizes, 
the ammonium ion reacts with the hydroxyl ion of water, and both are 
tied up in undissociated ammonium hydroxide, but there is no tendency 
to produce HCl because it is so strongly dissociated. Each hydroxyl 
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ion removed leaves an excess of one hydrogen ion, and so the number 
of excess hydrogen ions is a measure of the number of ammonium 
chloride molecules which have hydrolyzed. 

Example 7. When 1 mole of ammonium chloride is dissolved in 32 liters of 
water at 25° and allowed to reach equilibrium, a hydrogen electrode in the solu¬ 
tion registers 0.605 volt against the normal calomel electrode. Calculate the 
degree of hydrolysis x, 

0.605 - 0.2802 , 

0.0501 

logCH+ = —5.48 = 6.52 
c„+ = 3.3 X 10“« 

c„4 = and j: = 3.3 X lO'* X 32 = 1.06 X 10-* 


The degrees of hydrolysis of a salt may be determined also by means 
of electrical conductance. When a salt BA hydrolyzes as follows: 


the limiting value of its eciuivalent conductance when hydrolysis is 
complete is An^ + A^qh? where Aha A^oh denote the equivalent 
conductances of the acid and base formed. If A« is the equivalent 
conductance of the unhydrolyzed salt, and A^, is the actual conductance 
of the partially hydrolyzed salt at the same dilution, then the increase 
in conductance, corresponding to a degree of hydrolysis ar, will be 
Ah — Ag. If the hydrolysis were complete, the increase in equivalent 
conductance would be Aha + Aj^ou — A^; hence. 


Aha + A^on ~ Ag 

all conductances being measured at the same dilution and at the same 
temperature. The value of Ag, the equivalent conductance of the 
unhydrolyzed salt, may be found b}^ determining the conductance of 
the salt in the presence of an excess of one of the products of hydrolysis, 
and deducting from it the conductance of the substance added. Under 
these conditions the hydrolysis is rendered negligible. 


Example 8, The equivalent conductance of an 0.0108 M solution of aniline 
hydrochloride is 118.6 reciprocal ohms. When an excess of aniline is added 
(that is, the solution is saturated with aniline), the equivalent conductance 
drops to 103.6, The conductance of pure aniline in water is negligible. The 
equivalent conductance of hydrochloric acid at the same concentration is 411.7. 
Calculate the degree of hydrolysis x. 

^ = _n8£-^io^ ^ 

Aha + AflOH “ A. 411.7 + 0 - 103.6 
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Calculation of Hydrolysis Constants. The hydrolysis of a salt like 
any chemical reaction reaches a definite equilibrium for which an equi¬ 
librium constant can be calculated. 

For a salt of a weak acid and a strong base, the generalized reaction is 

BA + H 2 O = + ^“ + 1120 = + OH" + HA 

but there is no change in because both salt and base are fully ion¬ 
ized. The reaction reduces, then, to 

+ H 2 O OH" + HA 

and the equilibrium (constant is given by the expression: 


f'OH- X Cfjj 
X Ch,o 


( 10 ) 


The concentration of water is regarded as (constant because water is 
present in large excess, and the hydrolysis constant is written 

K, = (U) 

Since the ionization constant of water Ku, == X cqh-, it follows 
that 

B UD 

Coij- = 


Also, the dissociation constant of the acid Ka is 


^H-> X Ca~ 

CUA 


= Ka 


Substituting these values in equation 11 gives 


Kh 



Ka 


( 12 ) 


The ionization of the salt and the base is practically complete. If the 
degree of hydrolysis of the salt (that is, the fraction of the ions which 
react with water) is designated by x and the original concentration of 
the salt by c^, then, 


CjsiA = == and = (1 — x)c^ 
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On substituting these values in equation 11, we have 

Kh = — =- 

Ka I- X 

and if x the degree of hydrolysis is quite small 



(13) 


(14) 


Example 9. Calculate at 25° the degree of hydrolysis and the pH of a 0.1 
molar solution of potassium cyanide. This is a salt of a strong base and a weak 
acid. The values of Xhcn ^^nd are found in the tables. 



1.0 X 10-1^ 0.1j2 

7.2 X lO-io ~ 1 - X 


X = 0.0123 


CoH- == 0.1 X 0.0123 = 0.00123 
Assuming that aoH~ = wo have 

aH+ X aoH“ = 10^“* and pH + pOH =7 + 7—14 

Then since 

pOH = — log aoH~ = — log 0.00123 = —3.09 = 2.91 


pH - 14.00 - 2.91 = 11.09 


Example 10. Calculate the ion product for water from the fact that a 0.1 
molar solution of sodium ac^etate is 0.0080 per cent hydrolyzed at 25°. The 
salt as well as the sotlium hydroxide formed from its hydrolysis may be con¬ 
sidered to be completely ionized. The ionization (constant of acetic acid is 
1.8 X 10-^ 


Kvj = Ka X 


1.8 X 10-^ X 


0.1 X (0.000080)2 
(1 - 0.000080) 


Then, 


= 1.16 X 10“^^ 

Ch+ = COH- = V'^ = \/l-16 X 10-1< = 1.1 X 10-^ 


Compare this result with that obtained in examples 5 and G. 


A salt of a weak base and a strong acid hydrolyzes to give an acid 
reaction, according to the equation, 

+ HsO BOH + 
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and, by a reasoning similar to that shown for equation 13, it is found 


that 


Kh = 




CgX^ 

I — X 


(15) 


When both acid and base are weak, the salt hydrolyzes according to 
the reaction, 


H 2 O + 5+ + yl“ i^OII + Hyl 


and the equilibrium constant is 


K - 


X Ch4 

X X CH 2 O 


(16) 


Making use of the dissociation constants Kh and Ka for JSOH and 
respectively, we have 

Cj9+ X CoH- 

= 


and 




Kh 

X 

Ka 


Then, the equivalent values of and Ch 1 are substituted into equa¬ 
tion 16 and the concentration of water remains practically constant 
because it is present in such large excess. The hydrolysis constant Kt, 
may be written 


^0 H~ X ch^ _ Ky, 

KhXKa ^ KhKa 


(17) 


If the weak acid and base both happen to have about the same 
ionization constant, their concentrations are both approximately equal 
to the concentration of the hydrolyzed salt, and 


Moreover, the concentrations of salt ions are equal to that of the 
unhydrolyzed salt, and 

== = (1 - x)cs 

Substituting these values back into equation 16 gives 


a- x)^ 


Kh = 


(18) 
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When the extent of the hydrolysis is small, equations 17 and 18 can 
be combined to give 



It is to be noted in equation 18 that, in this special case where both 
base and acid are weak and have about the same ionization constants, 
there is no term which gives the concentration of the salt, and, accord¬ 
ingly, the degree of hydrolysis is independent of the dilution. In the 
hydrolyses described by equations 13 and 15, where either the base or 
the acdd is strong, the degree of hydrolysis is greater in low concentra¬ 
tion; in fact, when the hydrolysis is slight, it increases inversely as the 
square root of the concentration. 

Buffer Solutions. If we turn to Fig. 112 on page 464, we observe 
that a small drop of acid or base added to water at the neutral point or 
to pure water will change the pH greatly, but that when a solution 
contains both acetic acid and sodium acetate at a pH of about 4 the 
slope of the line is muc^h less steep, and the addition of either base or 
acid gives but a slight change in pH. A solution which possesses reserve 
acidity and basicity and, thus, tends to resist changes in pH when bases 
or acids are added is called a buffer solution. Buffer solutions usually 
contain a hydrolyzable salt mixed with the weak base or acid. If a 
base is added to a buffer solution (-ontaining a weak acid HA and one of 
its salts AfA, the alkali is neutralized by the acid; thus: 

OH“- + HA == H 2 O + A“ 

If an acid is added, the hydrogen ions which it contains react with the 
anions of the salt to form the undissociated weak acid; thus: 

H+ + A~ = HA 

If the reserve acidity and reserve basicity are to be equal, there must be 
as many anions A~ to react with added H“^ ions as there are acid mol¬ 
ecules HA to react with added OH” ions. Thus: 


Furthermore, since ch+ = it follows that 

^A'~ 

Ch+ = Ka 


( 20 ) 


In other words, the hydrogen-ion concentration is numerically equal to 
the ionization constant of the acid in a buffer solution which contains 
equal moles of a weak acid and its salt. 
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Examples of buffer solutions are given in Table V. 


TABLE V 



Buffer Solutions 

pH Range 

Phthalic acid 

+ Potassium acid phthalate 

2.2" 3.8 

Acetic acid 

-|- Sodium acetate 

3.5- 5.5 

Citric acid 

-j- Disodium phosphate 

2.4- 8.0 

Boric acid 

+ Sodium borate 

7.0- 9.1 

Disodium phosphate 

-f Trisodium phosphate 

11.0-12.0 


Wlien equivalent weights of the two substances are taken, the pH is 
near that of the mid-point of the range, and, by altering the ratios of 
the two, it is possible to change the pH gradually. For example, using 
normal solutions a ratio of 5 volumes of N citric acid solution to 1 of 
N disodium phosphate gives a pH of about 3, and a ratio of 1 volume to 
5 vohunes gives a pH of about 7. 

Buffer solutions are important in analytical chemistry, in general 
laboratory work, and particularly in biochemistry, where it is desired 
to keep the number of variables to a minimum. Blood, milk, and 
various animal fluids are highly buffered with bicarbonate ions and 
carbonic acid, and with many protein systems. The pH of human 
blood in a normal person is approximately 7.4. Ordinarily variations 
are less than 0.1 of a pH unit, and an increase or decrease of as much 
as 0.4 is likely to be fatal. 

Different enzymes have certain optimum pH values which must be 
rather closely maintained. The type of plants growing in a certain 
locality is largely influenced by the pH of the soil. Forest soil with 
decaying leaves is likely to be acid, whereas limestone soil will have a 
higher pH. For proper productivity of crops it is often necessary to 
add limestone (or sulfur, which changes to sulfuric acid) to give the 
proper pH to the soil. 

Indicators.* Certain weak acids and bases, called indicators, change 
their color in definite pH ranges. The weak indicator acid competes 
with strong acid for the added base, and only after the strong acid is 
neutralized is it affected. When a solution of a base is titrated with an 
acid, the end point is reached when the amount of acid added is just 
equivalent to the amount of base present, and the solution should be 
identical in composition with a solution prepared by dissolving the same 
weight of salt. However, if the salt is hydrolyzed, it requires an indica- 

* A complete discussion of the subject is given by Kolthoff (translation by Rosen- 
blum), ^^Acid-Base Indicators/^ Macmillan Co., 1937. 
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tor which does not change its color at exact neutrality but at the pH 
which is produced by the addition of the salt to the water. 

The simplest reaction for an indicator is 

H/n + In- 

(Color A) (Color B) 

where the undissociated indicator acid has color A and the anion of the 
acid IbT has a different color B. The color is due to resonance, that is, 
to the motion of electrons in a special type of structure, such, for exam¬ 
ple, as a system with alternating single and double bonds with suitable 
groups attached. The vibration period of the electrons in the ion form 
must be different than that in the undissociated acid. Phenolphthalein, 
for example, is a weak colorless acid which reacts with sodium hydroxide 
or other base to give a salt which dissociates to give an anion which is 
red. Methyl orange, on the other hand, gives an acid which is pink 
but an anion which is orange. 

The 7 ;II range in which these indicators change color depends on their 
ionization constant, and they may be selected for use in different ranges 
as shown in Table VL 

TABLE VI 
Indicators 


Indicator 

pH Range 

Indicator 

pH Range 

Picric acid 

0.0-1.3 

Brom thymol blue 

6.0- 7.6 

Thymol blue 

1.2-2.8 

l^henol red 

7.2- 8.8 

Brom phenol blue 

3.0-4.6 

Thymol blue 

8.2- 9.8 

Methyl orange 

i 3.1-4.4 

Phenolphthalein 

8.3-10.0 

Methyl red 

4.4-6.0 

AlizariiK* yellow R 

10.1-12.1 

Brom crcvsol purph' 

5.4-7.0 

Nitramine 

11.0-13.0 


Buffer solutions are widely used as standards in color titrations when 
it is desired to titrate to a definite pH value. They are used also to 
determine the pH of an unknown solution, by comparing the color 
with a series of colors obtained by adding the indicator to a series of 
buffer solutions. The pH of the solution is the same as that of the 
particular buffer whose color matches that of the solution. Tables of 
suitable indicators have been arranged which cover the whole range of 
pH values. 

The “neutral color” of an indicator is obtained when there are equal 
concentrations of the un-ionized acid and the anion forms giving equal 
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quantities of the two differently colored materials. Under these condi 
tions, since 

^H/n = (^In- 

the concentration of hydrogen ions is equal to the dissociation constant 
of the indicator, thus 

J^lUn = ^HJn (21) 

('Jn- 

' With most indicators it is difficult to detect a sharp color change 
over a narrow range of pH. Often it is possible to neutralize about 
10 per cent of the indicator before a change in color is detectable, and 
the change does not appear to be complete until about 90 per cent of 
the indicator is neutralized. Then the visible range of color change 
gives values of Cn/n/On- from 0.9/0.1 to 0.1/0.9. This corresponds to 
a pH range of nearly 2. 

The exact ratio of Ciij„/( 7 ,^- can be determined experimentally by 
measuring the milliliters of base which must be added to a known amount 
of indicator to bring about a detectable color change. 

Color indicators may be used to show not only when a certain hydro¬ 
gen-ion concentration is reached but also when a certain ratio of oxidiz¬ 
ing to reducing material is reached. In the former case the color change 
corresponds to a definite voltage of the hydrogen electrode, whereas in 
the latter it corresponds to a definite voltage of an inert platinum elec¬ 
trode. The loss of color by the reduction of potassium permanganate is 
well known. The reac.tion takes place at a definite reduction-oxidation 
potential. Certain organic compounds such as diphenylbenzidine change 
color sharply at a given reduction potential and pH. By having a 
series of these reduction-oxidation indicators and noting which one 
changes color when placed in a solution, the reduction-oxidation poten¬ 
tial of the solution may be readily determined. 

Products from some bacterial actions have reducing action and can 
be tested for, by changing the color of a reduction-oxidation indicator. 
For example, milk that has been subjected to bacterial action will de¬ 
colorize methylene blue. 

The Solubility Product. The solubility product s is the product of 
the activities of the ions of an electrolyte in a saturated solution, each 
activity being raised to its proper exponent. Thus, if AnBm = 
nA"^ -h mB“" in a saturated solution, 

s = aA+" X (22) 

Silver chloride may be taken as an illustration. The solubility is 1.1 X 
10 ""® mole per liter, and, since the dissociation is practically complete, 
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CAg+ == Ccr = 1.1 X 10~^ gram ion per liter. For the difficultly soluble 
salts, the solutions are so dilute that the activities are essentially the 
same as the concentrations, and it is general practice in these cases to 
use concentrations instead of activities. The equilibrium constant K is 

^ X ccr 

^AgCl 

and the solubility product is 

s = X cci- = 1.1 X 10“^ X 1.1 X 10-^ = 1.2 X 10“^^ 

It is not necessary to consider the concentrations or activities of solids 
in the solubility product because they remain fixed. The activity a of a 
solute is defined as equal to ///^, where the pure solid is taken as the 
standard state with the fugacity Then, for the solid, a = f^/f^ == 1. 

Example 11. Calculate the solubility product of silver chromate Ag 2 Cr 04 if 
the solubility is 8 X 10" ^ mole per liter. 

5 X Ccror- = (0.00016)2(0.00008) = 2 X lO^'^ 

Example 12. The solubility of strontium oxalate at 20° is 0.00054 mole per 
hter. Calculate the solubility product. 

« = X cc, 04 — = (0.00054) (0.00054) - 2.916 X 10’“’' 

How much strontium oxalate will be dissolved in a solution of 0.04 M sodium 
oxalate? Let x equal the moles of strontium oxalate which dissolve per liter. 

cs* = 2.916 X 10“^ = X CC 2 O 4 — “ + 0.04) — 0.04j 

X — 7.3 X 10“^ mole 

(x2 is so small in this example that it may be dropped out in solving this 
equation.) 

A few solubility products are given in Table VII. 

TABLE VII 

Solubility Products at 25° 


AgCI 

1.2 X 10-“ 

Mg(OH)2 

2 X 10-“ 

AgBr 

7.7 X 10-“ 

CaC204 

2.6 X 10-9 

Agl 

0.9 X 10-“ 

CaCOa 

9.3 X 10-* 

SrS04 

2.8 X 10“’ 

PbS 

1 X 10-99 

BaS04 

1.1 X 10““ 

MnS 

1.4 X 10-“ 

PbS04 

1.0 X io-» 

Ag2S 

1.6 X 10-*9 
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Example IS. Determine the solubility of silver chloride by means of a silver 
electrode. The voltage E for the following cell was found to be 0.4550 volt 
at 25^ 

Ag; AgCl(sat.), KC1(0.1 rn) || AgNOsCO.l m); Ag 
— a\ “ ^2 

The activity coefficient of 0.1 rn AgNOa is 0.82. Calculating the activity of silver 
ions in the saturated silver chloride solution at the left: 

E = 0.4550 = -0.0591 log - = -0.0591 log 

a2 0.82 X 0.1 

ai = 1.67 X 10-9 

The activity coefficient of 0.1 m KCl is 0.76, and it is not appreciably changed 
by the very small amount of silver chloride dissolved. Then, 

X acr = (1.67 X lO"®) X (0.76 X 0.1) - 1.27 X lO'^^ 

When silver chloride is dissolved in pure water, the concentrations of silver and 
chloride ions are equal. Moreover, the solution is so dilute that the activities are 
the same as the concentrations. Then, 

Solubility = \/ CAg+ X Ccr = a/X aci- ~ \/1.27 X 10 

= 1.13 X 10“^ mole of silver chloride per 1000 g of water 

Classification of Strong Electrolytes. Thus far this chapter has dealt 
mostly with weak electrolytes, which exist largely in the form of undis¬ 
sociated or un-ionized molecules. They include many organic acids 
and bases and a few inorganic compounds. The strong electrolytes, 
which include almost all salts, the mineral acids like hydrochloric and 
sulfuric, and the alkali hydroxides, will now be discussed. 

Several properties of these strong electrolytes have been studied in 
earlier chapters—the activities of electrolytes and the dissociated ions as 
determined by electromotive-force measurements, the abnormal lower¬ 
ing of the freezing point, and the change of equivalent conductance 
with dilution. The distinction between strong and weak electrolytes is 
not sharp, and there are, of course, many electrolytes which are inter¬ 
mediate in their behavior. 

Dilute solutions are used for studying the properties of strong elec¬ 
trolytes because the properties of the ions are additive at infinite dilu¬ 
tion. For example, the heats of formation of the ions in dilute solution 
can be used for calculating the heats of reaction of electrolytes. Again, 
the absorption spectra of strong electrolytes in dilute solutions are 
usually characteristic of the individual ions as, for example, in the case 
of the permanganates of sodium, potassium, ammonium, zinc, mag¬ 
nesium, and hydrogen, all of which give the same absorption spectrum. 
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In addition to the distinction between weak electrolytes and strong 
electrolytes, another subclassification of strong electrolytes based on 
valences is useful. In the 1~1 electrolytes the positive and negative 
ions both have a valence of one as in NaCl, HNO 3 and KOH; whereas 
in the 2-2 electrolytes both positive and negative ions have a valence 
of two as in ZnS 04 and CUSO 4 . The first term refers to the positive 
ions, the second to the negative ions; thus, II2SO4 and K 2 CO 3 are 1-2 
electrolytes, Ba(OH)2 and Pb(N 03)2 are 2 - 1 , Al(OH )3 is 3-1, and 
AI 2 ( 804)3 is a 3-2 electrolyte. 

The total number of ions v is important in determining the factor by 
which the freezing-point depression or other property must be multi¬ 
plied in very dilute solutions. For NaCl, v = 2; for CUSO 4 , v = 2; for 
BaCl 2 , V = S; for K3Fe(CN)o, v = 4:; and so on. In more concentrated 
solutions the multiplication factors are smaller than these numbers, as 
shown on page 249, because the effect of the attraction between ions 
becomes greater at the higher (concentrations. On account of the 
greater attraction between ions with more than one electric charge, the 
solutes containing high valence ions cause greater deviations from the 
values obtained at infinite dilution than do the 1-1 electrolytes—a 
theory which is fully verified by experiment. The charges on the ions 
can be treated most successfully in terms of the ionic strength, a term 
which was first used by G. N. Lewis.* In calculating the ionic strength 
jLt of a strong electrolyte, the concentration of each ion (in gram ions per 
1000 g of solvent) is multiplied by the square of its valence, and all 
these quantities are added together and divided by 2 .t 


Example 14- Calculate the ionic strength of the following solutions of elec¬ 
trolytes. 


For 0.01 m NaCl, jjl — 


0.01 X 12 + 0.01 X 12 


0.01 


For 0.01 m CUSO 4 , g = 


0.01 X 22 + 0.01 X 22 


- 0.04 


For 0.01 m H 28 O 4 , m = 


0.01 X 12 + 0.01 X 12 + 0.01 X 22 


= 0.03 


Several properties of electrolytes at a given molality depend not on 
the specific electrolyte but merely on the ionic strength. 

For example, an equal number of moles of sodium chloride, potas¬ 
sium nitrate, and lithium perchlorate all have the same effect on the 

♦ Lewis and Randall, “Thermodynamics and the Free Energy of Chemical Sub¬ 
stances,^' McGraw-Hill Book Co., New York, 1923, page 373. 

t Sometimes concentrations on a volume basis rather than a weight basis are 
used, particularly in applications of the Debye-Hiickel theory. 
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solubility of thallous bromide. Since they are all 1-1 electrolytes, they 
will have the same ionic strength at the same concentration. Moreover^ 
since the ionic strength of copper sulfate is four times that of a 1-1 
electrolyte at the same concentration, the effect of copper sulfate on the 
solubility, or other properties which involve interionic attraction, will 
be four times as great as the effect of sodium chloride at the same 
molality. 

Again, for strong electrolytes in dilute solution the ionic strength de¬ 
termines to a large extent the influence of concentration on the depar¬ 
ture from the behavior of ideal solutions. The quantitative deviations 
are shown in Table VIII. 

tablf: VIII 

Influence of Ionic Strength on Behavior of Strong PjLectrolytes 


Electrolyte 

Molality 

Ionic 

Strength 

Molal 

PVeezing- 

Point 

Depression 

AY//?/?. 

i 

V 

^ 1.860 

KCl 

0.01 

0.01 

3.610 

1.943 

0.97 

AgNOs 

0.01 

0.01 

3.60 

1.94 

0.97 

CuS 04 

0.01 

0.04 

2.703 

1.45 

0.73 

ZnS04 

0.01 

0.04 

2.80 

1.51 

0.76 

K 2 SO 4 

0.01 

0.03 

5.198 

2.80 

0.93 

LaClg 

0.01 

0.06 

8.0 

4.3 

1.07 

K8Fe(CN)6 

0.01 

0.06 

6.966 

3.75 

0.94 

K4Fe(CN)6 

0.01 

0.10 

6.8 

3.66 

0.73 

KCl 

0.05 

0.05 

3.50 

1.88 

0.94 

K 2 SO 4 

0.0167 

0.05 

5.02 

2.70 

0.90 

CUSO 4 

0.0126 

0.05 

2.66 

1.43 

0.72 

LaCls 

0.0083 

0.05 

6.6 

3.65 

0.89 

K3Fe(CN)6 

0.0083 

0.05 

6.75 

3.63 

0.91 

K4Fe(CN)6 

0.0050 

0.05 

7.1 

3.8 

0.76 


The ratio i was shown on page 248 to be the ratio of the freezing-point 
lowering of a given solute to the freezing-point lowering of an ideal 
nonelectrolyte. Thus, i = (AT//m)/1.860. As the solution approaches 
infinite dilution, i approaches f, where v is the number of ions ( 1 , 2, or 
3, etc.) into which the electrolyte dissociates, as shown in Fig. 67 on 
page 249. 

The ratio i/v then approaches 1 at infinite dilution, and it becomes 
less than unity in more concentrated solutions, as the charged ions collide 
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more frequently and cause a departure from the behavior of an ideal 
solution. The point to be observed in the table is that, for salts of a 
given valence type, the magnitude of this ratio i/v depends largely on 
the ionic strength. At a given concentration all 1-1 electrolytes have a 
nearly the same value of ijv^ regardless of the chemical nature of the 
salt such as KCl, NaBr or AgNOa, and 1-2 electrol 3 d;es and 2-2 electro¬ 
lytes have other definite values, depending on the ionic strength. 

The ionic strength, then, is more fundamental than the chemical 
composition of the electrolyte in predicting how the freezing-point de¬ 
pression or other related osmotic properties of strong electrolytes will 
differ from the properties at infinite dilution. These relations apply 
also to weak electrolytes, but, then, the much greater effect of partial 
ionization makes them relatively unimportant. For weak electrolytes 
i/v may be used to calculate the degree of dissociation. But for strong 
electrolytes ilv differs from unity owing in part to interionic attraction, 
and it does not give the degree of dissociation. 

Interionic Attraction. The behavior of strong electrolytes in moderate 
concentrations can be understood in a qualitative way by realizing that 
oppositely charged ions attract each other and cause deviations from the 
behavior of ideal solutions, just as to a lesser degree the attraction be¬ 
tween molecules in a gas causes deviations from the behavior of an ideal 
gas. The quantitative aspects of the theory have been developed by 
Debye and Hiickel, as is shown later. The positive and negative ions 
are so far apart in very dilute solutions that they exert no attractions 
on each other, and the molal freezing-point depression or other osmotic 
property is just twice as much for a 1-1 electrolyte like potassium chlo¬ 
ride as it is for a nonelectrolyte like sugar. According to one view, the 
addition of nonvolatile ions to water decreases the rate at which the 
water molecules can leave any surface and thus reduces the vapor pres¬ 
sure of the water. However, when the solution is at all concentrated, 
the interionic attraction tends to pull the ions inward away from a 
surface, thus making the water-blocking effect less per ion. The magni¬ 
tude of this interionic attraction depends not only on the concentration 
but also on the valence type; a divalent ion with its two charges exerts 
a greater interionic attraction than a univalent ion. These two influ¬ 
ences find quantitative expression in the ionic strength, as described in 
the preceding section. 

It might be thought that there is no essential difference between 
these partially attracted ions of the interionic attraction theory and 
the undissociated molecules of the Arrhenius theory. For weak elec¬ 
trolytes the Arrhenius theory is adequate, but for strong electrolytes 
it offers no explanation of the important effect of valence type and ionic 
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strength. Moreover the experimental evidence, such as the ionic 
nature of the crystal lattice, supports the view that most strong electro¬ 
lytes are largely dissociated into ions. 

The interionic attraction theory explains not only the influence of 
concentration on the osmotic properties of strong electrolytes, but also 
the effect of electrolytes on the solubility of salts. The effect of a com¬ 
mon ion in decreasing the solubility of a difficultly soluble salt was 
treated under the discussion of the solubility product, but this relation 
fails to hold accurately if the solution contains a high concentration of 
electrolytes. It does not apply to highly soluble salts, nor does it 
account for the increase in solubility produced by the addition of other 
electrolytes which do not have a common ion. The solubility of tliallous 
chloride in various salt solutions * comprised one of the first investiga¬ 
tions to show the influence of an excess of electrolytes on solubility. In 
pure water thallous chloride dissolves to the extent of about 0.01 G mole 
per liter; when potassium chloride is added, the solubility is decreased; 
but, when potassium nitrate is added, the solubility is increased—one 
tenth of a mole per liter raising the solubility to 0.019 mole per liter. 
Potassium nitrate contains no ion common with thallous chloride, and 
it might be expected to have no effect. It will be remembered that in a 
saturated solution there is a dynamic eciuilibrium with molecules or ions 
going into solution from the crystal and returning to the crystal. The 
rate of escape of ions from the crystal is not influenced by the addition 
of electrolytes to the solution, but the number of collisions on the crystal 
from solution is decreased by the, addition of ionized substances, because 
each positive ion is drawn to the solution by a mass of negative ions and 
each negative ion by a mass of positive ions. A greater total concentra¬ 
tion is required in the presence of extra ions to give an effective concentra¬ 
tion sufficient to maintain equilibrium conditions with the crystal. 
Consequently, the analytically determined solubility is increased. It is 
fair to imagine that potassium chloride itself exerts (I) an effect of 
interionic attraction which tends to increase the solubility of thallous 
chloride, and (2) a common-ion effect which tends to decrease the 
solubility. 

The increase in solubility due to the addition of any electrolyte leads 
to a corresponding increase in the solubility product as more electrolyte 
is added. In Fig. 116 are shown the results with the I-I electrolyte, 
thallous chloride, and the 2-2 electrolyte, calcium sulfate. The devia¬ 
tions in the latter are much greater than in the former as is to be ex¬ 
pected on account of the higher ionic strength at a given molality and 
the greater interionic attraction of the divalent calcium and sulfate ions. 

* Bray and Winninghoff, /. Am. Chem. Soc., 83, 1663 (1911). 
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If equation 22 for the solubility product applied rigorously, all the lines 
would be horizontal. 

The decrease in the measured activity of ions, produced by the addi¬ 
tion of other electrolytes, and the departure from the ideal behavior as 
the solution of strong electrolytes becomes more concentrated can now 
be offered as an explanation of the need for activity coefficients in under¬ 
standing the electromotive force of solutions. The potential of an 
electrode immersed in a solution of its ions is determined in part by 
the frequency with which the ions collide with the surface of the elec¬ 
trode. When this collision frequency is de¬ 
creased, the potential will become less posi¬ 
tive, if the electrode exchanges electrons with 
positive ions in contact with it, and less 
negative, if it exchanges electrons with nega¬ 
tive ions. Wlum a given potential is regis¬ 
tered by an electrode in a very dilute solution 
of its ions, the potential should change by 
RT/nF log 10 or 0.0591/ri volt at 25° for a 
tenfold incTease in concentration. However, 
the change w ill be less than this, because the 
interionic; attraction and the correction for 
effective concentration will be greater in the 
more concentrated solution. This correction 
for effective concentration is determined by experiment and designated 
as the activity coefficient. 

The interionic attraction theory in the quantitative form developed 
by Debye and Hiickel makes it possible to calculate these activity 
coefficients in dilute solutions. 

The Debye-Hiickel Theory. The interionic attraction theory has 
already been employed to explain in a (jualitative way various phe¬ 
nomena involving ions. It w^as shown on page 509 that the mutual 
attraction betw^een positive and negative ions at ordinary concentra¬ 
tions leads to a smaller decrease in vapor pressure than is to be ex¬ 
pected on the assumption of complete separation at infinite dilution. 
This effect leads also to similar decreases in the freezing-point depres¬ 
sion and other colligative properties. Abnormalities in solubilities 
and solubility products and single-electrode potentials were interpreted 
also on the basis of this theory as was the change in electrical conduct¬ 
ances of strong electrolytes with concentration. 

When the dissociation of strong electrolytes is complete, the prop¬ 
erties mentioned in the preceding paragraph can be treated quantita- 



Total Concentration of Salts 

A. TIOl with KNOs 

B. TlCl with KCl 

C. Ca804 with CaCl2 

Fig. 116. Influence of salts 
on solubility products of TlC'l 
and CaS 04 . 
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lively with the help of the Debye-Hiickel theory.* When the dissocia¬ 
tion is incomplete, however (as is true in the case of sulfuric acid, cad¬ 
mium chloride, calcium iodate, and several inorganic salts and most 
organic compounds), the theory does not describe the behavior com¬ 
pletely because electrolytic dissociation is still important. The Debyt^- 
Hiickel theory has been remarkably successful when applied to most 
strong electrolytes in dilute solution. 

The mathematical development of the Debye-IIiickel theory is 
given in the appendix on page 680. It is based on the work required 
to separate the ions in the process of dilution. The attractive or repul¬ 
sive forces are governed by Coulomb’s law of charged bodies and depend 
on the magnitude of the ionic charges and the distance between ions as 
given by the expression € 162 /Dr^, where ei and 62 represent the charges, 
D the dielectric constant of the solvent, and r the average distance 
between ions. In very dilute solutions r becomes so great that this 
attractive force approaches zero, and the simple laws of complete dis¬ 
sociation are adequate. Debye and Hiickel derived the following ex¬ 
pression, which holds for strong electrolytes in dilute solution, 


pirN/u 
(DkT)'^ 1000 


(23) 


where ji = activity coefficient of ion species i (page 470) 

Zi = charge on ion species i 

e = charge of an electron = 4.803 X 10~^^ electrostatic unit 
D = dielectric constant of the solution = 78.56 for water at 
298° K 


N = Avogadro’s number = 6.023 X 10^^ 
k = gas constant per molecule = R/N = 1.3805 X 10“^® erg 
per degree 

fjL = ionic strength = + 02 ^ 2 ^ + +•••), the sum¬ 

mation being taken over all the ions in the solution 
Ci == concentration of ion species i in moles per liter 


Equation 23 shows that in dilute solution the activity coefficient 
of an ion depends only on its valence, the ionic strength, the dielectric 
constant of the medium, and the temperature. Hence, all univalent 
ions, for example (both positive and negative), in the same solution 
will have the same activity coefficients. 

If we introduce the mean activity coefficient y of the electrolyte 

* Debye and HUckel, Physik. Z., 24, 185, 305 (1923); Noyes, J. Am. Chem. Soc. 
46, 1080, 1098 (1924); 47, 2122 (1925). 
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(page 470) and put in numerical values for water at 25°, equation 23 
becomes, for an electrolyte composed of just two kinds of ions, 

— log 7 = 0 . 509212:2 Vm (24) 

The numerical constant will be different for solvents other than water 
and for temperatures other than 25°. In this equation Zi and 22 are 
the number of electric charges on the ions (without regard to the sign). 



Vft X 10* 

Fig. 117. Influence of salts of different valence type on activity coefficient. 

A test of this equation is shown in Fig. 117. Bronsted and LaMer * 
determined the solubility of certain complex cobalt amines in salt 
solutions of various ionic-charge types and compared the solubility with 
the solubility in *pure water, thus obtaining values of the activity 
coefficients 7 . In Fig. 117, — log 7 is plotted against V/I- The lowest 
line corresponds to a 1-1 cobalt compound where Z 1 Z 2 is 1, and the slope 
is seen to be 0.5. The ionic strength of the solution rather than the 
specific nature of the added salt detennines the value of 7 . The next 
line corresponds to a cobalt salt of the 1-2 type where Z 1 Z 2 has a value 
of 2, and the slope is 2 X 0.5 = 1. The steepest line in Fig. 117 cor- 

* Bronsted and LaMer, J. Am. Ckem. Soc,, 46, 655 (1924). 
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responds to a 1-3 compound where ZxZ 2 is 3, and the slope is 1.5. This 
equation gives a theoretical justification for the ionic strength ^ which 
Lewis found, empiricall}^, to be of considerable importance in the study 
of electrolytes. It emphasizes the fact that in dilute solutions the activ¬ 
ity coefficient of a given strong electrolyte is the same in all solutions of the 
same ionic strength^ regardless of the specific electrolytes added. 

Concentrated Solutions. Thus far the discussion has been concerned 
only with behavior of the solute and the mutual electric attraction of 
its ions. In concentrated solutions and in certain solvents other factors 
are involved. In actual practice the properties of the solution are 
measured rather than the properties of the isolated solute, and interac¬ 
tion with the solvent or with other ions must be considered. 

There is ample evidence that many solutes combine with tlu' water 
to form hydrates. The term solvates is more gcaieral, applying as it does 
to any solvent. This evidence includes color changes, shifts of absorj)- 
tion bands, deviations from Beers' law of light absorption, abnormal 
osmotic properties, abnormal conductance values, trans[)ort of solvent 
along with solute in electrolysis, transference numbers, and so on. 

The formation of ion-hydrates or ion-solvates is easily interpreted as 
being due to an ion-dipole attraction. The ions have a definite positive 
or negative charge, and the molecules of those solvents, su(^h as water, 
ammonia, and alcohol, which produce electrolytic dissociation, have 
large dipole moments. There is a definite force of attraction betwcxai 
two such units. Liquids of small dipole moment siu^h as benzcaie and 
carbon tetrachloride fail to dissolve the alkali halides and other elec¬ 
trolytes which might be expected to ionize. In facit, it is the reaction 
between solute and solvent, the ion-dipole interaction, Avhich provides 
energy sufficient to separate the solid into its ions and i)ut them into 
solution. 

Another result of this interaction between ion and solvemt is a pro¬ 
found change in the nature of the solvent in concentrated solutions, as, 
for example, in water containing high concentrations of dissolved salts. 
Nonelectrolytes such as ether and gases are thrown out of a saturated 
solution when sodium chloride is added in large quantities. Again, in 
the extraction of solutes from water by shaking with ether or other im¬ 
miscible solvent, the extraction is greatly facilitated by the addition of 
large quantities of electrolytes Avliich interact with the dipoles of the 
water and change the properties of the water so as to decrease its solvent 
effect. Sometimes the salt interacts with the new solute and increases 
the solubility. 

Another phenomenon which brings out the abnormal behavior of 
water in concentrated solutions is the molal depression of the freezing 
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point. The molal depression at infinite dilution for 1-1 electrolytes is 
3,7® and for 2-1 electrolytes is 5.56®. When the concentration is in¬ 
creased, the molal depression decreases, as is to be expected from Fig. 67 
on page 249, but, when the concentration approaches half-molal, the 
molal depression starts to increase; in MgCl2 and CaCl2 it is larger at 
1-molal than it is at infinite dilution—and in 2-molal solution it is over 
9®. The increases are but slight in electrolytes which do not form 
hydrates, and the large iiKireases in MgC42 and C'aCl2 are probably due 
to the fact that these salts form hexahydrates, CaCl2*6H20, for exam¬ 
ple, so that at the high con(;entrations much of the water is tied up with 
the solutes, reducing the amount of normal solvent water and producing 
a higher effective concentration and, hence, an abnormally greater 
depression of tlie freezing point. 

Complex Ions. Electrolytes other than 1-1 electrolytes can ionize, 
theoretically, in steps as in the case of sulfuric acid: 

II2SO4 + liS04“ 

HS04“ 11+ + SO4— 

The tendency to form IISO4'” ion is great(a' in concentrated solutions, 
because in dilute solutions the HS04~ ion will ionize further, as indi¬ 
cated by the second reaction. 

Many exami)les of complex ions are known in which two or more ions 
or groups combine to form larger ions which have distinctly different 
properties. Thus, for example, when sodium cyanide is added to silver 
nitrate, AgUN is precipitated, but, when an excess of cyanide is added, 
the precipitate dissolves, owing to the formation of a complex ion, 
according to the reaction: 

2CN“ + Ag+ ^ Ag(CN)2“ 

This complex ion Ag(CN)2'' is quite stable and has properties quite dif¬ 
ferent from either CN“ or Ag+. It is negatively charged and moves to 
the anode in electrolytes cariying silver in the direction opposite to that 
in which Ag+ ion travels. 

These complex ions can be explained in many cases as due to an inter¬ 
action between an ion and a molecule with a high dipole moment, as, 
for example, the deep blue ion Cu(NH3)4++ which is produced when 
ammonia or ammonium hydroxide is added to a solution of a cupric salt. 

Summary of Concentration Ranges. It may be concluded from what 
has been said in this chapter that aqueous solutions of electrolytes may 
be classified roughly into four different groups, depending on the concen¬ 
tration. 
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In exceedingly dilute solutions (less than 0.0001 M for strong elec¬ 
trolytes and much less for weak electrolytes), the solute is completely 
dissociated, in agreement with either the Arrhenius or the intcrionic 
attraction theory. 

In dilute solutions ( 0.0001 to 0.01 M) the Arrhenius theory is satis¬ 
factory only for weak electrolytes such as acetic acid, but even here 
interionic attraction is a factor. The Arrhenius theory does not apply 
to the strong electrolytes, but the interionic-attraction theory is neces¬ 
sary for strong electrolytes. Again, however, partial dissociation is a 
factor, even in some inorganic electrolytes which might be expected to 
be largely dissociated. 

In solutions of moderate concentration ( 0.01 M to 1 M) the proper¬ 
ties of strong electrolytes are affected both by interionic attraction and 
by the presence of un-ionized molecules. The mere fact that one can 
smell hydrochloric acid molecules from a 1 ilf solution of HCl proves 
that some undissociated molecules exist in the solution. Exact the¬ 
oretical calculations cannot yet be made in this region. 

In concentrated solutions (greater than 1 M) the character of the 
solvent is markedly changed by the presence of the solute, and the sit¬ 
uation is very complicated. Hydration or solvation of the solute and 
depolymerization of the solvent may be factors. 

These classifications are to be taken only as rough approximations, 
and they vary greatly for different electrolytes. Apparently, some 
salts, such as mercuric chloride and cadmium chloride, are only very 
slightly dissociated, even in dilute solution. 

In nonaqueous solutions with low dielectric constants the interpreta¬ 
tion is more difficult, and, in general, the solutions must be more dilute 
than the aqueous solutions before the theoretical equations can be 
applied. 

Theories of Conductance.* Although theories of conductance do not 
properly belong in a chapter on ionic equilibria, the following brief 
discussion has been postponed until after the presentation of the inter¬ 
ionic attraction theory. The earlier attempts to explain the phenomena 

* Additional material on this subject may be found in the following references: 
Glasstone, ^‘Introduction to Electrochemistry,'^ D. Van Nostrand Co., New York, 
1946; Harned and Owen, “The Physical Chemistry of Electrolytic Solutions," 
Reinhold Publishing Corp., New York, 1943; Kraus, The Present State of the 
Problem of Electrolytic Solutions, J, Chem, Educatioriy 12 , 567 (1935); Macinnes, 
The Interionic Attraction Theory of Electrolytes, Science, 86, 23 (1937); “The 
Principles of Electrochemistry," Reinhold Publishing Corp., New York, 1939, 
Chapters 18 and 19; Fuoss, Properties of Electrolytic Solutions, Chern. Rev., 17 , 27 
(1035); Davidson, Recent Advances in the Electrochemistry of Non-Aqueous Solu¬ 
tions, J. Chem. Education, 14 , 218 (1937). 
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of the electrical conductance of strong electrolytes were handicapped 
by an overemphasis of the Arrhenius theory and a lack of data concern¬ 
ing nonaqueous solutions. Rapid advances following the Debye-Hiickel 
theory of interionic attraction, broader investigations with different 
solvents, including those of low dielectric constant, and improved 
experimental techniques now permit a fairly quantitative understand¬ 
ing of the conductance behavior of dilute a(]ueous solutions and ex¬ 
tremely dilute nonaqueous solutions. Moreover, the causes of devia¬ 
tions in the more concentrated solutions are now known, at least in 
part. The aqueous solutions and the solutions of high dielectric con¬ 
stant are still the simplest to interpret. It may be remembered that the 
conductance depends on both the number of ions and the velocity of 
the ions. In some strong electrolytes the ionization is so complete that 
the changes in equivalent conductance are concerned with the mobility 
of the ions. 

According to the present theory, each ion in a solution is surrounded 
by an ionic atmosphere of central symmetry, resulting from the com¬ 
bined effect of Coulomb forces between the charged ions and the ther¬ 
mal agitation. When an external potential is applied, the electrical 
force overcomes the ordinary frictional resistance to the motion of the 
ions, and they move toward the elec.trode of opposite charge. This 
motion, however, sets up two retarding forces. The first, known as the 
relaxation force, is the result of the movement of the ion from the center 
of its atmosphere under the influence of the applied potential. Since 
the atmosphere requires a finite time for its formation, a portion of the 
atmosphere will lag behind its normal position, producing a dissym¬ 
metry in the direction of motion and causing the ion to suffer a reduced 
mobility. 

The second retarding for(;e arises from an electroosmotic motion (page 
543) of the solvent in the directi<3n opposite to that of the ion. The 
effect of each of these forces can be expressed in ordinary conductance 
units, as pointed out by Debye and Iliickel, and Onsager,* thus, 

A = Aq Ai —' An = Aq — d \/c Ao — 6 \/c (25) 

where Aq is the conductance at infinite dilution, Ai is the relaxation 
force and An the electrophoretic force, c is the concentration and 
a and h are theoretical constants derived from a mathematical treat¬ 
ment of this ionic atmosphere. For a 1-1 strong electrolyte in water at 
25®, equation 25 is 

A = Ao - (59.8 + 0.227 Ao)a4 (26) 

* Onsager, Physik. Z.j 28, 277 (1927). 
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In an alternating field each ion in solution will acquire a periodic 
reaction. If the frequency is increased to a point where the period of 
oscillation of the ion becomes comparable with the time of relaxation, 
the dissymmetry in the ionic atmosphere will decrease, the effect of the 
electric force of relaxation will diminish, and the equivalent conduct¬ 
ance will increase. Also, by the application of very high voltages, the 
ion may be forced to move fast enough to escape completely from its 
atmosphere, so that both retarding forces disappear, and the equivalent 
conductance approaches its limiting value at infinite dilution. Debye, 
Falkenhagen, Wien, and Onsager have all made theoretical studies of 
frequency and field strength, and the results are in general accord with 
the experimental facts. 

Fuoss has developed an equation which gives straight lines when 
the function Aq/A (corrected for interionic attraction) is plotted against 
a function of the concentration and the scpiare of the acclivity coefficient . 
It applies in dilute solutions to all electrolytes in various solvents. In 
solvents of low dielectric constant (below 10) it applies only to the ex¬ 
tremely dilute solutions, and a minimum is observed in the curve at 
higher concentrations. Tliis behavior is due to tlie formation of a (com¬ 
plex between a molecule and one of the ions. Such (combinations are 
less likely to occur in solutions of high diekctric constant. 

In benzene and other solvents of extremely low dielectric constant 
there is a combination of ions and molecules into still larger aggregates, 
as shown, for example, in the abnormally small depression of the freez¬ 
ing point. The abnormalities are greatest in the case of small ions with 
large dipole moments. 

In general, the properties of an electrolytic solution depend on the 
solvating power and the dielectric constant of the solvent, and on the 
size, configuration, and space distribution of the ions. In water which 
has a dielectric constant of 78 and a marked tendency to combine with 
ions, there is no detectable difference in the ionization of potassium 
chloride, potassium bromide, and potassium iodide, but there is a 
marked difference in liquid ammonia which has a dielectric constant of 
22 and a lesser tendency to solvate. At —34° in ammonia, the dissocia¬ 
tion constants for potassium iodide and chloride are, respectively, 
0,0042 and 0.00087. Those electrolytes with the largest ions are the 
most highly dissociated in a given solvent. 

The generalizations discussed in this section apply only to dilute 
solutions. In concentrated solutions the phenomena are too compli¬ 
cated to describe with mathematical formulas yet devised. Finally, 
|t , should be pointed out that electrical conduction is an irreversible 
jirocess and that it is distinct from freezing-point lowering and other 
reversible processes which are of interest in thermodynamics. 
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PROBLEMS 

1. At 25° the equivalent conductance of propionic acid at infinite dilution is 
385.6 ohms, and the ionization constant is 1.34 X 10~^. Calculate the equivalent 
conductance of a 0.05 solution of propionic acid at 25°. Ans. 6.32 ohm"”^. 

2. At 40° th(‘ ionizat ion constant of ammonium hydroxide is 2.0 X 10~®. (a) What 
is the OH~ ion activity in a 0.1 M solution? (b) What is the OH“ ion activity of a 
solution 0.1 M with rt\spect to ammonium hydroxide which is also 0.1 M with respect 
to ammonium chloride, if the latter is assumed to be completely ioniz(id? 

Aris. (a) 1.4 X lO'l (b) 2.0 X 10“^ 

3. The ionization constant of ammonium hydroxide is 1.4 X 10“^ at 0° and 

2 X 10 at 40°. What is the average heat of ionization of ammonium hydroxide 
in this range of tempi‘rat un,*? Ans. 1516 cal. 

4. Gas containing 20^0 O 2 , 78% N 2 , 0.3% CO 2 , and the rest noble gases is con¬ 
fined above distilled watiT at room temperature. What is the pH of the water? 
What LS the concentration of the H"^ ions? 


CO 2 (uq) = CO 2 ((/) 

1.25 X 

N 

COz (aq) + H 2 O = II 2 CO 3 

Kc = = 6.8 X 10-s 


^C02 

H 2 CO 3 = H+ + HCO 3 - 

Ki^SX 10-7 


Ans. pH 


5. The electromotive force of the cell, 

Pt, (H 2 (1 atm); C 6 H 5 NH 2 *nCl (0.03125 m)) || normal calomel electrode 

is 0.464 volt at 25°. Calculate the per cent hydrolysis of the aniline hydrochloride. 

Ans. 2.4 per cent. 

6. It can be shown that for an aqueous solution of a salt of a weak base and strong 
acid the hydrogen-ion concentration is given by 



where Cg « concentration in mole per liter 
Kta ~ ionization constant of water 
Kb » ionization constant of base 

Pyridinium perchlorate is such a salt. If /it =* 1.6 X 10”"®, what is the pH of a 
0.0001 molar solution? Am. pH « 4.60. 
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7. The specific conductance at 25® of a saturated solution of barium sulfate was 
4,58 X 10~^ reciprocal ohm, and that of the water used was 1.52 X 10~®. The equiv¬ 
alent conductance at infinite dilution of barium sulfate is 143. What is the solubility 
of BaS 04 at 25® in (a) gram equivalents per liter, (b) moles per liter, and (c) grams 
per liter? 

Ans. (a) 2.14 X 10~® equivalent per liter, (b) 1.07 X 10“^ mole per liter. 

(c) 2.50 X 10~^ g per liter. 

8 . The solubility product of silver bromide at 18° is 4.1 X 10““^^. Calculate: 

(а) The solubility of silver bromide in pure water. 

( б ) The solubility of silver bromide in 0.1 molar NaBr. 

Ans, (a) 6.40 X 10~^ mole per liter, (h) 4.1 X 10“^^ mole per liter. 

9. At 25° the potential of the cell, 

Ag, Agl; KI (1 M) 11 AgNOs (0.001 M); Ag 

is 0.72 volt. In a molal solution of KI the activity coefficient of 1~ ion is 0.65, and 
in 0.001 M AgNOa the activity coefficient of Ag"*" ion is 0.98. (a) What is the solu¬ 
bility product of Agl? (b) If no salt effect is assumed, what would bo the solubility of 
Agl in pure water? 

Ans. (a) 4.2 X lO"!®. (h) 2.1 X 10~® mole per 1000 g H 2 O. 

10. Alanine dissociates in the following manner in acid solutions: 


and 


ShsCH—COOH = H+ + NH 3 —CHCOO- 

CHs 


K = 


X Cji+- 

Cr+ 


- 0.0040 


In a solution whose pH is 3, what is the per cent dissociation of the alanine? 

_ Ans. 79.9 per cent. 


11 . How many hydrogen ions are there in 1 ml of an 0.1 molar solution of an acid 
which has a dissociation constant of (a) 1 X 10“®; (5) 1 X 10 ~^®; (c) 6 X 10“^? 

12. Alanine is an amino acid which dissociates into both H*^ and OH~ ions. At 
25° the dissociation constant for the dissociation into anions and hydrogen ions is 
1.99 X 10“^®. The apparent dissociation constant for the dissociation into cations 
and hydroxyl ions is 5.25 X 10“^^. At what pH would you expect the osmotic 
pressure of an alanine solution to be a minimum? 

13. (a) What is the hydrogen-ion concentration of a 0.5 molar solution of NH 4 Br 
at 25° after hydrolysis? The ionization constant of NH 4 OH is 1.8 X 10“®. ( 6 ) What 
is the pH? 

14. (a) Calculate and record in tabular form the degree of hydrolysis a; of a 1.0 iV 
solution of a salt of a weak acid and a strong base if the ionization constant for 
the acid is 10 “'*, 10 “®, and 10 “*®. 

( 6 ) Repeat the calculation of (a) for a 0.01 N solution. 

15. Calculate the pH at 25° of a buffer solution containing 50 ml of 0.2 M potas¬ 
sium hydrogen phthalate and 45.45 ml of 0.2 M NaOH solution all diluted to 200 ml. 
The dissociation constant for the second hydrogen of phthalic acid at 25° is 3.1 X 
10 ~®. 
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16. It is customary to express —logX as pK. For the dissociation of 5-ethyl 

5-hexyl barbituric acid at 25° in aqueous solution pK is 7.79. What is the standard 
free-energy change (AF^) for the reaction HA (aq) — -f- A*~? 

17. The specific condu(^tance of a saturated solution of thallous bromide at 20° is 
2.158 X 10“^^ and the specific conductance of wat(ir at the same temperature is 
0.044 X 10”® reciprocal ohms. The equivalent conductance at infinite dilution is 
138.3. Calculate the solubility of thallous bromide in grams per liter. 

18. The solubility of strontium oxalate at 20° is 0.00054 mole per liter. What is 
the solubility product? How much strontium oxalate would dissolve in a solution 
having an oxalate-ion concH'iitration of 0.04 gram ion per liter? 

19. What is the ionic strength of 0.02 M solutions of each of the following sub¬ 
stances: (a) LiCl; (b) K 2 SO 4 ; (r) i\TgS 04 ; W Na 3 p 04 ; (c) K 4 Fe(CN) 6 ? 

20. The free-en(irgy formation of AgCl (.s) is —26,187 cal at 25°. From the stand¬ 
ard electrode potentials cal(^ulat(5 the solubility product of AgCl and compare it with 
the experimental value of 1.56 X 10~*®. 


21. Five grams of lactic acid is diluhxl with water to 1 liter. How many gram ions 
of hydrogen are present in the solution? The dissociation constant of lactic acid is 
1.36 X 10“^ at 25°. 

22 . For benzoic acid at 25° the ionization constant is 7.3 X 10“®. Calculate the 
pH of a 0.001 molar solution of benzoic acid at 25°. 

23. An 0.1 M solution of iodic acid IIIO .3 is 72.5 per cent dissociated. Calculate 
th(i freezing point of this solution, assuming that the degree of dissociation does not 
change with the temperature. 

24. (d) Derive a geiKTal equation for calculating the d(‘gree of dissociation for an 

electrolyte which dissociates into three ions, as, for example, oxalic acid ((COOH )2 = 
2 H"^ -f C2O4 ). ( 6 ) Give the approximate formula, assuming that a is very small, 

(c) Calculate K in terms of the A conductanccis. 

25. The ionization constants at 25° for acetic acid, lactic acid, and bromoacetic 
acid are 1.8 X 10”®, 1.4 X 10”^, and 1.4 X 10”'^, respectively, (a) Calculate a for 
a 0.01 molar solution of each of these acids by the approximate method (assuming 
1 — a = 1 ) and ( 6 ) by the exact method. 

26. Leucylglycine is an amino acid which dissociates into both H"^ and OH” ions. 
At 25° the dissociation constant for the dissociation into anions and hydrogen ions is 
1.51 X 10 ~®. The apparent dissociation constant for the dissociation into cations 
and hydroxyl ions is 3.02 X 10”^\ Calculate the pll at which the degree of dissocia¬ 
tion into hydrogen ions and hydroxyl ions is the same. 

27. The hydrolysis constant of aniline hydrochloride is 2.25 X 10 ”®, and the ioniza¬ 
tion constant of aniline is 4.2 X 10”’*® at 25°. Calculate the concentration of the 
H+ and OH” ions in water. 

28. The specific conductance of a saturated solution of AgCl in water was found 
to be 2.279 X 10“® mho. The specific conductance of the water used was 1.16 X 10”® 
mho. Using the table of ionic conductances, page 417, calculate: 

(а) The solubility of AgCl in grams per liter. 

( б ) The solubility product of AgCl. 

29. A solution of sodium chloride has an ionic strength of 0.24. (a) What is its 
concentration? ( 6 ) What concentration of Na 2 S 04 would have the same ionic 
strength? (c) What concentration of MgS 04 ? 

30. What is the ionic strength of a 0.4 Af solution of: (a) MnCl 2 ; (b) MnS 04 ; 
(c) AuCla; (d) FeaiSOds? 
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31. 2Ag + COa"" = Ag 2 C 03 + 2e = -0.50 at 25° 

Ag+ + |H 2 = H+ + Ag = 0.799 at 25° 

What is the solubility of Ag 2 C 03 in moles per liter at this temperature? 

32. The first ionization constant of ILS in water is 9.1 X 10~®; the second is 1.2 X 
10 ~^^. The solubility of H 2 S in water is 3.4 g f)er liter. How many grams of Pb 
(N 03)2 added to 1 liter of saturated II 2 S solution will just start precipitation of PbS? 

33. Show that if Ka and Kb do not differ by more than a hundredfold the H"*" con¬ 
centration and the ()H~ concentration will b(‘ pradically ('qual in the hydrolyzed salt. 

34. Proteins probably exist in solution as dipole ions oi* (“z^itterions’’), that is, 
ions having both negative and positive charges. The effect of the addition of acids 
or bases to such substances may be seen from the equations: 

•+■ + 

NHaliaX)- + H+ - NH3RCOOH 

+ 

NHaRCOO- -f OH" - NII3OTTRCOO- 

Show that the actual ionization constant as an acid is (Hpial to the hydrolysis constant 
of the basic part, and vice versa. 

35. Calculate the free en(u*gy of neutralization of a mole of strong acid by a mole 
of strong base in a dilute aqueous solution at 25°, Kw being 10 

36. In the case of the hydrolysis of a salt of a strong base and weak acid show that 



where Ka ~ ionization constant of the acid, Kw — ionization constant of water, and 
c = concentration of salt in moles per liter. Derive the expression for the pH of 
such a solution. How will an increase in concentration of salt affect the pH of the 
solution? Test this by determining the pH of 0.1 A and of 1 N sodium isobutyrate 
at 25° (Ka == 0.98 X 10“^). 

37. Given an amphoteric electrolyte XOH capable of dissociating according to 
both of the equations: 

XOH - XO- + H+ 

XOH = X+ + OH~ 

If the basic dissociation constant is Kb and the acidic dissociation constant Ka, 
derive the expression for the hydrogen-ion concentration in a solution of this elec¬ 
trolyte as a function of the concentration of the un-ionized substance. 

38. A solution of 9.94 g of Na 2 S 04 in 1000 g of water produces the same lowering 
of the vapor pressure as an 0.169 molal solution of urea. What is the activity coeffi¬ 
cient of Na 2 S 04 in this solution? Urea does not dissociate. 
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COLLOIDS 

Definitions. In the course of his investigations on diffusion in solu¬ 
tions, Thomas Graham * drew a distinction between crystalline solutes 
and certain amorphous solutes such as starch, albumin, and caramel 
which diffuse much more slowly. To this latter type of substance he 
gave the name colloid (from the Greek “glue forming’^). These colloids 
give solutions which have very low osmotic pressures and freezing points 
which are nearly the same as those of the pure solvent. The term col¬ 
loid, as now used, applies not so much to a class^of material as to a state 
of subdivision. 

If the particles of a substance are reduced in size until the dimensions 
become submicroscopic and distributed throughout a second substance, 
the resulting S 3 ^stem is called a disperse system. The particles are called 
dispersoidsj and the suspending li(iuid, gas, or solid is called the dispersing 
medium. The characteristic properties of disperse systems are at¬ 
tributable to the enormous surface of the dispersed phase. If a cube of 
any substance 1 cm on an edge, having a total surface of 6 sq cm, is cut 
in half in the three directions, there will be 8 cubes having edges of 0.5 
cm, and the surface will be 8 X 6 X 0.5^ or 12 sq cm. If cut into 1000 
cubes 1 mm on an edge, the total surface will be 60 sq cm. If the cubes 
are 1/x f on an edge, the surface area will be increased to 60,000 sq cm, or 
6 sq m. If the cubes are 0.001m on an edge, there will be 10^^ cubes, and 
the area will be 6000 sq m or acres. Particles as small as this contain 
only a few molecules because the diameter of simple molecules is of the 
order of lA, and lA = 10“® cm or 10 ”'*m- If is obvious that surface ef¬ 
fects which are undetected on material having an area of 6 sq cm may 
become very pronounced when the material is dispersed to give a total 
surface of several square meters. 

One of the most important results of this large surface is the adsorp¬ 
tion of ions and other materials by the particles. This adsorption may 
lead to the formation of electric charges on the particles which prevent 
them from collecting into large aggregates. 

Graham, Trans. Roy. Soc. {London), 161 , 183 (1861). 
t The symbol m refers to a micron which is 10“® mm or 10~^ cm. 
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If the particles are large, they can be seen with the naked eye, and 
they have essentially the properties of ordinary material, whereas, if 
they are extremely small, of the order of molecular dimensions, they 
are indistinguishable from true solutions. Between these two regions 
is the colloidal state, in which the particles are small enough to have 
great surface area but large enough so that the solution is not strictly 
homogeneous and the presence of discrete particles can be detected with 
the ultramicroscope. The size of the dispersed particles determines 
whether or not a system is to be considered as colloidal. It is arbitrarily 
considered that particles with diameters between 0.001/x and V (10”^ 
and 10“"^ cm) are colloids, although there is no sharp distinction at these 
extremes. Particles larger than Ifi may be regarded as ordinarj^ matter, 
and particles less than 0.001/x are usually regarded as constituting true 
solutions. Dust particles may have a diameter of 10“^ cm, and hemo¬ 
globin or egg albumin or certain particles of colloidal gold have diameters 
of about lO""^ cm. 

Colloids are conveniently classed as lyophilic colloids, when the dis¬ 
persion medium exerts a dissolving or attractive influence on the dis¬ 
persed phase, and as lyophobic colloids, when there is very little at¬ 
traction between the particles and the liquid in which they are sus¬ 
pended. / 

Preparation of Colloids. Colloids may be produced by dispersion 
methods in which relatively coarse material is divided into fine particles 
of colloidal dimensions. Liquids may be dispersed in gases by directing 
a stream of gas across a constantly renewed liquid surface as in an 
“atomizer.’^ A liquid may sometimes be dispersed in a secopd liquid, 
in which it is insoluble, by merely shaking the two liquids together. 
A colloidal emulsion consists of small droplets of the first liquid 10~^ 
— 10”“'* cm in diameter suspended throughout the second liquid. An 
emulsifying agent, such as soap, is usually added to aid in the formation 
of the emulsion. Liquids or solids can be effectively dispersed in liquids 
by means of the colloid mill* Large drops or coarse particles are sus¬ 
pended in water or other liquid and exposed to a powerful shearing 
force in the mill by passing the material between two accurately ma¬ 
chined disks which rotate in opposite directions at a very high velocity 
while nearly but not quite touching each other. 

Colloids are more often prepared by condensation methods in which 
the molecules or small aggregates are gathered together into larger ag¬ 
gregates. This procedure is thermodynamically spontaneous for it in¬ 
volves a decrease in surface area and a decrease in free energy of the 

♦Travis, ‘‘Mechanochemistry and the Colloid Mill,” Chemical Catalog Co. 
New York, 1928. 
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system. Condensation methods may be illustrated by the formation of 
precipitates in solution or by the cooling of water vapor to give a fog. 
Metals may be produced in the colloidal state by being vapori 25 ed with 
an electric arc and condensed under water. 

This simple method, used first by Bredig, is shown in Fig. 118. An 
arc is struck by pulling the two electrodes slightly apart, using for ex¬ 
ample a 110-volt circuit, at 5 to 
10 amperes. Somewhat better re¬ 
sults are obtained with a housing 
around the arc which keeps the 
liquid from contacting the ends of 
the wires. Colloids of silver, plati¬ 
num, gold, and other metals can 
be prepared, using the proper elec¬ 
trodes. Red colloidal gold solution 
can be prepared containing over 
10 mg of gold per 100 ml of water. 

By means of a higli-freciuency 
arc, Svedberg and his coworkers 
have succeeded in preparing col¬ 
loids of most of the metals, includ¬ 
ing those of the alkalies. Ether, 
free from water and oxygen, may Fig. 118 Preparation of coUoids by the 
be employed as the dispersion arc method, 

medium. 

Lyophobic colloids arc often produced by precipitation reactions if 
the concentration of electrolytes is kept low. If there is a high concen¬ 
tration of ions, the colloidal particles are likely to form large particles 
and settle out as described later. 

The following reactions in which electrolytes are not produced il¬ 
lustrate the formation of colloids by direct chemical precipitation: 

2H3ASO3 “j- 3H2S = AS2S3 + 6H2O 
2 H 2 S + SO 2 = 3S + 21120 
Ni(CO)4 = Ni + 4CO 

In the first reaction, if arsenous chloride is used in place of the ar¬ 
senous acid, hydrochloric acid will be produced in the reaction instead 
of water, and the arsenous sulfide will be partly coagulated by the ions 
produced. 

Even when electrolytes are produced, it is possible to obtain the 
precipitate in the colloidal state if the solutions are dilute. The forma- 
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tion of colloidal ferric oxide by the reaction of ferric chloride with an 
excess of water, the production of colloidal gold by reduction of auric 
chloride with reducing agents such as tannic acid or formaldehyde, and 
precipitation of colloidal barium sulfate or silver chloride or silicic acid 
are examples of this common method of preparing colloids. In order to 
preserve the colloids, it is sometimes necessary to remove the electrolytes 
by technicpies which are described in the following sections. 

Material in solution may sometimes be thrown out in the colloidal 
state by mixing the solution with a second solvent in which the material 
is less soluble. For example, sulfur dissolved in alcohol is obtained as a 
white milky colloid solution when poured into an excess of water. 

The classical methods for preparing colloids which have just been 
described refer chiefly to the lyophobic colloids. The lyophilic colloids 
are, perhaps, of more general importance, particularly in the fields of 
biology and industrial chemistry. Resins are natural or artificial mix¬ 
tures of organic nature formed by such reactions. They dissolve in or¬ 
ganic solvents in the early stag(^s of their formation and separate out in 
films when the solvent is evaporated. They are usually amorphous and 
sometimes possess a glassy nature. Rubber, the asphalts, the cellulose 
derivatives, and the synthetic and natural resins are formed in reactions 
of this general type. Natural resins are excreted from plants; shellac, 
from animal organisms. 

The production of lyophilic colloids often involves a process of solu¬ 
tion or dispersion in which the solvent overcomes the attractive force 
between molecules wliich is due to dipole-dipole interaction. Nitro¬ 
cellulose for example is dissolved by acetone or by a mixture of ether and 
alcohol giving collodion, and the colloidal properties of the system are 
retained after the solvent has been evaporated. Rubber dissolved in 
carbon tetrachloride, starch in aqueous solutions of zinc chloride for use 
in dry batteries, casein taken up in dilute acid or alkali solutions are all 
examples of lyophylic colloids. The nonaqueous colloidal systems are 
becoming increasingly important with the extensive use of lacquers such, 
for example, as a polymer of phthalic anhydride and glycerine dissolved 
in an organic solvent such as acetone or dioxane. 

The polymerization reactions in which molecules react chemically to 
form larger aggregates are particularly important. Several of these 
have been studied in detail,* including the polymerization of the hy¬ 
droxy acids. The ethylene derivatives polymerize according to the fol¬ 
lowing reaction: 

n(CH2 - CHX) (CH2 - CHX)n 

* Carothers, Chem. Rev.j 18 , 367 (1931); Flory, J. Am. Chem. Soc.y 68 , 1877 (1936); 
61 , 3334 (1939). 
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where X is a group such as CeH^, OH, Cl or OCH3. The polystyrenes 
produced from H 2 C = CHCeHs constitute a specific example. Some 
of these polymerization reactions can be studied as they proceed by the 
determination of increasing molecular weights of the particles or by 
measurement of the viscosity. 

The separation of proteins and other colloids into different fractions 
can be brought about by changing the solvent, the salt concentration, 
and the temperature and pH.* 

Purification of Colloids. The difference between the diffusion rates 
of electrolytes and colloids permits a separation. If a solution con¬ 
taining both crystalline material and colloids is separated from pure 
water by a colloidal membrane, such as parchment, the crystalloids will 
pass through the membrane, and the colloids will be left behind. This 
process was termed dialysis l)y (Iraham, and the apparatus employed to 
effect such a separation is called a dialyzer. When, for example, a solu¬ 
tion of sodium silicate is added to an excess of hydrochloric acid and 
placed in a dialyzer, the resulting sodium chloride and the hydrochloric 
acid diffuse away, leaving colloidal silicic acid. 

Various natural and artificial membranes may be used for dialysis; 
Visking sausage casings of cellulose acetate are widely used, or sacks of 
thin collodion may easily be prepared. These membranes (contain small 
pores which provide continuous channels for the solution, through which 
dissolved molecules and ions can diffuse, but through which the large 
colloid particles cannot diffuse. Dialysis may be regarded as a process of 
fractional diffusion of solutes and colloids; it is not to be confused with 
osmosis in which nothing but solvent can pass through the semi-per¬ 
meable membrane. The rate of dialysis depends on many factors—the 
area of the dialyzer, the size of the pores, the temperature, the electric 
charges, and the relative concentration of solution on the two sides of 
the membrane. In practical work, fresh water is passed around the 
dialyzing sack to expedite the separation. Sometimes the solution is 
heated. 

In the process of electrodialysis, the dialyzing chamber is placed be¬ 
tween two electrodes and the ions migrate from the colloidal solution to 
the electrode which is opposite in sign. 

Many colloids are prepared under conditions where an excess of ions 
is present, and they are rendered more stable by dialysis. It is possible, 
however, to remove too many ions and cause coagulation. 

In the process of ultrafdtration the liquid medium as well as the ma¬ 
terial in true solution is removed from the colloidal material. Pressure 
is applied to the solution in a strong cylinder so as to force the liquid 

♦ Cohn, et al, J. Am. Chem. Soc., 62, 3386, 3396 (1940); 68, 459 (1946). 
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through the very small holes of a special membrane. A tank of com¬ 
pressed gas offers a convenient source of pressure. Filter papers may 
be used for ultrafiltration if they are first impregnated with solutions of 
collodion in acetic acid. Graded filters of different effective pore size 
can be made by changing the concentration of the acid.* Ultrafiltration 
is a complex process, involving electric attraction and adsorption by the 
filter as well as the ordinary process of mechanical separation. 

Ultrafilters are useful in removing impurities from sols, and they find 
extensive application in bacteriology. Bacteria can generally be re¬ 
moved from solutions by ultrafilters, but certain diseases such as the 
common cold are connected with viruses which pass through fine ultra¬ 
filters. 

Optical Behavior. When a narrow beam of sunlight is admitted 
into a darkened room, the dust particles in its path are rendered visible 
by the scattering of the light at the surface of the particles. If the air 
of the room is free from dust, the beam of light cannot be seen when 
viewed from the side, and the space is said to be “optically void.^^ 

The luminosity of the path of a beam of light is known as the Tyndall 
effect and may be considered as an indication of the presence of sus¬ 
pended particles, provided the luminosity is not caused by fluorescence. 
Almost all colloid solutions exhibit this phenomenon when a powerful 
beam of light is passed through them, thus proving the presence of dis¬ 
crete particles in the solutions. 

Great advances in colloid chemistry came with the invention of the 
ultramicroscope in 1903 by Siedentopf and Zsigmondy. With this in¬ 
strument the motions of the colloid particles became visible. In an 
ultramicroscope a powerful beam of light is brought to a focus within 
the colloidal solution, and this image is viewed through a standard 
microscope, the axis of which is at right angles to the path of the beam. 
When examined in this way, a colloid solution usually appears to be 
swarming with tiny bright particles moving rapidly in a dark field, 
whereas a true solution if properly prepared appears optically void. 

It is necessary to view the particles by reflected light rather than by 
transmitted light because the colloidal particles are smaller than the 
wave length of visible light. The intensity of the light rather than the 
magnifying power of the microscope is the limiting factor in detecting 
the smallest colloid particles with the ultramicroscope. It is possible to 
extend the lower limit of detection by using shorter wave lengths, that 
is, ultraviolet light, with quartz lenses and photographic plates. It 
should be emphasized that the apparent size of the bright image bears 
no relation to the size of the particle. It is possible, however, to count 

* Ferry, Ultrafilter Membranes and Ultrafiltration, Chem. Rev,, 18, 373-455 (1937) 
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the number of particles in a given volume. By means of a chemical 
analysis, the mass of colloid per unit of volume can be determined, and 
from this the average mass of each particle can be calculated. 

Example 1. In the field of an ultramicroscope, 20 particles of colloidal 
mercury were observed. This field, approximately 0.02 mm wide, comprised a 
volume of 1 X 10~® ml. A liter of this colloidal mercury solution was stirred 
rapidly with a gold stirrer until all the mercury had amalgamated with the 
stirrer and removed from solution. The increase in weight of the stirrer was 
8 mg. Assuming that the particles of mercury were spherical and that they had 
a density of 13.5, calculate the average radius of the colloidal particles. 

1 X 10^ 

20 X — 9 = 2 X 10^^ particles per liter 

1 X 10 

0.008 = 2 X ]0‘3 X I X 3.14 X X 13.5 
r = 1.9 X 10“« = 190 A 

These small colloid particles can be seen with the ultramicroscope 
only if their refractive index differs from that of the medium in which 
they are suspended. With metallic colloids this difference is large, and 
excellent definition is obtained, making possible the detection of par¬ 
ticles as small as 0.004iLt or 40 A in diameter. The marked difference in 
the behavior of lyophobic and lyophilic colloids is evident also in the 
observation of them through an ultramicroscope. The lyophilic colloids 
are partly combined with the solvent, and, accordingly, it is much more 
diflScult to see lyophilic colloids than lyophobic colloids in the ultra¬ 
microscope, even if they are fairly large. 

A new instrument, the electron microscope, is now available for ex¬ 
amining much smaller particles. The principle of the electron micro¬ 
scope depends on the fact that a beam of electrons under a constant 
voltage has the properties of a beam of light. At the voltages used the 
wave length corresponds to 0.05 A, and it is clear why particles which 
are much smaller than the wave length of visible light 4000 to 8000 A 
may still be observed with the electron microscope. Practical difficulties 
limit the utilization of the full theoreticai resolving power of the electron 
microscope, but photographs with good detail can be obtained with a 
magnification of more than 100,000 times. 

The electron microscope is provided with a series of electrostatic and 
electromagnetic fields which focus the electron beam just as glass lenses 
focus ordinary light. The voltage and current must be closely con¬ 
trolled. The specimen to be studied is placed on a very thin collodion 
film and a focused beam of electrons is passed through. Where the ma¬ 
terial is denser, more of the electrons are scattered, but, where the ma- 
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terial is thin, the electrons continue on their course and are focused on a 
fluorescent screen or a photographic plate. 

With the electron microscope several viruses such as tobacco mosaic 
virus have been pictured, and they are found to be rod-shaped in agree¬ 
ment with indirect measurements based on diffusion. Also, the size and 
shape characteristic of different paint pigments and specially effective 

abrasives hav^e been established. 
Moreover, structural features in the 
simplest bacteria have been brought 
out. A picture of bacteriophage 
which grows on bacteria as taken 
by Dr. T. F. Anderson is shown in 
Fig. 119.* 

Kinetic Behavior. Very small 
parti(*les suspended in a liquid can 
be seen under the microscope to be 
in a state of ceaseless erratic; motion. 
Colloid parti ck^s as seen in the ultra¬ 
microscope undergo this motion, but 
larger particlc^s which can be seen 
with an ordinary lens, such as an 
aqueous suspension of gamboge, also 
exhibit a slow movement. This phenomenon, which had frecpiently 
been observed, was first properly interpreted in 1827 by the English 
botanist, Robert Brown, while examining a suspension of pollen grains. 
It is commonly known as Brownian motion. Brown stated that “the 
movements arose neither from currents in the fluid nor from its gradual 
evaporation, but belonged to the particle itself.^' 

It is now known that the movement is caused by the actual bombard¬ 
ment of the particles by the molecules of the suspending medium. It 
constitutes a visual confirmation of the random kinetic motion which 
had been assumed for the molecules of a gas (or liquid or solid) at any 
temperature above absolute zero. 

This kinetic behavior is responsible for many of the important phe¬ 
nomena of colloids. It is used for separating different colloids and for 
determining their sizes and shapes. The particle sizes can be determined 
not only by direct photographing with an electron microscope or by 
counting with an ultramicroscope as already described, but in several 
indirect ways including diffusions and sedimentations under gravity or 

* A shadowgraph technique was used in which gold atoms are evaporated onto 
the specimen at an oblique angle. T. F. Anderson, Morphological and Chemical 
Relations in Viruses and Bacteriophage, Cold Spring Harbor, Syrnp, Quant. Biol. 
11 , 1-13 (1947). 



^iG. 119. Electron microscope picture 
of bacteriophage. 
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centrifugal force. Measurements of osmotic pressure may be used also. 
These phenomena will now be discussed in more detail. 

Diffusion. It is to be expected that material will diffuse from a region 
of higher concentration. The rate of this diffusion has been studied 
quantitatively, and it has a number of applications in the study of col¬ 
loids. The diffusion constant or specific diffusion rate D is defined as 
the number of moles which diffuse across a unit area in unit time under 
a concentration gradient of unity. It can be shown (appendix, page 
fi88) that 



( 1 ) 


where / is the fri(;tional force opposing a particle which is moving with 
a V(^locity of 1 cm per second, N is Avogadro’s number, and R is the gas 
constant. 

According to Stokes’s law this force is given by equation 2, 

/ = 67r??r (2) 


where r is the radius of the spherical particle and ?? is the coefficient of 
vis(;osity of the surrounding medium. This formula was derived for 
particdcs which are large compared to the solvent molecules, and, strictly 
speaking, it applies only to spherical molecules. Combining equations 
1 and 2 gives 

RT 


D =- 

NQwrjr 


(3) 


This is a useful equation from which the diffusion rate can be deter¬ 
mined from the radius of the particle and the viscosity of the medium; 
or the size of the particle can be calculated from the rate of the diffusion 
of the colloids. One of the applications of this equation is the calcula¬ 
tion of the Avogadro number N, 

The intimate relationship between Bro^\^lian movement and diffusion 
was shown for the first time by Einstein.* The actual movements of 
individual colloidal particles are seen to be complex and erratic, just as 
the motions of molecules in a gas had been imagined. 

In Fig. 120 each circle represents the position of an individual colloid 
particle at intervals of 30 seconds while it moves along a path from A to 
B and on to P and Q. The lengths of the dotted lines give the displace¬ 
ments along the x axis. Then Ax is the difference between two succes¬ 
sive displacements. For example, in going from A to B, Ax is obtained by 
subtracting the length of the second dotted line from that of the top 

♦ Einstein, Ann. Physik, [4] 17 , 549 (1905); 19 , 371 (1906). 
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one, and Ax/At is equal to this distance divided by the 30-second time 
interval At. Of course, there will be movement also along the z axis at 
right angles to the x-y plane, but the displacements along any one axis 

are sufficient to calculate the diffu¬ 
sion rate or particle size. 

The mean value of the square 
of the difference in the x displace¬ 
ments (Ax)^ is related to the diffu¬ 
sion constant by Einstein^s relation 
as follows, 



At 


= 2D 


(4) 


Then substituting in equation 3 
gives 

— , RT At 

(5) 


particle from A to Q with intermediate 
positions shown every 30 seconds. 


Using suspensions of certain gums 
in water, Perrin measured with a 
microscope and scale the displacements of a single particle at successive 
time intervals. He calculated the radius r by counting the particles ob¬ 
tained from a given weight of material, assuming that the particles were 
spherical. In this way he obtained an average value of 6.8 X 10^^ for 
the Avogadro number N. 

More accurate values for the Avogadro number have been obtained 
by Millikan and Fletcher,* employing a minute drop of oil as the sus¬ 
pended particle. In the gaseous state, where the intermolecular dis¬ 
tances are greater than in the liquid state, not only are the collisions 
less frequent, but also the mean free paths are appreciably longer. 
These conditions are favorable to the study of the Brownian movement 
and offer an opportunity for the determination of the Avogadro con¬ 
stant with a high degree of accuracy. These measurements taken under 
conditions which are more favorable for the study of Brownian motion 
lead to a value of 6.03 X 10^^. 

This value is in perfect agreement with the value of the Avogadro 
number given on page 626, a fact which strengthens both the kinetic 
theory of gases and the assumption that these comparatively large par¬ 
ticles behave as individual molecules in a gas. 

* Fletcher, Phys. Rev.j 4 , 453 (1914). 
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The diffusion method has been used for determining the sizes of par- 
tides under different conditions. The rate of diffusion can be measured 
by a number of different methods—by direct chemical analysis of samples 
at different distances after definite time intervals, or by methods depend¬ 
ing on the Tyndall effect or the absorption or refraction of light. Per¬ 
haps the simplest general method involves photographing a scale with 
fine divisions behind a boundary between a solution and the solvent. 
The distortion of the photograph of the scale due to differing refractive 
indices locates the boundary. With a series of photographs taken at 
successive time intervals it is possible to calculate the rate at which the 
solute diffuses and changes the refractive index. Great care must be 
exercised in eliminating mechanical vibrations and thermal inequalities.* 
Although equation 3 was derived only for spherical particles, it can 
be used in connection with certain other formulas if the shape factor oc¬ 
curs in both formulas in such a way as to cancel out. More recently the 
determinations of the diffusion constants has become important because 
they can be combined with measurements of sedimentation or viscosity 
to give the molecular weights of dissolved proteins or carbohydrates 
even when the shape of the colloid particle is unknown, f 

Viscosity. Whereas the viscosity of a liquid is not markedly changed 
by the addition of a small amount of a lyophobic colloid such as colloidal 
gold in water, the viscosity of lyophylic colloidal solutions may become 
very great. The viscosity of high polymers, such as nitrocellulose, has 
long been used as a criterion for certain industrial operations, and now 
progress is being made in correlating viscosity with the size and shapes 
of the colloidal particles. 

The particles may be spheres, rods, disks, or threads, and valuable 
information concerning the shape and the molecular weight can be ob¬ 
tained from measurements of viscosity. 

In the case of a dilute suspension of hard spheres Einstein showed 
that the viscosity 77 is given by 

V “ ’7o(l “f" 2.50) 

where 770 is the viscosity of the solvent and 0 is the total volume of the 
spheres contained in 1 ml of the suspension. This expression can be 
written 



0 0 


* Williams and Cady, Molecular Diffusion in Solution, Chem. Rev., 14, 171 (1936) 
t Svedberg and Pedersen, “The Ultracentrifuge, Oxford University Press, Ox¬ 
ford, 1940. 
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where the term 77/770 — 1 is defined as the specific viscosity, 77, p. A 
significant quantity is the intrinsic viscosity [ 77 ] defined as the limit 
of 77sp/c as c is extrapolated to zero concentration—that is, infinite dilu¬ 
tion. The term c is defined as the number of grams of polymer in 100 
cc of solution. 

According to a modification of Staudinger^s equation *, 

[77] = kM^ ( 6 ) 

where M is the molecular weight of the polymer and k and a are con¬ 
stants which depend on the type of polymer, the solvent, and the tem¬ 
perature. The constant a varies from 0.5 for tightly curled polymers to 
2 for long straight molecules. When the molecular weight is known from 
osmotic measurements or other considerations, valuable information 
regarding the length and shape of the polymer may be obtained from 
these determinations of intrinsic viscosity. 

Osmotic Pressure. The osmotic pressure or the lowering of the 
freezing point by colloids is exceedingly small, but it is nevertheless real. 
If the molar weight of a colloid is regarded as 6.02 X 10^^ times the 
weight of a single particle, it is clear that the molecular weights of col¬ 
loids must be enormous. Obviously, the molecular weight must be very 
large because the diameter of atoms is of the order of 1 A, whereas the 
diameter of colloid particles ranges from 10 A to 10,000 A. However, 
there is some doubt as to the propriety of referring to the molecular 
weight of colloids, particularly in view of the fact that the individual 
particles vary greatly in size. It is better to speak of molar particki 
weight rather than molar weight of a colloid, and it must be realized 
that such a term refers to an average particle weight multiplied by 
Avogadro^s constant. 

The ordinary methods for determining molecular weights in solution 
are beset with difficulties when applied to colloid systems because it is 
almost impossible to wash out all the ions, and each ion is just as ef¬ 
fective as a colloid particle in lowering the vapor pressure or the freezing 
point, or in creating an osmotic pressure. Furthermore, the effect to be 
measured is very small. It may be remembered that 6 X 10^^ molecules 
dissolved in 1000 g of water will lower the freezing point 1,86°, and, if 
ten thousand of these units are combined into one colloid particle, the 
freezing-point lowering will be only 0.000186°. A mere trace of elec¬ 
trolyte left behind will produce an effect greater than this. 

A few satisfactory measurements have been made using collodion 
membranes and measuring the apparent osmotic pressure of concentrated 

* Mark, ^Thysical Chemistry of High Polymeric Systems,*' Interscience Pub¬ 
lishers, New York, 1940, pages 258-293. 
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solutions under conditions where ions do not affect the pressure. The 
holes in the collodion membrane are large enough to let the ions pass, but 
they block the passage of the large colloid particles. An excess of electro¬ 
lyte is added to the colloid solution and to the solvent on the two sides 
of the membrane. The ions diffuse through and reach equilibrium, so 
that the measured osmotic pressure is due only to the colloids. By 
rigorous control of the amount of electrolyte present, Sorensen found a 
molecailar weight of 34,000 for egg albumin, and Adair * obtained 
(>7,000 for hemoglobin. 

Example 2. A solution of 1 g of a nitrocellulose in a liter of acetone has an 
osmotic pressure of 0.56 X 10 atm at 27°. Assuming that the solution is 
ideal, calculate the molar ])article weight of the nitrocellulose. 


M - 


gUT^ 

l^v 


I X 0.08205 X 300.1 
"0.56 X 10-3'xT~ 


- 44,000 


Sedimentation Equilibrium. Tlu' distribution of colloid particles 
under a given force such as gravity is directly related to diffusion and 
osmotic pressure. When a solution is allowed to stand, a state of equi¬ 
librium is finally reached when sedimentation and diffusion balance each 
other, that is, when in a given interval of time the amount of material 
which falls in the downward direction through a unit area is the same as 
that which diffuses upward on account of the greater concentration at 
the lower level. The most familiar example of a sedimentation equi¬ 
librium is the atmosphere of the earth. 

The quantitative formula for the concentration as a function of height 
makes possible the determination of the molecular weight of a solute, 
provided the solution is dilute enough for the ordinary laws of dilute 
solutions to hold. It should be noted particularly that the equation con¬ 
tains only well-defined and measurable quantities, and its vahdity is in¬ 
dependent of the shape of the particles. The formula for sedimentation 
equilibrium can be derived by thermodynamics for a colloidal solution 
containing particles of uniform size, using the following symbols: 


n = number of particles per milliliter, that is, the concentration 
X = the distance of the particle from the bottom of the vessel 
g = acceleration of gravity 
S = density of the particle 
So = density of the liquid 
V = volume of the particle 

* Adair, Proc. Roy, Soc. {London)^ A 109, 292 (1925). 
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Two forces are acting: the force of gravity (or other force) tends to 
pull the particles to the bottom of the vessel, thus increasing the con¬ 
centration; and the kinetic force causes the particles to diffuse away from 
the region of higher concentration at the bottom. 

The force of gravity pulling one particle downward is v(S — >So)^, 
allowing for the buoyancy of the liquid. 

The change in free energy AF for the transfer of a mole of particles 
from one concentration to another is given on page 245 by the equation: 


n2 AF 
In — ==- 

ni RT 


(7) 


At equilibrium the decrease in free energy must be equal to the work 
w done by a mole of the particles (N particles) against the force of gravity 
acting through the distance Xi — X 2 . Then, 


In ~ - ^2) 

^ ^ RT 


( 8 ) 


The same equation can be derived from considerations of diffusion 
rates. The values of 712 and Ui may be obtained by counting the num¬ 
ber of particles in a given field with a traveling microscope. 


Example 3. The number of particles in a given volume of a solution of 
colloidal gold which had come to equilibrium in the earth’s gravitational field 
was found to be 392 at one level and 196 at a level 0.10 mm higher. The tem¬ 
perature was 20°, and the diameter of the particles was 0.066^. The specific 
gravity of gold is 19.3, and that of the colloidal solution may be assumed to be 1. 
What is the value of Avogadro’s number as calculated from these data? 

392 ^ ^ 10-«)'’(19.3 - 1.0)(981)(0.01) 

2.303 log — = 8.31 X 10’ X 293 

iV = 6.2 X 1023 


The Ultracentrifuge. The sedimentation due to the force of gravity 
is so small that it can be used only for the largest particles. The sedi¬ 
mentation force may be increased enormously, however, by using cen¬ 
trifugal force, and it is thus possible to determine particle size of the 
smallest particles—even down to large molecules in true solution. Sved- 
berg has contributed greatly to this field. 

In the centrifuge the acceleration of gravity is replaced by centrifugal 
force co^Xy where a; is the angular,rotational velocity, 2r X the number of 
revolutions per second, and x is the distance from the center of rotation. 
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Then integrating oPx dx and substituting for g{xi — X 2 ) in equation 8, 
we have 


712 - X 2 ^)Nv(S - So) 

In— -- 

ui KT 


(9) 


An additional advantage of the ultracentrifiige is that the sedimentation 
force may be controlled. 

Sedimentation ecjuilibrium measurements using equation 9 require 
much time and effort, and a different technique is often used in which 
the velocity of sedimentation rather than the concentration of particles 
at equilibrium is measured. 

In operating the velocity ultracentrifugc, the solution is placed in a 
small cell inserted in the rotor. The cell has transparent windows, and 
in the chamber which encloses the rotor there are corresponding windows 
with electromagnetic shutters. The cell is partially filled with the col¬ 
loid solution, and to the remainder of the cell is added a suitable solu¬ 
tion which gives a line of demarkation at the edge of the colloid solution. 
By direc'ting a beam of light through the windows one can note the effects 
of the centrifugal force as this line moves outward, owing to differences 
in refractive index or light absorption. A diagram showing the prin¬ 
ciple of the Svedberg ultracentrifuge is given in Fig. 121. Photographic 



Fig. 121 . Principle of the Svedberg ultraceiilrifuge. 


methods are used to record the position of the boundary between solvent 
and solution at suitable intervals. Exact measurements on the photo¬ 
graphic plate are then used for calculating the rate at which the colloid 
particles move. If all the particles are not of the same size, a sharp 
boundary cannot be obtained, even if diffusion is minimized. It is of 
great importance to eliminate vibrations and the convection currents 










538 


COLLOIDS 


which arise normally from thermal gradients within the cell. These 
and other difficulties have been overcome by Svedberg.* 

The specific sedimentation velocity in centimeters per second per 

unit centrifugal field is a characteristic of the 
colloid particle. 

The specific sedimentation velocity oi‘ 
thyroglobulin may be calculated from the 
measurements of Lundgren and Williams 
shown in Fig. 122. This biological material 
was purified and mixed with a clear solution 
of the same acidity. The beiun of light passed 
directly through the cell as it was r 3tated in 
the centrifuge, but, as the colloid moved 
outward, it left a line of demarkaiion where 
the refractive index was different so that the 
light was refracted out of the optical line, 
leaving a dark ridge. As the centrifuging 
progressed, this heavier material gradually 
moved toward the outer edge of the cell, 
shown by a sharp vertical shadow at the 
right. Pictures were taken every 10 minutes, 
starting at the bottom of Fig. 122 and meas¬ 
urements on the posit ion of thti peak showed 
that the boundary moved 7.2 mm in 50 
minutes. There was a temperature correc¬ 
tion rjt for viscosity amounting to 0.90. 
The speed of the (iemtrifuge was 40,000 rpm, 
and the distance from the center of rotation was G.4 cm. The sedimen¬ 
tation constant .s is calculated as follows: 



Fig. 122. Movement of col¬ 
loidal thyroglobulin at ten- 
minute intervals while being 
centrifuged. 


dx 0.72 

dt 50 X 60 

-X 0.90 

X 6.4 

= 19.2 X cm per second per unit field = 19.2 svedbergs 

The particle size cannot be calculated atid used without further in¬ 
formation, because two molecules of like weight but different shape will 
have different sedimentation constants. Particle sizes may be obtained, 
however, from observations of sedimentation velocity and diffusion con- 

♦ Svedberg and Pedersen, The XJltracentrifuge, Chem. Rev,, 20, 81 (1937); ‘The 
Ultracsentrifuge,^' Oxford University Press, Oxford. 1940. 
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stant made independently of one another. In dilute solutions the 
frictional resistance to sedimentation and diffusion is the same, so that, 
if a diffusion measurement is used to evaluate this resistance, it is not 
necessary to make any assumption regarding the shape of the particle 
and the particle size can be calculated directly. With the new high¬ 
speed instruments, centrifugal forces as high as 400,000 times gravity 
are available, and observations of the sedimentation velocity may be 
made in a few hours. 

Some of the results obtained with Svedberg^s methods are given in 
Table L 

TABLE I 


Weights of Coli^oid Pakticles 


Prott'in 

Fartieli* Weight 

Protein 

Particle Weight 

Egg albumin 

40,500 

Phycocyan 

279,000 

Hcunoglobin 

68,100 

Phycoerythrin 

292,000 

Serum albumin 

60,900 

Amandin 

329,000 

Lactoglobulin 

37,800 

Thyroglobulin 

675,000 

Pepsin 

39,200 

Hemocyanin (Octopus) 

2,785,000 

Insulin 

Serum globulin 

35,100 

150,000 

! ’ 

Hemocyanin (Helix) 

6,630,000 


Simple motor-driven or air-driven centrifuges find important uses in 
separating colloids from solution and from mixtures of other colloids. 
The measurements of particle size in the more elaborate centrifuges 
have given us valuable information concerning the proteins in normal 
and pathological sera, toxins and antitoxins, viruses, polysaccharides, 
starches, and natural and synthetic high polymers. 

Electrical Behavior. Colloid particles with their large surfaces are 
likely to have ions attached to them. An ion induces a charge of op¬ 
posite sign in a near-by molecule and will thus be held to the surface by 
the ion-induced dipole attraction. The ions thus adsorbed exert a pro¬ 
found influence on the stability of the colloids, particularly the lyophobic 
colloids. According to the simplest view, all the particles in a given 
colloidal solution tend to adsorb an excess of either positive or negative 
ions and thus acquire a charge. The particles thus repel each other and 
tend to prevent combination and precipitation of the colloidal material. 

The situation is more complicated, however, because this layer of 
ions adsorbed on the surface of the colloid particle tends to attract ions 
of opposite sign to it, forming two layers of oppositely charged electricity 
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as in a capacitor. These electric fields due to ions constitute what is 
known as a “double layer.^' 

According to present views, the double layer consists of two shells 
of ions of opposite charge. The inner shell is narrow and compact; but 
the outer shell is wide and diffuse, with a high concentration of ions near 
the inner shell and progressively lower concentration of ions as the dis¬ 
tance from the surface of the particle increases. The inner shell adheres 
tightl}^ to the particle wherever it moves, but the outer diffuse shell of 
oppositely charged ions can be more easily stripped off. The total po¬ 
tential drop between the surface of colloid particle and the main body 
of the solution may be divided into two parts, the first of which is the 
potential between the inner shell and the colloid surface. The second 
part, called the zeta or electrokinetic potential, applies to the potential 
drop through the outer shell, extending from the outer edge of the inner 
shell to the body of the solution. This zeta potential for the diffuse outer 
shell and the arrangement of ions around a colloid particle are indicated 
diagrammatically in Fig. 123 where A represents the surface of the par- 



Fig. 123. Diagram defining the zeta potential in terms of a double layer of ions 

around a colloid particle. 

tide and B represents a point in the solution far removed from it. 
Freundlich and von Smoluchowski introduced this concept of the elec- 
trokinetic or zeta potential into colloid chemistry. It has been pointed 
out, particularly by Kruyt, that the stability of hydrophobic colloids 
runs parallel with the zeta potential. 

Colloid phenomena which involve movement of a colloid particle 
through the solution can be described more quantitatively with the 
help of the zeta potential. 

The zeta potential can be changed by changing the electrolytes and 
the colloid solution since the original inner layer of adsorbed ions and 
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the outer layer of oppositely charged ions which they attract are a 
function of the nature and concentration of the electrolytes which 
are present.* At high concentrations of electrolytes electrokinetic 
phenomena disappear because the double layer is compressed about the 
particle, and the increase in electrical conductivity also causes a diminu¬ 
tion in electrokinetic action. 

Electrophoresis. There are several important consequences of the 
existence of the i)otential difference in the diffuse double layer. The ap¬ 
plication of an external voltage causes the charged colloid particles to 
move toward one of the electrodes, and they tend to drag along with 
them parts of the outer diffuse shell of oppositely charged ions. Nega¬ 
tive colloids move to the positive electrode, and positive colloids to the 
negative. This phenomenon is known as electrophoresis. 

Electrophoresis was first observed by Reuss in 1807. When the 
terminals of an electric battery are connected to two platinum electrodes 
dipping into a colloidal solution of arsenious sulfide, there is a gradual 
migration of the (colloid to the positive pole. A similar experiment with 
a solution of ferric hydroxide shows that this colloid moves toward the 
negative pole. It follows, therefore, that the particles of colloidal ar¬ 
senious sulfide are negatively charged, whereas those of colloidal ferric 
hydroxide carry a positive charge. Most of the lyophobic colloids pos¬ 
sess an electric charge. In water, the colloids of metals and many or¬ 
ganic colloids ac(iuire a negative charge, but many positive colloids are 
known also. 

The velocity of electrophoresis can be determined by measuring the 
rate of movement of the boundary which separates the colloid solution 
from a clear solution which has been carefully run in above it. In 
another method a microscope is used to measure the distance traveled 
toward the electrode by a single colloid particle under a definite potential 
gradient. In measurements of electrophoresis the electrodes are usually 
arranged so that there is no evolution of gas which might cause mechan¬ 
ical stirring of the solution. For example, a cadmium electrode sur¬ 
rounded by cadmium ions may be used. The velocities of electrophoresis 
vary considerably with the conditions of the experiment, but they are of 
the order of 2 to 20 X lO""® cm per second when the potential gradient 
is 1 volt per centimeter. Although the colloid particles are much larger 
than individual ions, their rate of movement toward an electrode in water 
is not so much slower as might be expected, because both drag along 
with them diffuse shells of oppositely charged ions. The mobility of the 
colloids is of the order of one-tenth that of ions. A shell of water mole- 

* Abramson, ‘^Electrokinetic Phenomena/’ Reinhold Publishing Corp., New 
York, 1934. 
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cules has to be pulled along also, attracted by the force which exists 
between a charged ion and a molecule like water which possesses a large 
dipole moment. •> 

There are many practical applications of electrophoresis. The sign 
of the charge on colloids and bacteria is easily found. Certain colloids 
may be plated out electrically in a manner similar to the electroplating 
of metals, and, in fact, many rubber articles such as rubber gloves are 
manufactured in this manner. 

Among the important developments in electrophoresis are the (ex¬ 
amination and separation of proteins, including normal, pathological, 



Vertical distance from initial boundary in cm 

Fig. 124. Identification and separation of constituents of human i)l()od plasma by 
electrophoresis, dnidx is the rate of change of refractive index with distance. 

and immune sera, and the preparation of pure biological materials. Ap¬ 
paratus for following the migration of these materials in an electric field 
has been perfected by Tiselius.* A cell is provided with flat transparent 
sides, and a beam of light specially focused is recorded on a photographic 
plate. The material frequently contains two or more materials which 
are so nearly alike that they cannot be separated by chemical means; 
yet when placed between two electrodes they move at slightly different 
rates. The light passes through the colloid solution and the clear solu¬ 
tion adjoining it without deflection, but at the line of demarkation be¬ 
tween two solutions the light is refracted to one side leaving a dark re¬ 
gion. After a time the different colloid materials move along to different 
distances and give optical patterns similar to that shown in Fig. 124 for 

•Tiselius, Trans. Faraday Soc.y 33, 524 (1937); Biochem. J., 31, 1464 (1937). 

Tiselius, Electrophoretic Analysis and the Constitution of Native Fluids, Harvey 
Lectures Ser., 35, 52 (1939). 
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the electrophoresis of human blood plasma as measured by Professor 
Robert Alberty of the University of Wisconsin. In his experiment the 
plasma was subjected to a potential gradient of 9 volts per centimeter 
for 152 minutes in a buffer solution of pH 8.6 and 0.10 ionic strength. 
The vertical ordinates represent rate of change of refractive index with 
distance, and the peaks correspond to the sharpest boundaries between 
materials of different refractive index. Along the horizontal axis is plotted 
the distance in cm to these sharp boundaries, starting with a reference 
point € at the extreme left wliich corresponds to the original position of 
the salt boundary. The peak at the extreme right corresponds to albumin, 
and the other peaks correspond to various constituents of the plasma. 

The characteristic pattern may be used for identification of a mixture 
and for determination of purity. A uniform material having colloids of 
only one size and charge gives a single dark band. A colloidal protein 
or other material may be not only identified but also purified by electro¬ 
phoresis. For example, it may be found-4(}Tat only one of the substances 
gives the desired biological effect, and this material can then be with¬ 
drawn from the remaining solution when the shadow of its boundary 
passes a specified exit tube. 

Electroosmosis. In electrophoresis the solution is stationary, and 
the colloid particles move under a potential gradient. In electroosmosis 
the colloid material is held in position, and the solution moves when an 
electric potential is applied. Finally, if the colloid surfaces are held 
mechanically stationary and the liquid is forced through a colloid mem¬ 
brane or porous plate, a potential difference will be produced at the two 
sides of the membrane. This potential difference may be measured and 
is known as the streaming 'potential. All three properties are connected 
with the zeta potential. 

Electroosmosis can be illustrated with an experiment in which a porous 
partition, containing a large surface area acting as colloid material, is 
placed in the bottom of a U tube which contains an electrode in each 
arm. When the tube is filled with water or other suitable liquid, and the 
electrodes are charged, the water rises in one arm and falls in the other 
as a result of electroosmosis. An equilibrium height is reached which 
is proportional to the applied voltage. Usually but not always in electro¬ 
osmosis the water moves toward the cathode, showing that the fixed 
colloid material acquires a surplus of negative ions, leaving the solution 
positively charged. The experiments have been extended to organic 
liquids as well as to aqueous systems. The drying of peat and other 
material by the application of an electric field has been suggested; but 
there is a large loss of electric energy if electrolytes are present to con¬ 
duct the current. 
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Stability of Colloids. The most important factors in stabilizing 
colloids are electric charge (zeta potential) and hydration or solvation. 
Either the existence of a zeta potential which causes the particles to 
repel each other or a film of adsorbed solvent which prevents the en¬ 
closed particles from touching each other is sufficient to keep the dis¬ 
persed particles in the colloidal state. .In the lyophobic colloids, where 
there is little attraction between the dispersed particles and the dis¬ 
persion medium, the film is not a factor, and the stability or instability 
of the colloid depends only on the presence or absence of a diffuvse layer 
of ions about the particle. The relation between the lyophylic colloids 
and the lyophobic colloids is well illustrated in Fig. 126. The lyophilic 
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Fig. 125. Illustration of the role of electric charge and hydration in the stabilization 

of colloids. 


colloid particles are solvated, that is, they attract around themselves 
an atmosphere of the dispersion medium, whereas the lyophobic colloids 
do not. Either the electrical double layer, or the hydrating atmosphere, 
or both together keep the system in the colloidal state. The particles 
become coagulated, and the system loses its colloidal properties only 
when both the electrical double layer and the hydrating atmosphere 
are removed. Egg albumin may be taken as an example. Its particles 
can be dehydrated with alcohol, and the electric charge can be neu¬ 
tralized by the addition of ions, but only when both changes are effected 
does coagulation occur. 

The ability of dispersed particles to remain in the colloidal state is 
greatly affected by the concentration of ions. In the absence of ions a 
lyophobic colloid is not stable, and the material will settle out. The 
presence of a few ions stabilizes the colloid, but, if there is a large excess 
of electrolyte, the colloid particles will be coagulated by the ions of op¬ 
posite charge. 
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The isoelectric 'point is the concentration of hydrogen ions and other 
ions at which the particle has no net charge and the zeta potential is 
zero. The isoelectric point is important because under the conditions 
prevailing the colloid has its minimum stability, viscosity, and electrical 
conductivity. Lyophilic colloids sucli as albumin and gelatine are par¬ 
ticularly responsive to a change in pll, and in an acid solution they are 
charged positively on account of a chemical reaction and subsequent dis¬ 
sociation. In an alkaline solution they acquire a negative charge in the 
same way. The behavior is like thj^t of amphoteric electrolytes which 
can dissociate to give either ions or 01i~ ions. 

Precipitation of Colloids by Electrol 3 rtes. Electrolytes, even in low 
concentrations, are effective in precipitating lyophobic colloids. The 
concentrations in milliequivalents per liter required to cause precipi¬ 
tation in 2 hours, as found by Freundlich, are recorded in Table II for a 
positive ferric hydroxide colloid (16 millimoles per liter) and for a neg¬ 
ative arsenious sulfide colloid (8 millimoles per liter). In each case, 2 ml 
of the electrolyte was added to 20 ml of the colloid solution. 

TABLE II 

Precipitation of Colloids by Electrolytes 


Electrolyte 

(-f) Ferric 
Hydroxide 

( —) Arsenious 
Sulfide 

Electrolyte 

(-f) Ferric 
Hydroxide 

( —) Arsenious 
Sulfide 

Cone. 

p]lectrolyt<^ 

Cone. 

Electrolyte 

Cone. 

Electrolyte 

Cone. 

Electrolyte 

NaCl 

9 

51 

MgS 04 

0.2 

0.8 

KCl 

9 

50 

AICI3 


0.1 

KNOa 

12 

50 

A1(N03)3 


0.1 

Ba(N03)2 

14 

0.7 

K 2 SO 4 

0.2 


BaCb 

10 

0.7 

K2Cr207 

0.2 



It is evident that the trivalent ions are much more effective in pre¬ 
cipitating colloids of opposite sign than are divalent ions and that the 
divalent ions are more effective than the univalent ions. There is no 
simple quantitative relation between the valence of the ion and the pre¬ 
cipitating concentration because several other factors are involved also, 
such as the protective action of ions having the same sign as the colloid 
particles. 
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Table II illustrates the general principle that positive colloids are 
precipitated by negative ions and negative colloids are precipitated by 
positive ions; and in both cases the higher the valence of the ion (that 
is, the larger the number of charges on a single ion), the more effective is 
the precipitation. 

The action of electrolytes on lyophilic colloids is less sharply defined 
than their action on lyophobic colloids. Large concentrations of alkali 
salts are necessary to precipitate albumins; but small amounts of the 
heavy metals give precipitation pn account of chemical reactions. 

Charged colloids as well as ions are effective in precipitating colloids 
of opposite charge. For example, when solutions of positive ferric oxide 
colloids and negative arsenious sulfide colloids are mixed, a mutual 
precipitation of the two colloids is produced. Sometimes the mixture 
of tw’o different kinds of ink will cause a precipitation for the same rea¬ 
son. 

Protective Colloids. When a lyophilic colloid is added to a solution 
of a lyophobic colloid, it often forms a coating around the lyophobic 
colloid, owing to attraction of the two colloids. The lyophobic colloid 
surrounded })y the film of lyophilic colloid then behaves as a lyophilic 
colloid, and is thus less easily precipitated by ions. Protective coatings 
of this kind can be illustrated by the stabilizing effect of gelatine added 
to lyophobic colloids such as sulfur or freshly precipitated silver bro¬ 
mide. They are found in organic colloids, and they play a part in the 
behavior of certain cements and even in the geology of certain sedi¬ 
mentary rocks. In biological systems the}" are particularly important. 

The protective action of a lyophilic colloid can be measured semi- 
quantitatively by finding the concentration of the colloid which is neces¬ 
sary to just prevent the change in a solution of colloidal gold from red 
to blue produced by the addition of a specified amount of sodium chlo¬ 
ride. This concentration, sometimes called the “gold number” of the 
protecting colloid, is sufficient to form a protective coating which will 
prevent the gold particles from growing into larger crystals when an 
electrolyte is added. The formation of the larger particles in the solu¬ 
tions of colloidal gold is accompanied by a change from red to blue. 

Interfacial Tension. When two partially miscible liquids are placed 
in contact, each dissolves to a certain extent in the other, sometimes 
causing marked changes in the surface tensions. The interfacial energy 
may be defined as the work required to increase the area of the inter¬ 
face by 1 sq cm. 

It can be measured by most of the methods already described for 
measuring the surface tension of pure liquids against air. The drop- 
weight method, in which the weight of a drop of the first liquid is deter 
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mined as it falls or rises from a specially prepared tip immersed in a 
second liquid, is perhaps the simplest for measuring interfacial tensions. 
The conditions have to be carefully controlled. The addition of a third 
substance which concentrates in one or both liquids at the interface may 
exert a profound influence on the interface and on the colloidal behavior. 

Gibbs’ Equation. The influence of concentration of solute on the 
surface tension of the solution was derived in 1876 by Gibbs.* It is 
summarized by the equation, 


c dy 

rtTc 


( 10 ) 


where u is the excess concentration of solute in the surface layer per 
square centimeter, and dy/dc expresses the rate of change of surface 
tension y with concentration, c. According to this equation, in a solu¬ 
tion in which the surface tension increases with concentration (when, 
dy/dc is positive) solute is forced out of the surface layer and into the 
interior of the solution by the addition of more solute; but in those solu¬ 
tions where the addition of more solute decreases the surface tension the 
added solute will tend to concentrate in the surface layer. 

It may be concluded that the surface tension of a liquid can be lowered 
to a considerable extent by the addition of a solute because the solute 
will then concentrate in the surface and register a large effect; however, 
the surface tension can never be increased very much by the addition of 
a solute because, in this case, it is held chiefly by the bulk of the solution 
where it can exert no influemc^e on surface phenomena. This deduction 
is well confirmed by experiment. Soaps and other material are known 
to reduce the surface tension of water by more than half, but no sub¬ 
stance has yet been discovered which will raise the surface tension more 
than a few per cent. 

Experimental tests of this equation are difficult because the real sur¬ 
face layer contains such a small amount of dissolved material, but they 
indicate that the equation is essentially correct. In one of the tests, 
froth and foam were swept out from a soap solution, and the con¬ 
centration in this froth was found to be greater than that in the bulk 
of the solution left behind, t in another, a scoop traveling along an ac¬ 
curately machined track skimmed off the surface of the solution.! 

Adsorption. At the extreme surface of a solid there must be a layer 
of atoms and molecules which have some valence forces or other at¬ 
tractive forces left over that are not so fully utilized as those associated 

♦ Gibbs, Tram. Conn. Acad.j 3, 439 (1876). 

t Nutting, Long, and Harkins, J. Am. Chem. Soc.t 62, 1496 (1940). 

t McBain and Wood, Proc. Roy. Soc. {London) j A 174, 286 (1940). 
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with the atoms and molecules in the interior which are completely sur¬ 
rounded by other molecules. Accordingly, most solids attract gases or 
solutes to their surface, a phenomenon which is called adsorption. The 
extent of this adsorption depends greatly on the specific nature of the 
adsorbing solid and the molecules being adsorbed, and it depends also 
on the concentration or pressure and on the temperature. Since ad¬ 
sorption is a surface phenomenon, it depends on the area of the surface 
exposed. 

Charcoal is an excellent adsorbent for the removal of condensable 
vapors from gases or for the removal of solutes from solution. The cel¬ 
lular structure of the plant or animal material from which the charcoal 
is made provides a very large surface area if care is taken in the pro¬ 
duction of the charcoal. Organic or inorganic precipitates can be pre¬ 
pared with many crevices and capillary pores in the surface, thus giving 
a large surface area and a large capacity for adsorption. Silica gel, de¬ 
scribed a little later, is an example of such an adsorbent. 

For a given weight of adsorbent with a given surface area the amount 
of material adsorbed depends on the concentration of the material around 
the adsorbent. The higher the concentration, the greater the amount 
which can be adsorbed. Wlicn an adsorbing material is placed in con¬ 
tact with a suitable gas or solute, the amount adsorbed will gradually 
increase, and the concentration of the surrounding molecules will de¬ 
crease until the rate of desorption becomes equal to the rate of adsorp¬ 
tion, and, thus, an equilibrium is established. If the concentration of 
material is increased, the weight of adsorbed material will increase to a 
new equilibrium value, and, if the concentration is decreased, the ad¬ 
sorbent will lose adsorbed material to its surroundings until equilibrium 
is again established. This relation is illustrated in Figs. 126 and 127 for 
the adsorption of nitrogen dioxide on silica gel (NO 2 and N 2 O 4 calcu¬ 
lated as NO 2 ). 

Adsorption of this type may often be represented by the empirical 
equation of Freundlich, which applies either to gases or to solutes in 
solution. 


or 


- = kc^ ( 11 ) 

m 


log — = n log c + log fc 
m 


( 12 ) 


where k and n are constants to be determined by experiment for each 
temperature, solute, and adsorbent. Graphs for this equation are shown 
in Fig. 127, and the evaluation of the constants is illustrated in ex¬ 
ample 4. 
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Pressure of NO 2 in mm 

Fia. 126. Adsorption of nitrogen dioxide on silica gel. 


Fit) 127. 



Pressure of NO 2 in mm 


Log—^log graph of adsorption of nitrogen dioxide on silica gel using data 
of Fig. 126. 
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Example 4- Evaluate the constants k and n in Freundlich^s equation, for 
nitrogen dioxide using the following data at 25°. 

p (in mm pressure) 3.00 5.4 7.7 10.6 12.3 

x/w (in g NO 2 per g Si02) 0.64 1.37 2.36 3.92 6.01 

When the logarithms of these data are plotted on rectangular coordinates, the 
slope of the line n is found to be 1.55. The constant k is the antilogarithm of 
the intercept where p = 1 mm and log p = 0. Its value is 0.095. Then 

- = 0.095»‘ “ 
m 

Techniques are available for determining the absolute surface area 
of certain adsorbing materials and catalysts by measuring the amount 
of helium or other gas adsorbed under special conditions of low tem¬ 
perature and pressure.* 

Industrial applications of adsorption are important. Colored ma¬ 
terial and impurities are removed from sugar and from many organic 
products by filtering through charcoal or other adsorbents. Obnoxious 
gases or valuable gases may be collected by passage through charcoal 
or silica gel and can be recovered later in a concentrated form by raising 
the temperature and desorbing the gas. Gas masks containing adsorb¬ 
ents are used for protection against specific poisonous gases. 

Some adsorbing materials exchange specific ions as, for example, the 
zeolites which are used in water softening. Where the reaction is 

/Na+ 

Z < + Ca++ ^ A=Ca++ + 2Na-^ 

^Na+ 

When water containing calcium ions is passed through a bed of zeolite 
containing a large surface, the calcium ions replace the sodium ions and 
are removed from the solution, the sodium ions taking their place. The 
zeolite can be reactivated, however, by throwing off the calcium ions 
with a concentrated solution of sodium ions. 

Zeolites suitable for such purposes occur as natural minerals, or they 
can be made artificially. Other similar materials can be prepared which 
remove ions of iron. A new type of adsorbing material is now available 
in the form of organic resins such as ^^Amberlite” resins or “Dowex^' 
which can be prepared in such a way as to remove specific ions or other 
solutes. 

The Langmuir Theory of Adsorption. The Freundlich equation is 
useful as an empirical formula, but a better equation has been developed 

* Brunauer, Emmett, and Teller, J. Am. Chem. Soc.y 60, 309 (1938); Emmett, Ind. 
Eng. Chem.y 29, 639 (1945). 
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by Langmuir.* Its derivation is based on the well-established view that 
a solid has a crystal lattice and that its surface is like a checkerboard 
with atoms arranged in orderly fashion. Each atom at the surface has 
free valences or unattached forces which are available for attaching one 
and only one molecule from the gas phase or from solution. There is a 
continuous flight of molecules from the external phase to the surface 
and in the opposite direction. The rate at which molecules are ad¬ 
sorbed depends on three factors: ( 1 ) the number 6 ^ striking the surface 
per second (calculated from the kinetic theory of gases); ( 2 ) the fraction 
m of incident molecules which adhere; and (3) the area (1 — g) which 
is not covered by adsorbed molecules, g being the fraction covered. The 
rate of desorption is gr^ where r is the rate of evaporation from a com¬ 
pletely covered surface. 

At equilibrium, 

gr = ms(l — g) ^ ms — gms 


ms 

g = —- - 

r + ms 

Substituting I for the constant m/r, we have 

Is 

^ 1 + Zs 


(13) 


If different constants a and h are used, the weight of adsorbed material 
y per unit surface of adsorbing material is given by the formula. 


abp 

I + ap 


(14) 


where p is the pressure of the gas. Concentrations c may be used in¬ 
stead of pressures, and y may be considered proportional to the weight 
of adsorbed material per weight of adsorbing material. 

This formula fits many experimental data very well. In fact, the 
agreement constitutes an argument in favor of the underlying assump¬ 
tion of an adsorbed layer 1 molecule deep. At very high pressures it 
does not always apply so well, probably because under these conditions 
a new type of adsorption is occurring, namely, the liquefaction of the 
gas in capillary pores. Under these conditions the layer is, of course, 
many molecules deep and there is other evidence of condensation. 
Patrick found that, on silica gel, where the capillary type of adsorption 
prevails, the quantity of different gases adsorbed under similar con¬ 
ditions depends chiefly on the boiling point. Taylor has been able from 

* Langmuir, J. Am. Chem. Soc.f 38, 2267 (1916); 40, 1361 (1918). 
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thermal measurements to distinguish between (1) chemical adsorption 
by attachment to an atom at a surface, and (2) physical adsorption. 
The evolution of heat in (1) may be several times that in (2). 

It is significant that improved experiments tend more and more to 
support the Langmuir formula and its underlying hypotheses when the 
adsorption is not too great. Measurements of the quantity of water 
adsorbed on glass surfaces seemed to indicate that the layer must be 
several molecules deep, but repetition of the work with fresh glass sur¬ 
faces that had never been etched by contact with liquids showed that 
the adsorbed layer is probably 1 molecule thick.* * * § In an important 
series of investigations in which adsorbed material was weighed with a 
small spiral spring of quartz, McBain f has shown that, if the adsorb¬ 
ing surface is absolutely clean the Langmuir formula applies satisfac¬ 
torily, whereas the Freundlich formula can be applied, if the adsorbing 
surface contains impurities. Additional proof of the correctness of 
Langmuir’s formula is due to Tiselius. t 
Differential Adsorption. § The rate and extent of adsorption on a 
given adsorbent varies for different materials. When a solution con¬ 
taining several different substances is poured through a column of the 
adsorbent, each substance is adsorbed at a different level. For example, 
if a green leaf is extracted with acetone or petroleum ether and the solu¬ 
tion is poured through a tube containing powdered sugar, followed by a 
little pure acetone or petroleum ether, the tube will show different bands 
of color corresponding to the carotenes, chlorophyll A, chlorophyll B, and 
other colored compounds. The column may then be cut apart in sec¬ 
tions to separate the different materials adsorbed from the solution. 
Since most of the work to date has been done with colored substances 
which can be seen, the process is called chromatographic adsorption. It 
provides a simple effective method for the separation of biological ma¬ 
terials which are othc^rwise difficult to separate. 

Alumina, magnesia, powdered glass, charcoal, and other adsorbents 
may be used. Colorless materials can be separated also, if the lines 
separating the different materials can be brought out by fluorescence or 
by ultraviolet photography. Tiselius has described a modification of 
this method in which the solution is forced through an adsorbing column 
under conditions such that the materials are slowed down but not 

* Frazer, Patrick, and Smith, J, Phys. Chem,y 31, 897 (1927). 

t McBain and Britton, J. Am. Chem. Soc.y 62, 2198 (1930). 

t Tiselius, J. Phys. Chem.y 40, 223 (1936). 

§ Cassidy, J. Chem. Educationy 16, 88 (1939); Strain, ^^Chromatographic Adsorption 
Analysis,^’ Interscience Publishers, New York, 1941; Zechmeister and Cholnoky 
‘Trinciples and Practice of Chromatography,” John Wiley & Sons, 1941. 
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entirely adsorbed. The moving column of filtrate is then examined with 
a beam of light, as in the measurements of electrophoresis described on 
page 542. Dark lines separate the solutions of the different dissolved 
materials, and, as they move along the tube, the solution between two 
of these dark lines is drawn out through a side arm. In this way one 
dissolved material may be separated from the others. Tiselius,* using 



Minutes 

Fig. 128. Differential adsorption and elution of rare earths. 

charcoal, has separated glucose from a mixture of glucose and lactose 
by this method. 

The successful separation of the rare earth elements in a high degree 
of purity by fractional adsorption on organic resins is one of the striking 
developments of the war research, f Previous to this development the 
separation of the rare earths was very difficult and required hundreds 
of tedious recrystallizations because the different elements are so similar 
in their chemical and physical properties. In the new process a solution 
of ammonium citrate at a definite pH containing several of the rare 
earths is run through a column packed with small pieces of these or- 

* Tiselius, Arkiv.fdr kemi^ mineralogi o geologic [15B] 6, 1-8 (1941). 

t S 3 anposium on Ion Exchange Separations, J. Am. Chem. Soc.y 69, 2769-2878 
(1947). 
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ganic resins. The rare earths are adsorbed on the resin, and then they 
are removed by desorbing with a solution of ammonium citrate. This 
process of desorption is called elution. The equilibria and rates of ad¬ 
sorption and reaction with ammonium citrate are sufficiently different 
for the different rare earths so that a slight separation is effected while 
traveling a short distance down the column (corresponding to a theo¬ 
retical plate as described on page 215). The separation is increased suc¬ 
cessively as the solution flows down the whole length of the column, in 
the same manner as gases and liquids are separated by fractionation 
through a long distilling column. An example of this technique * is 
shown in Fig. 128. It is interesting to note the good separation of ele¬ 
ment 61 produced by the fission of uranium 235 (page 656). Previous 
evidence for element 61 was not regarded as satisfactory. 

Molecular Orientation at the Interface. Wlien one drop of oleic 
acid or a similar oil is placed on absolutely clean, grease-free water, it 
spreads out quickly to give an extremely thin layer. The edges of the 
film are made visible by dusting talc or a similar powder over the sur¬ 
face, and the area then can be readily measunni. The weight and den¬ 
sity of the liquid and the area of the film being known, the thickness may 
be calculated easily. Moreover, the number of molecules can be cal¬ 
culated from the weight of the liquid and Avogadro's number. When 
films spread so far that they do not spread further, it may be assumed 
that the layer is only 1 molecule thick. Then the average cross section 
of a molecule can be calculated from the area, and the aver age length of 
the molecule can be calculated from the thickness of the film. A few 
values obtained in this way are summarized in Table III. 


TABLE III 

Dimensions of Molecules in Unimolecular Films 


Film 

Formula 

Film Thickness 
(Length of Mole¬ 
cule) 

Area, 
sq A 

Palmitic acid 

CisHaiCOOH 

24 A 

21 

Stearic acid 

CnHaBCOOH 

25 

22 

Cerotic acid 

CsbHsiCOOH 

31 

25 

Tristearin 

(Ci8H3602)3C8H6 

25 

66 

Cetyl alcohol 

C16H33OH 

22 

21 

Myricyl alcohol 

CaoHeiOH 

41 

27 


* Ketelle and Boyd,«/. Am. Chem. Soc., 69, 2808 (1947). 



MOLKCULAll ORIENTATION AT THE INTERFACE 


555 


It is seen that the cross-sectional area of an aliphatic chain is about 
22 sq A and that a compound with three chains in the molecule has 
areas of (36 sq A. Increasing the length of a chain with more carbon 
atoms causes a corresponding increase in the film thickness. Moreover, 
the length and cross section of the molecules calculated in this way are 
in excellent agreement with the values obtained independently by X- 
ray analysis of crystals and in other ways. These facts support the hy¬ 
pothesis that the film is exactly 1 molecule thick, and closely packed, 
the longer axis of the molecules being nearly at right angles to the sur¬ 
face of the water film. These measurements were among the first to 
provide direct physical evidence that the organic molecules are of the 
shape and size expected from theoretical organic chemistry. 

The explanation of this vertical alignment of molecules at the inter¬ 
face was offered by Harkins and by Langmuir. A molecule such as 
stearic acid has a polar carboxyl group at one end of a hydrocarbon 
residue. There is a strong dipole attraction between the carboxyl group 
and the water molecules but little attraction between the hydrocarbon 
part of the molecule and water. In simpler language, the carboxyl end 
of the molecule tends to dissolve in the water and the hydrocarbon 
portion does not. The result is that the molecules become orientated 
with their ‘‘heads’’ attached to the water and their “tails” aligned 
vertically. Tliis hypothesis of vertical alignment and close packing has 
been checked by direct measurements with reflected X rays. This 
orientation at an interface is exliibited not only by the organic acids but 
also by the higher alcohols and any insoluble material which has a polar 
group on one part of the molecule. It is responsible for a variety of 
phenomena in colloid c^hemistry and biology. 

The force exerted by these unimolecular films has been measured ac¬ 
curately with simple apparatus.* A barrier is forced against the film in 
a special trough, and the force reejuired to compress the film by definite 
area increments has been measured with a special balance. On plotting 
the force in dynes against the areas per molecule, expressed in square 
angstroms, curves are obtained for these two-dimensional films which 
exhibit breaks at definite pressures. 

Langmuir t has carried out interesting experiments with these uni¬ 
molecular films, in w^hich the pressure of the film causes it to deposit 
along the surface of the plate as the plate is passed through the film into 

♦Langmuir, J. Am. Chem. Soc., 39, 1869 (1917); Harkins, *^Re(?ent Advances in 
Surface Chemistry and Chemical Physics,Am. Assoc. Adv. Sci., Science Press, 
New York, 1939, page 29. 

t Langmuir, “Recent Advances in Surface Chemistry and Chemical Physics,^’ 
Am. Assoc. Adv. Sci., Science Press, New York, 1939, page 1; Science^ 84, 379 0^36) 
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or from the water. By dipping a clean plate of glass up and down 
through the surface film, it is possible to build up multiple layers which 
finally become thick enough to show interference patterns with light. 
From the wave length of the light reflected through these films it is pos¬ 
sible to determine the total thickness, and from this value and the number 
of films deposited it is possible to calculate the length of the molecule 
in the film. This value agrees with the length calculated in other ways. 

The Donnan Membrane Equilibrium.* Certain colloidal substances, 
such as Congo red, are alkali salts of complex organic acids, and they dis¬ 
sociate, for example, into Na"^ and R“ ions. The anions of such colloidal 
electrolytes are so large that they ctannot pass through membranes such 
as parchment paper. The sodium ion, however, can diffuse through, 
but the diffusion can proceed only to a slight extent before it is offset by 
the large electrostatic attraction, because of the creation of unbalanced 
positive and negative charges on each side of the membrane. When 
sodium chloride is present, however, the Na"^ and C'l"" ions can diffuse 
through in pairs without upsetting the electrical equilibrium. When a 
mixture of Congo red and sodium chloride is placed on one side of a mem¬ 
brane and sodium chloride alone on the other side and time is allowed 
for the attainment of equilibrium, it is found that the concentration of 
the R“" ion remains the same, but the total concentration of ions is 
greater on the congo-red side. The quantitative relations between the 
concentrations of the various ions and the osmotic effects have been 
developed by Donnan (originally also by Willard Gibbs) and checked 


A 

Na-^ + R- 

Ci Cl 


Before Equilibrium 

B 

Na"^ + Cl- 

; C2 C2 


After Equilibrium 


A 

Na+ + R^ + Cr 

Cl + X Cl X 


B 

Na+ + Cl- 

C2 X C2 — X 


Fig. 129. Principle of Donnan membrane equilibrium. 


by experiment. These relations can be described with the help of Fig. 
129 where the ions Na"^ and R"" at concentrations cj are placed on one 
side A of a membrane permeable to water and to all ions except the col¬ 
loidal R*” ions. The volumes of the solutions remain constant. 


Donnan, Chem. Uev.^ 1, 73 (1924). 
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On the other side, By of the membrane, sodium chloride is placed at 
concentration C 2 . 

It is assumed that both salts are practically completely dissociated. 
The R"” ions cannot diffuse through the membrane, and their concen¬ 
tration remains constant at cj, but the other three ions are free to dif¬ 
fuse and at equilibrium will have definite concentrations, determined 
by two restrictions. According to the first restriction, the number of 
positive ions and negative ions must be equal in a given solution, in¬ 
suring electric neutrality. 

According to the second restriction, the product of the concentrations 
of sodium ions and chloride ions must be the same in solutions of sodium 
chloride which are at equilibrium. 

When equilibrium is reached, x ions of Cl~ and x ions of Na"^ will 
have diffused into the compartment A, leaving C 2 — x ions of each in 
compartment B. 

Then, since 

(^Na^ X Ccr)u = (^Na+ X 

^(Cl + o:) == {C2 — x)(C2 — x) 

and, therefore, 

X C 2 

C2 Cl + 2C2 

The term x/c 2 gives the fraction of sodium chloride which diffuses 
through the membrane. 

Example 5. In the membrane experiment just described, if the initial con¬ 
centration of Congo red in A is 10 (in arbitrary units), and that of sodium chloride 
in B is 20, what will be the concentration of each ion in each compartment after 
equilibrium is attained? 

_ C2^ ^ 400 

Cl “H 2 c2 10 + 40 

Then at equilibrium; in A, == 18, = 10 and Cqi~ = 8; and in B, = 

12 and Cci- — 12. 

It is clear that the two restrictions previously mentioned are met: 18 = 10 + 8 
and 12 = 12; and 18 X 8 = 12 X 12. 

The Donnan membrane equilibrium finds several applications espe¬ 
cially in the field of biology. It is particularly applicable to proteins 
and the lyophilic colloids. It explains the observed differences in con¬ 
centration and the swelling of gelatine. Since the total concentration of 
solutes is greater on the side of a membrane containing ionizable col- 
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loids, it is clear that the vapor pressure will be less, and there will be dif- 
fusion of water into the solution of greater concentration. 

The interaction of slow and rapidly moving charged particles involves 
a Donnan effect just as if the particles and ions were separated by a 
membrane instead of by a difference in velocities. The Donnan effect 
may be suppressed by the addition of an excess of neutral electrolytes 
which diminish the zeta potential. In this way it is possible to obtain 
measurements in the sedimentation of proteins which are characteristic 
of the protein itself rather than of the assembly of protein-stabilizing 
ions. 

Emulsions. An emulsion is a system of two immiscible liquids, one of 
which is dispersed throughout the other in small drops. If the drops of 
the dispersed liquid are large, they settle rapidl 3 ^, and the liquids quickly 
separate into two layers. If the diameter of the drops is between 1/i 
and 0.001/x, the system is colloidal, and the emulsion is much more 
stable. 

In order to prepare stable colloid emulsions, it is usually necessary to 
add a small amount of an emulsifying agents such as a soap, which will 
reduce the surface tension of one of the liquids. Obviously, the in¬ 
troduction of a large number of small drops of another liquid within the 
body of a liquid increases greatly the surface area of the first liquid, and 
it is clear that the energy required for such a surface expansion will be 
less if the surface tension is decreased. In the case of benzene and water, 
the interfacial tension of 35 dynes per centimeter can be reduced to 2 
dynes per centimeter by the addition of sodium oleate. By such pro¬ 
cedures it is possible to obtain emulsions which have 100 parts of oil 
spread out as drops through only 1 part of water. Emulsifying agents 
include not only soaps and detergents which reduce surface tensions but 
also gelatine, albumin, gum arabic, and other lyophylic colloids which 
tend to form protective coatings around the small drops. Sometimes 
unsuspected impurities act as emulsifying agents in the formation of 
emulsions which would not otherwise be expected. 

The oil-in-water emulsion is a common type of emulsion, but it is 
possible also to have water-in-oil emulsions. The liquid forming the 
drops is called the dispersed liquidj and the external liquid in which the 
drops are dispersed is called the dispersion medium. In a simple test to 
determine which is the dispersion medium, a drop of each liquid is added 
to a sample of the emulsion spread out on a plate. If water mixes with 
the emulsion, the water is the dispersion medium; if oil mixes with it, 
the oil is the dispersion medium. The type of emulsion formed will de¬ 
pend somewhat on the relative solubilities of the emulsifying agent in 
the two liquids. For example, pure magnesium oleate which is soluble 
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in benzene but not in water lowers the surface tension of the benzene 
and gives an emulsion of water dispersed in benzene. 

Emulsions find many industrial applications. Mechanical homog- 
enizers are used to mix two immiscible liquids intimately by producing 
very fine droplets of one in the other. For example, asphalt emulsified 
in water is used for building roads without the necessity of melting the 
asphalt. One of the most important processes now used in mining opera¬ 
tions for concentrating the valuable part of ores is that of ore flotation. 
In this process the finely pulverized ore is treated with an oil emulsion 
and foam in such a way that the particles of valuable mineral are car¬ 
ried to the surface where they are collected. 

Among the household emulsions milk and salad dressing are important 
examples. The cleansing action of ordinary soap depends to a large 
extent on the production of an oil-in-watcr emulsion in which the large 
surface of the oil droplets helps to remove the greases and dirt. Several 
drugs are prepared in the form of emulsions. 

Emulsions are sometimes objectionable, as, for example, in oil wells 
whi(;h give petroleum emulsified with water. Emulsions often can be 
broken by freezing, by filtration, by electrostatic precipitation, and by 
centrifuging. The centrifuge method is used extensively for the separa¬ 
tion of cream from milk. 

Gels. A given material may be produced in either the crystalline 
or amorphous state, depending on the conditions of its formation. Von 
Weimarn has shown that the degree of supersaturation, at the time of 
formation, and the viscosity of the medium account for the observed 
phenomena qualitatively at least. For example, when barium sulfate 
is precipitated from very dilute solutions it is possible to obtain small 
crystals. When the solutions are more concentrated, the state of super- 
saturation after mixing is greater, and the crystals become less pro¬ 
nounced. When the solutions contain about 1 equivalent per liter, an 
immediate precipitate is formed which is apparently amorphous. With 
still more concentrated solutions (3 to 7 equivalents per liter of barium 
thiocyanate and manganese sulfate), a clear jelly is produced. 

It is obvious then that we should not speak of crystalloidal and col¬ 
loidal matter but rather of the crystalloidal and colloidal states. In 
fact, it is now recognized that it is simply a matter of overcoming ex¬ 
perimental difficulties before it will be possible to obtain most forms of 
matter in the colloidal state. 

A gel is a stiff semirigid precipitate which retains the liquid in which 
it was initially dissolved. Gels may be prepared in several different ways. 
The simplest and commonest type of gel is produced by cooling a certain 
type of colloid solution. For example, when a 2 per cent solution of 
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galatine dissolved in warm water is cooled, it sets to a stiff transparent 
gel in which long filaments of material are intertwined in a structure 
resembling that of a pile of brushwood. Gels may be made also by 
direct precipitation, in which there is a direct exchange of ions such, for 
example, as the silicic acid gel, which is produced by mixing solutions of 
hydrochloric acid and sodium silicate. After the combined solution 
stands for a while, it sets to a stiff clear gel, the time recjuired for setting 
depending on the con(*.entrations. It is this silicic acid gel which after 
being dried gives silica gel with many pores and large surface areas that 
are effective in the adsorption of gases. 

Another type of gel is produced by changing the solvent. A gel of 
nitrocellulose is formed, for example, when chloroform is mixed with a 
colloid solution of nitrocellulose in amyl acetate. Again the nitro¬ 
cellulose gel can be prepared by dissolving nitrocellulose in acetone and 
evaporating the solvent. The threadlike nature of the cotton can some¬ 
times be detected even after the gel has been formed, indicating that 
the original character of the fibers still persists and that these fibers can 
retain large amounts of the liquid. Double-base ^^powder^^ used exten¬ 
sively as a propellent in large naval guns and in rockets is a gel com¬ 
posed of nitrocellulose and nitroglycerol. 

On standing, gels frequently undergo an appreciable shrinkage in 
volume with a simultaneous extrusion of liquid. This phenomenon is 
called syneresis. When placed in a dry atmosphere gels quickly dry 
out, and when placed in water they take up water, rapidly at first, and 
then more slowly. The rate depends on the difference between the 
weight of water which the gel holds and the maximmn amount which 
it can hold. 

The change of sol to gel is a reversible one in the case of gelatine. The 
gel is readily reconverted into a sol . on warming the stiff gel obtained 
when a moderately concentrated solution of the gelatine is cooled. In 
albumin and certain other lyophilic colloids, however, a chemical change 
accompanies the heating, and irreversible coagulation occurs, as ex¬ 
emplified in the boiling of an egg. 

The behavior of gels on freezing depends largely on the amount of 
unadsorbed water, and this relation is important in explaining the 
winter hardiness of certain types of seeds. 

Lyotropic Series. Salts have a marked effect on the temperature of 
the gel-sol transformation, some tending to raise the temperature of 
gelation and others to lower it. The effect is not to be explained on the 
basis of ionic charge, and, in fact, univalent ions give widely different 
results. Hofmeister arranged the negative ions of sodium salts in the 
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following order, the first having the greatest influence in lowering the 
temperature of gelation and the last one the least influence; 

SCN“ > 1“ > Br- > N 03 ~ > CIOs’" > Cr > C 2 H 302 “ > S 04 “ (15) 

The same sequence of ions is maintained, not only in the gelation 
temperature of agar-agar and similar substances, but also in their rate 
of swelling, and the series finds applications in several different fields. 
The behavior of this series is not fully explained as yet, but it is related 
in some way to the diameter of the ion and the interaction between the 
ion and the dipoles of the water molecules. 

Industrial Colloids. Foams consist of air bubblers surrounded by 
liquid films, and these become troublesome in certain industrial processes 
of evaporation. Clouds and smokes are colloid particles of liquids or 
solids dispersed in the gas phase. They tend to obscure vision and 
produce dirt in cities; sometimes they are responsible for large financial 
losses in chemical operations, and again they may constitute health 
hazards to animals and plants. A successful method of electrical pre¬ 
cipitation, invented by Cottrell, is extensively used in smelting and other 
industries where a valuable or an objectionable dust or smoke passes out 
the chimney. A direct current at about 50,000 volts is passed from a 
central wire to the surrounding circular metal wall in the form of a corona 
discharge. The particles acquire electric charges by attaching ions in 
the discharge and are quickly drawn to the electrodes from which they 
can then be scraped mechanically. 

Proteins, dyes, and soaps constitute a group of colloids of known chem¬ 
ical structure. They are among the smallest colloid particles, and, in 
fact, the difference here between true solution and colloid solution is not 
sharply defined. These materials fn^iuently dissociate into ions and are 
called colloidal electrolytes. A surprisingly large number of common 
articles are gels including cellophane, rayon, soap, resins, rubber, and 
many new plastics. 
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PROBLEMS 

1. In a colloidal solution of silver, it is assumed that each particle is a cube 0.04ja 
on an (^dge. (a) How many colloid particles can be produced from 0.1 g of silver? 
(b) What is the total area of the silver particles? (c) What is the area of a single 
cube of silver weighing 0.1 g? The density of silver is 10.5. 

A ns. 1.49 X 10^*^ particles, (b) 1.43 X 10“^ cm^. (c) 0.268 cm“. 

2. Using the following modification of Stokes’s law 

2gr%S - So) 

“ 9v 

where m = velocity; g - force of gravity; r = radius of pailicle; S ~ density of 
particle; So = density of medium; ij — viscosity of medium; calculate the time 
necessary for a quartz particle 10/x in diam(4er to fall 50 cm in distilled water at room 
temperature. = 2.6; v =*= 0.0100 poise. A ns. 95.6 minutes. 

3. A sample of polystyrene w^as dissolved in toluene, and the following flow times 
in an Ostwald viscometer at 25° w-ere obtained for different concentrations: 

Concentration (g/100 cc) 0 0.1 0.3 0.6 0.9 

Time (seconds) 86.0 99.5 132 194 301 

The expression [(n/no) — l]/c is plotted against r and extrapolated to zero concen¬ 
tration to obtain the intrinsic viscosity. If the constants in StaudingcT’s equation 
are X = 3.7 X 10“^ and a - 0.62 for this polymer, calculate the molecular weight. 

Ans. 640,000. 

4. Human blood plasma contains approximately 40 g of albumin (M = 69,000) 

and 20 g of globulin (M — 160,000) per liter. Calculate the colloid osmotic pressure 
at 37° C ignoring the. Donnan (iffect. Aiis. 14 inm of m(Tcury. 

^ 5. One milliliter of a certain activah^d charcoal has a surface area of 1000 sq m. 
If complete surface coverage is assuiiKul, as a limiting ease, how much ammonia, at 
standard conditions, could be adsorbed on the surface of 45 ml of activated charcoal? 
The diameter of the NH3 molecule is 3 X 10“® cm, and it is assumed that the mole¬ 
cules just touch each other in a plane. Ans. 18.5 liters. 

6. Magnesium oxide adsorbs silica from water and follows the Freundlich equa¬ 
tion. It may bo used to reduce boiler scale of silica. Plot the following data on 
log-log paper and calculate the constants of the Freundlich equation. Calculate 
the parts per million of magnesium oxide needed to reduce the residual silica to 2.9 
parts |)er million. (1 ppm = 1 mg per 1000 g H2O.) 


MgO (ppm) 

0 

75 

100 

200 

Residual Si02 (ppm) 

26.2 

9.2 

6.2 

1.0 

Si02 removed (ppm) 

0 

17.0 

20.0 

25.2 


Ans. 153 ppm MgO. 

7. A solution containing 0.0015 g of Fe203 per milliliter was diluted 1 part to 
10,000. Ultramicroscopic count on the dilute solution gave an average of 4.1 particles 
per count in a field of view of 0.04 mm diameter and 0.04 mm depth. If it is assumed 
that the density of the particle is 5.2, and that the particles are spheres, what is the 
diameter of the particles? 

8. Using the formula m = [2gr^(S — /So)]/9?j (given in Problem 2) calculate the 
time necessary for a spherical calcium chloride particle 40^ in diameter to fall 1 cm 
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in carbon ietracliloride at room temperature. (/S"o - 1.595; S = 2.152; rj == 0.00975 
poise.) 

9. The number of spherical particles in a given volume of mercury sol which had 
come to equilibrium in a gravitational field was 386 at one level and 193 at a lev(d 
0.10 mm higher. Th(^ tc'inperature was 20°. The specific gravity of mercury is 
13.6, and that of the sol may be assumed to be 1. What is the average diameter of 
the particles? 

10. Colloidal egg albumin has a particle weight of 40,500. What is the osmotic 
pressure at 25° of a solution (containing 5 g per liter? 

11. The diamehcr of tht‘ hydrogen molecule is 2.74 A. If an adsorbent has a sur¬ 
face of 850 S(i m per milliliUcr and 95 per cent of the surface is acctive, how much 
Ha (measuncd at standard conditions) could b(i adsorbed by 100 ml of the adsorbent? 
It may bt; assumed that tluc adsorbed molecuk^s just touch in a plane. 

12. One liundred grams of oleic acid (C17II33COOH) is poured on the surface of a 
clean lake where llie spreading film can be stcen if the wat,(cr is ripi)led by a gcmtle 
wind or marked with rain drops. The cross section of the molecule is about 22 
What will be the maximum diameter in mettcrs of a circular film produced in this 
way? 

13. From the Langmuir (Mpiation show that y is a limcar functicm of p at very low 
pressures, and ind(cpendent of p at very high pressures and that the curves of the 
equation will approximate roughly in general shape the Freundlich adsorption 
isotherm. 


14. A mercury sol is composccd of globules having a diameter of 0.07y. What is 
th(; surface of t in* parti cU‘S fornucd from 1 g of mercury? 

15. A gold sol has particles of radius 15 A. Calculate th(c specific diffusion constant 
of this sol in water at 25°. The visc(^sity of waiter is 0.00895 poise. 

16. What is the* osmotic pn^ssure in millim(‘t(irs at 25° of a 0.3 per cent colloidal 
solution of gold if the partiebs are cubical and 25 A on an edge? 

17. Crystallized serum albumin is dissolved in 0.1 N buffers of several different 
pH for th(i exp(Timental measurements of (4(M;trophoresis. The distance moved by 
the protein boundary in the elect rophon'tic cell during 2 hours at a potential gradient 
of 6.5 volts per centimeter are giv(*n in the following table. Plot 

pH 3.76 4.20 4.82 5.58 

Ax (cm) 0.936 0.328 0.234 0.700 

Movement toward cathode Toward anode 

the protein ion mobility versus pH, and determine the isoelectric point by inter¬ 
polation. Atis. pH of 4.5. 

18. The adsorption of N2 on mica is as follows: 

p 2.8 6.1 17.3 23.8 

x/m 12 19 28.2 30.8 

(p is given in dynes per square centimeter and x/m is the cubic millimeters of gas 
at 20° and 760 mm adsorbed on 24.3 g of mica, having a surface of 5750 sq cm.) 
Determine the constants of Freundlich’s equation, and calculate the value of x/m 
when p = 34. (The experimental value of x/m = 33.) 

19. Show that Langmuir's equation may be written in the form p/y =» l/a6 -b p/6, 
where y «= x/m. The constants a and b may be determined from the data of Prob- 
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lem 18 by plotting 'pjy against p. The straight line thus obtained has a slop(^ 1/6 
and an intercept Xjah. What are the values of the constants, and what is the calcu¬ 
lated value of y when p = 34 dynes p<^r square centimeter? 

20. A liter of 0.01 M gelatin chloride “C’ Cl is placed on one side of a membrane 
and a liter of 0.1 Af sodium chloride on the other. After equilibrium is reached, 
what will be the concentration of sodium ion and chloride ion on each side of the 
membrane? The membrane is permeable to sodium ions and chloride ions but not 
to gelatin ions. _ 


21. When a given volumes of olive oil was dropped through a standard tip into 
a 0.001 M NaOII solution, 44 drops were formed, and the int^irfacial U^nsion between 
olive oil and 0.001 M NaOH was computed to b(^ 7.3 dynes per ciiiitimeter. When 
the same volume of olive oil was dropped! through the same standard tip into an 
aqueous solution 0.001 M in NaOlT and 0.15 Af in NaCl, 300 drops were formcnl. 
Calculate the interfacial tension bcitween olive oil and an at^ueous solution 0.001 M 
in NaOH and 0.15 M in NaCI. 

22. The concentration c of colloid particles in a sedimentation equilibrium can 
be calculated from a standard differential equation, 


dc 

di ^ dx^ 



= 0 


where x is linear distance and D and v are constants. This equation finds many 
applications in the flow of matter and heat. Its general solution is c = + b. 

Show that it can be us(^d to derives (equation 3 on pag(3 531. 

23. Dfirive equation 8 on page 536, for a state of equilibrium by setting the force 
of gravity acting downwards exactly e(|ual to the force of diffusion acting upwards. 
Thus, 

— dp n 

/gravity = v{S - So)gn dx and fmuaion = -T— 0^^ where p ^—RT 


24. In a centrifuge experiment with egg albumin in a buffered aqueous solution 
at a pH of 6, the boundary moved 6.3 cm in 105 minutes, as determined by direct 
measurement of the change in position of the photometer curves with time. The 
speed of the centrifuge was 57,000 rpm. The distance from the center of rotation 
was 6.43 cm. Show that the specific sedimentation constant for this material is 
3.5 X 10“^^ cm per second per unit field, after multiplying by 0.81 to correct for 
density and viscosity, 
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QUANTUM THEORY 

The quantum theory, first proposed by Planck in 1900, has had a pro¬ 
found influence on the development of science. The theory has led to 
advances in practical work no less important than those in theoretical 
work, and its findings have been so revolutionary as to lead to a new 
viewpoint in philosophy. There are two main themes ’n quantum 
theory—first, that radiation is discontinuous, and, second, that there are 
restrictions imposed in the transfer of energy to molecules and electrons. 

The quantitative description of these restrictions has been aided by the 
application of mathematical formulas, sometimes called wave equations. 
This extension of quantum theory is known as quantum mechanics. 

Emission and Absorption. When light strikes a substance, a portion 
of the incident radiation is transmitted, a portion is reflected, and a 
portion is absorbed. These three possibilities are illustrated by the pas¬ 
sage of visible light through glass, the reflection from silvered glass, and 
the absorption by smoked glass. 

It has been established by Kirchhoff that the ability of a given sub¬ 
stance to emit radiation when heated is proportional to its ability to 
absorb radiation. Denoting the emission and absorption by E and A 
respectively, we have 

E - sA (1) 

where s is constant. 

The constant s is the emissivity of a black body or perfect radiator 
which absorbs all the radiation and reflects none. Thus, when absorp¬ 
tion is complete, A = 1, and, according to equation 1, 

s = E 

A hollow sphere containing a single small hole acts as a perfect radi¬ 
ator with complete absorption and maximum emission of light. Prac¬ 
tically all the radiation passing into the small opening is absorbed by 
multiple reflections at the surface. Likewise, when the sphere is heated, 
the radiation emitted has the maximum intensity that it can have at a 
given temperature. An electrically heated furnace with a small opening 
or even a heated blackened strip of platinum serves as a convenient but 
imperfect substitute for a perfect radiator, 

665 
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The value of the emissivity constant s is the same for all solids at 
a given temperature, but the emission E decreases when the absorption 
becomes less than 100 per cent, as shown by equation 1. 

It can be shown that the law of Kirchhoff is a necessary consequence 
of the application of the second law of thermodynamics to the thermal 
equilibrium within an enclosure, the walls of which are impervious to 
heat. 

KirchhofUs law may be illustrated with a spot of colored glass melted 
onto a colorless glass tube. The spot appears dark on account of the 
absorption of light, but when the tube is heated the spot appears brighter 
than the rest of the tube because, according to equation 1, the emission 
E is directly proportional to the absorption A . When the tube is placed 
inside a heated furnace with a small opening, however, the spot dis¬ 
appears because the temperature has become uniform throughout and 
light is reflected back and forth so as to make the absorption of light 
complete within the enclosure. 

Laws of Radiation. According to the Stefan-Boltzmann law, the 
total radiation E emitted by a perfect radiator is proportional to the 
fourth power of the absolute temperature. 

Thus, 

E = (tT^ (2) 

where o- is constant having the value 5.69 X 10*“^ erg cm"”^ scc““^ deg""^. 
This law, discovered experimentally by Stefan and derived theoreticially 
later by Boltzmann, has been abundantly verified. A simple test con¬ 
sists in measuring on a cold receiver the quantity of heat radiated per 
second from a small opening of known area in a heated furnace. 

Example 1. An electrical furnace heated to 727° has a small hole 2 sq cm 
in area which is pointed at a cold receiver. How many calories of heat hit the 
wall in an hour? 

E = 5.69 X 10-‘ X 2 X 3600 X ,,, = 9790 (ral 

4.184 X 10^ 

The receiver itself radiates heat so that the net heat absorbed is less 
than this. 

The average radiation from the summer sun on the surface of the 
earth has been found to be approximately 1.2 cal per minute per square 
centimeter in temperate zones. It has been estimated that the tem¬ 
perature of the surface of the sun is about 6200° K, the center of course 
being very much hotter. 

Total radiation includes radiation of all wave lengths, visible, infrared, 
and ultraviolet. The intensity of the radiation from a perfect radiator 
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varies greatly with the wave length as shown in Fig. 130. Measurements 
of this type may be made by spreading out with a suitable prism the 
total radiation from a perfect radiator. A thermopile is then moved 
along in different parts of the spectrum, and with suitable corrections 



Wave length in angstroms 


130. Emission of radiation from a black solid at different temperatures. The 
area under a curve, divided by 10,000, between specified wave lengths gives the 
energy in calories per second radiated from 1 cm^ of a perfect radiator. 

the deflections of the galvanometer connected to the thermopile are 
proportional to the intensity of radiation. 

When an ordinary solid is heated, similar curves are obtained except 
that they fall below the curves shown in Fig. 130 for a perfect radiator. 
The emissivity varies with the wave length and with the nature of the 
solid and its surface, but it is never greater than that for a perfect radi« 
ator. 
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In Fig. 130 it is to be noted that, as the temperature of the perfect 
radiator is increased, the area under a curve corresponding to total 
radiation, increases as given by the Stefan-Boltzmann law. Moreover, 
Xmax. shifts to the shorter wave lengths. Wien showed that 

= A (3) 

and 

(4) 

where X^ax. is the wave length at which the maximum occurs, £'max. is 
the energy radiated at Xm&x.f and A and B are constants. 

The energy is the energy in ergs cm“^ sec~^ of a small portion of 

the spectrum lying between X and \ + dX. Wien developed another 

formula which holds for short wave lengths but not for the longer wave 
lengths, according to which, 

Cl 

Bx - -Ae-c2/xT ( 5 ) 

X^ 

and Rayleigh developed a formula which holds only for the long wave 
lengths, according to which, 

^ (XT) (6) 

X® 


where Ci, C 2 , and C 3 are constants. 

It is to be remembered that all these formulas apply only to heated 
bodies emitting continuous radiation. 

Origin of Quantum Theory, Realizing the limitations of these 
formulas, Planck derived a better equation which expressed the experi¬ 
mental facts with remarkable exactness over the whole range of the 
spectrum. In deriving this equation Planck was led to the bold conclu¬ 
sion that radiation is emitted and absorbed discontinuously in integral 
multiples of a fundamental unit which he called a quantum €, and that 
the energy of a quantum is proportional to the frequency of the light. 
These suggestions led to the quantum theory. 

The development of the quantum theory is one of the important mile¬ 
stones in science. As in many other important advances, the exact ex¬ 
perimental facts came first, then an empirical mathematical equation to 
express the facts, and, finally, a working hypothesis to explain the terms 
in the equation. Then, on the basis of this hypothesis, predictions were 
made and new experiments planned which led to rapid progress in many 
different fields of science. General confirmation of the hypothesis soon 
gave it the rank of a theory. 
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Planck’s formula is 

2v(^h 

- 1 ) 

where i?x the rate of emission of radiation of wave length X, c is the 
velocity of light, k is the gas constant per molecule (R/N) called the 
Boltzmann constant, and /i is a constant now known as Planck^s con¬ 
stant. This proportionality constant h has turned out to be a very im¬ 
portant universal constant. 

Formula 7 can be integrated to give the Stefan-Boltzmann law; it 
approaches the Rayleigh law, 6, for large values of X, and it approaches 
Wiens distribution law, equation 5, as X approaches zero. Moreover, it 
is in agreement with the Wien equation 3. Planck^s radiation formula 
then is in remarkable agreement with the various facts of radiation, and 
it gives experimental values with excellent precision. In spite of these 
successes, the formula would probably have failed to obtain general 
aciceptance on account of the radically new assumption concerning 
quanta, except for the fact that almost at once it became extremely use¬ 
ful in new and unrelated fields. It has revolutionized the study of 
spcctros(;opy. Critical potentials, photoelectric effects, and specific 
heats have all been interpreted quantitatively with the help of the 
quantum theory. The study of photochemistry and chemical kinetics 
and the calculation of equilibrium constants (page 286) have been 
stimulated by applications of quantum mechanics. 

According to the classical theories, the energy imparted to a molecule 
is distributed equally among the various degrees of freedom or types of 
motion which the molecule, and its parts can undergo, such, for example, 
as rotation of the molecule, vibration of the atoms, and displacement of 
the electrons. This hypothesis of the equipartition of energy is now 
known to be inadequate. The molar heat capacity of monatomic gases 
at constant volume is f/2 (page 115), and there are three possible direc¬ 
tions and three degrees of freedom in the translational energy. Each 
degree of freedom then has associated with it ^ X ^ cal per de¬ 

gree. For each extra atom in the molecule there are more degrees of 
freedom and a greater heat capacity. Actually, however, the polyatomic 
gases have heat capacities which are much less than those calculated on 
the basis of the number of degrees of freedom. Also, there is nothing in 
the classical theory to lead one to expect the large temperature coeffi¬ 
cient of heat capacity which is actually found. Furthermore, diatomic 
hydrogen gas at temperatures below 70® K has a molar heat capacity 

* This formula is discussed fully in Taylor and Glasstone, “Treatise on Physical 
Chemistry.” D. Van Nostrand Co.. New York, 1942, Daces 189-196. 
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of 3 cal and behaves exactly as a monatomic gas. Again, on the classical 
theory, crystals of solid elements should have a heat capacity of 5.9 cal 
per degree (page 120), but a few crystals like carbon and, in fact, all 
crystals at sufficiently Ioav temperatures have a heat capacity much 
smaller than 5,9. Apparently some of the degrees of freedom are “fro¬ 
zen up’^ at the lower temperatures. The restricting of the degrees of 
freedom found an explanation in the quantum theory of restricted energy 
units, and formulas involving the quantum hv were applied, with con¬ 
siderable success, to specific heats at low temperatures. 

There seems, then, to be adequate experimental justification in many 
fields for the quantum theory, according to which radiation is c.omposed 
of units called quanta, and the energy of each quantum e is given by the 
fundamental equation of the quantum theory, 

€ = hv (8) 

where h has the value 6.624 X erg-second and v is the frequency 

of the radiation in reciprocal seconds. In many applications of the 
theory, quantum numbers appear as integers in the various formulas, 
as indicated later. 

Spectroscopy, The quantum theory has had its greatest success in 
the interpretation of spectra, and the pioneer work is due to Bohr * who 
in 1913 proposed the fundamental hypothesis that electrons exist in 
definite energy levels, Ei ,E2, etc., without emitting or absorbing radia-' 
tion, but that, when an electron changes from one level to another, mono¬ 
chromatic radiation is emitted or absorbed in accordance with the follow¬ 
ing equation: 

E 2 — El — € — hv (9) 


Bohr assumed that the electrons revolve around the nucleus in ellip¬ 
tical orbits and that the centrifugal force is equal to the force of elec¬ 
trostatic attraction. In accordance with the new ideas he assumed 
further that the motion of the electron was quantized and that instead 
of an infinite number of possible orbits there is only a restricted number 
with properties represented by functions of the quantum number n, 
where n is an integer 1, 2, 3, 4, • • By a simple application of me¬ 
chanics and electrodynamics, given in the appendix on page 689, he 
showed that the energy En in a particular orbit n is 


E 


n — 


2n^h^ 


( 10 ) 


where m is the mass of the electron, Z is the atomic number (page 621). 
♦ Bohr, Phih Maa., 26. 1, 476, 857 (1913), 
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e is the charge on the electron, h is Planck^s constant, and n is an in¬ 
teger. Then, according to equation 9, the quantum of light emitted on 
changing from one orbit to another is given by the formula: 


€ = hv = Eni 


27r^me^Z^ / 1 

W 



( 11 ) 


Several of these quantities can be grouped together giving a constant 
known as the Rydberg constant Ry defined as follows: 


R = 


h^c 


( 12 ) 


in which c is the velocity of light, 2.9979 X 10^® cm sec ^ 

Then, substituting into equation 11, for hydrogen with an atomic 
number Z of 1, gives 

?=/?h(-4-^) (13) 

\ni 712 / 

where /?h has the value 109,677.58 cm"”^ and v refers to wave numbers.* 
Now the visible lines in the spectrum of hydrogen had been measured 
accurately, and Balmer in 1885 pointed out that they could be repre¬ 
sented by an empirical formula equivalent to the following, 



where 712 is a whole number greater than 2 and A is a constant. It is 
obvious that equation 13 is the same as equation 14 and that it con¬ 
stitutes an excellent check on the theoretical calculations. In fact, the 
numerical value of /?, expressed in eight significant figures, was obtained 
from exact spectral measurements rather than from equation 12, be¬ 
cause some of the constants in equation 12 are known only to one part 
in a thousand. 

It will be noticed in equation 14 that cannot be less than 2, for 
then V would be a meaningless negative number, and it cannot be 2, for 
then V becomes zero. As 1 x 2 becomes larger than 2, the corresponding 
value of V becomes larger, but, when n2 is already large, further in¬ 
creases cause V to increase only very slightly, and, as n2 approaches in¬ 
finity, V approaches 

* ? a» wave number » and “ 19““® X wave length in A 

Xcm 
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A few of the lines of the Balmer series as calculated by equation 13 
setting rii — 2 are given in Table I. 


TABI.E I 

Balmer Lines in the Hydrogen Spectrum 
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^'cale. (vacuo) 

^calc.^ (vacuo) 

(air) 

3 j 

15,233.02 

6,564.75 

6,562.8 

4 

20,564.57 

4,862.73 

4,861.4 

5 

23,032.33 

4,341.72 

4,340.5 

6 

24,372.83 

4,102.90 

4,101.8 

10 

X 

V 



^ Wave lengtlLs are measured in air. Wave numbers v are tiie reciprocals of the 
wave lengths measured in vacuo. 

^vaouo ^alr 

where n is the refractive index of air. Correction terms for converting Xair 
^vacuo are given at different wave lengths in the International Critical Tables, 
McGraw-Hill Book Co., New York, 1930, Vol. VII, page 5. 

The success of the Balmer formula led to further exploration, and 
Lyman found another series in the ultraviolet spectrum of hydrogen 
which is just as satisfactorily represented by formula 13, provided ni is 
given the value 1. Then ^2 has values 2, 3, 4, etc. The lines calculated 
from this formula are known as the Lyman series. The Paschen series 
occurs in the infrared, and these lines are accurately reproduced by 
formula 13 when ni = 3 and ?^2 has values greater than 3. These series 
are represented diagrammatically in Fig. 131. Light is emitted when 
the electron returns from a level of high energy (largo quantum number) 
indicated by a horizontal line to a level of lower energy. 

The connection between these energy levels and the actual lines in 
the spectrum may be seen by comparing Fig. 131 with the spectral 
lines in Fig. 132, which are adapted from an ultraviolet spectrogram of 
a star by R. H. Curtiss. The same sequence of lines is observed, con¬ 
verging to a limit. A much larger number of lines (35) has been observed 
in certain stars than in laboratory experiments, because the gas pressures 
are low, and there is more room for the large ‘^orbits/' 

The continuous emission beyond the convergence limit of the lines 
shown in Fig. 132 is always present, and it is particularly significant. 
In the region where sharp lines are obtained definite quantum ^•estrio- 
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tions are involved, but, when the electron is driven out to an indefinitely 
great distance, the electron can take with it unquantized kinetic energy 
which can vary continuously in magnitude and, thus, give a continuous 



Lyman 


Fig. 131 Energy levels of electron in the hydrogen atom, indicated by horizontal 

lines. 


range of frequencies. The convergence limit in the spectral series cor¬ 
responds then to complete separation of the electron, that is, to ioniza¬ 
tion. 

In this discussion the emission of light has been emphasized, but the 
absorption mechanism is the same except that the electrons are driven 
out to levels of higher energy by the absorp¬ 
tion of quanta of energy, whereas in emission 
they fall back to levels of lower energy. 

Similar formulas have been developed for 132. Spectral lines con- 

helium and the alkali metals and other ele- ^ ^ l^yond 

. 1 , 1 which there is continuous 

ments involving a single valence electron. emission. 

Each element has a slightly different value 

of the Rydberg constant R, For helium it is 109,722.26. For the 
elements heavier than hydrogen and helium it is necessary to apply 
correcting terms, which become smaller as the quantum numbers ^2 
become larger. 
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Bohr^s formula was so successful in calculating the lines of the hydro¬ 
gen spectrum with exactness that the model on which it was based was 
generally accepted. The elliptical orbits seemed perfectly natural by 
analogy with the orbits of the planets, but, of course, it does not follow 
that, because a mechanism gives results which agree with experimental 
facts, the mechanism is proved. Still other mechanisms may give the 
same results. In this particular case the quantum numbers are im¬ 
portant, but they do not necessarily come from elliptical orbits. In fact, 
a more complicated mathematical model based on wave mechanics has 
now been devised which works just as well in predicting the positions of 
the lines and, in addition, gives the intensities of the lines and applies 
also to the elements heavier than hydrogen. The elliptical orbits then 
arc not to be taken too literally. 

Quantum Numbers. The spectrum of atomic hydrogen can be inter¬ 
preted nicely by the simple Bohr formula making use of two numbers. 
Other spectra are much more complicated, and more quantum numbers 
are needed in calculating the spectral lines. It is found that many spec¬ 
tral lines have fine structure. With sufficient dispersion they are seen 
to give doublets, triplets, and so on. Furthermore, some of the lines are 
affected by a strong electrostatic field giving the Stark effect and by a 
magnetic field giving the Zeeman effect. In the more complex spectra 
some of the lines can be grouped together in overlapping series, depend¬ 
ing on their behavior and general appearance. Thus, one series of lines 
is characterized by having particularly sharp lines and another by hav¬ 
ing diffuse lines. The diffuseness is due to the fact that more lines are 
possible because of a greater variety of energy levels, and the many 
lines cannot be separated except by means of a spectroscope of high 
resolution. Several characteristic types of spectra have come to be 
recognized by spectroscopists, such as the principal (p), sharp (s), dif¬ 
fuse (d), fundamental (/). 

All these variations can be handled by using four quantum numbers. 
These numbers and their symbols which describe the state of an electron 
in an atom are as follows: 

n = principal quantum number (or total quantum number) 

When n = 1 2 3 4 5, 

the corresponding symbols are K L M N 0* 

* These letters refer to the sheJls of the outer electrons as described on page 666, 
K referring to the first electron shell outside the nucleus, L to the second, M to the 
third, etc. 
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I = orbital quantum number 

I can have any integer value, except that it must be one or more 
units less than the principal quantum number, that is, it can 
never be greater than (n — 1). 

When i = 0 12 3, 

the corresponding symbols are s p d f. 

lui = magnetic quantum number 

mi depends on I and may have any integral value between +l 
and — Z, including zero. Therefore, 2Z + 1 values of mi are 
possible. 

ms = electron quantum spin number 

Two values of are possible, corresponding to two possible 
orientations of the spin vector 6-.* The quantum numbers can 
vary only by integers, and mg can have only the values and 

-i 

Definite physical concepts, such as the spinning of the electron, were 
originally attributed to these different quantum numbers, but it is 
neither necessary nor profitable to attach definite mechanical or elec¬ 
trical significance to them. They may be considered merely as arbitrary 
numbers which serve to describe physical and chemical facets when they 
are substituted into mathematical formulas. 

Only those combinations of numbers are allowed which are in agree¬ 
ment with the restrictions just given. For example, if n = 3, Z can be 

only 2, 1, or 0; and mi can be ±2, ±1, or 0; and can be only or 

1 

2 - 

All the various combinations of the four quantum numbers, per¬ 
mitted by the restrictions just given, are recorded in Table II. 

The total number of permissible combinations of the four quantum 
numbers is given in the last column of Table II. The recognition of these 
four quantum numbers has been a great aid in understanding many phys- 
icial and chemical phenomena, particularly through the application of the 
restriction to be described in the following section. 

The further application of these quantum numbers to describe com¬ 
plicated spectra is beyond the scope of this book. It may be stated, 
however, that the capital letters S, P, D, and F are used to designate 
electronic energy levels of atoms and that superscripts and subscripts 
such as ^I> 3/2 are used to describe sub-levels. 

* The spin quantum number «, used as a subscript, is not to be confused with the 
orbital quantum number «. 
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TABLE II 


Possible Conditions of Electronic Quantum Numbers 












Total 

Prin¬ 

cipal 

Group 

Orbital 

1 

Sub- 


Magnetic 


Spin 


Number of 
Different 

n 

group 



mi 


mg 


Combina- 








... 



tions 

1 

(K) 

0 

(s) 

0 

i 

-h 

1 

2 

2 

2 

(L) 

0 

(s) 



0 


+ 1 - 

1 

2 

^1 


2 

(L) 

1 

(v) 


+1 

0 -1 


H - 

1 

^1 

1 ^ 

3 

(M) 

0 

(s) 



0 


- 

1 

2 

2j 


3 

(M) 

1 

(p) 


+ 1 

0 --1 


- 

1 

2 

6 

|l8 

3 

(Af) 

2 

(d) 

1 +2 

+1 

0 -1 

— 2 

_|_A _ 

1 

2 

loj 


4 

(A^) 

0 

(s) 



0 


+h - 

T 

2] 


4 


1 

(P) 


+1 

0 -1 


+^- - 


6 

32 

4 

(N) 

2 

(d) 

+2 

+1 

0 -1 

-2 

+ 5 - 

h 

10 

4 

im 

3 

(/) 

-h3 +2 

-fl 

0 -1 

-2 -3 

H - 

1 

2 

u\ 

I 



Pauli’s Exclusion Principle. According to Pauli, two electroyis in a 
single atom can never have all four quantum numbers the same. This prin¬ 
ciple is a great help in explaining the spectral lines and the number of 
elements in the different groups of the periodic table. Referring to the 
last column in Table II, it may be seen that two different combinations 
of quantum numbers are possible for an s electron, six for a p electron, 
10 for a d electron, and so on. Now, by the Pauli principle, there can be 
only one kind of atom for each given combination of electronic quan¬ 
tum numbers. The different atoms have different combinations of 
quantum states. The sequence 2, 8, 18, 32, given in the last column of 
Table II, is related to the sequence in the number of elements found in 
the successive groups of the periodic table, as shown on page 665. 

Critical Potentials. When free electrons are passed through a gas at 
a low pressure, they must have certain velocities in order to be stopped, 
just as light must have certain frequencies in order to be absorbed by 
a given material. The energies of the electrons must correspond to 
definite energy transitions in the molecule, or there can be no inter¬ 
action. This is a fundamental postulate of the quantum theory. 

The apparatus shown in Fig. 133 is a simple one which permits the 
direct experimental measurement of critical potentials. A filamtent is 




CRITICAL POTENTIALS 


577 


heated to emit electrons, and an adjustable potential Ei of several volts 
is applied between it and the grid Gi, the latter being charged positively. 
When the tube is thoroughly evacuated, the electrons coming from the 
filament are driven through spaces in the grid and across the tube to the 


plate P, whence they pass through the 
galvanometer to the ground. An op¬ 
posing potential between the plate P 
and the grid G 2 is increased until the 
electrons are barely able to reach the 
plate. A trace of gas, mercury vapor, 



for example, is next admitted, and the ,33 App,,raius for mei«- 

slow-moving electrons suffer many elastic uring critical potentials. 


collisions with the molecules without loss 


of energy and they still reach the plate and are registered by the gal¬ 
vanometer. As the potential E\ is increased gradually, the current 
through the galvanometer increases. Eventually, however, the current 
decreases suddenly because the electrons have acquired sufficient kinetic 
energy to cause a definite displacement of electrons from one energy 
level to a higher level, in the molecules of which the gas is composed. 
In these inelastic collisions the energy of the moving electron is all 
transferred to the molec.ules, and the electrons then do not retain 
sufficient velocity to reach the plate. As the potential is increased still 
further, the electrons acquire more energy, some of which is retained 

after collision. The subsequent 
collisions of these electrons with 
other molecules again become 
elastic, and the electrons reach 
the plate and register an in¬ 
creased current through the gal¬ 
vanometer. 

This process is continued as 
the potential is gradually in¬ 
creased until the electrons ac¬ 
quire kinetic energy sufficient to 
Voltage" " " produce another displacement 

Fig. 134. Critical potentials in mercury of the electron in the atom. 

vapor. Then the collisions become in¬ 

elastic and the current drops 
abruptly as before. Several peaks corresponding to definite energy 
changes are observed. A curve of this type, in which electron current is 
plotted against the voltage, is shown in Fig. 134, where Einsporn’s data * 



* Einspom, Z. Physiky 5, 208 (1921). 
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on mercury vapor are given. The critical potentials are taken as the 
voltages at which the current first starts to decrease, but it is necessary 
to apply a correction to all the values shown in Fig. 134 because the 
electrons leave the filament with a definite Idnetic energy, in this case 
amounting to 1.1 volts. The first critical potential then is 4.9 rather 
than 3.8. 

The second grid G 2 and reversible potentials E 2 and £3 are designed 
to distinguish between the two kinds of critical potentials, namely, 
ionization potentials and resonance potentials. 

An ionization 'potential is the voltage which gives to a free electron 
just sufficient energy to ionize the atom or molecule, that is, to drive an 
electron completely out, leaving a positive ion but without imparting 
any kinetic energy to the electron. Resonance potentials are potentials 
sufficiently great to cause the emission of light when the free electrons 
are stopped by collision. They involve the displacement of valence 
electrons to higher energy levels and their return to lower energy levels 
with the emission of light in accordance with equation 9. 

An obvious and simple relation among the electric energy, the kinetic 
energy, and the radiation energy is involved in these quantum changes, 
as given by the following ecpiation, 

E'e — = hv (15) 

where e is the charge on the elect ron in electrostatic, units (4.80 X 
m its mass, and v its velocity, and is the potential drop in electrostatic 
volts through which the electron falls. All the quantities must be ex¬ 
pressed in the same cgs units. Sinc^c by definition voltage expressed in 
electrostatic units is 1/300 as great as voltage in absolute volts E 


Referring to page 571, 


E 

- e 

300 


= hv 


or 



( 16 ) 

(17) 

(18) 


where ni and n 2 are the quantum numbers 1, 2, 3, 4, 5, etc. 

This equation is used in Table III to show the numerical relation be¬ 
tween spectral lines and critical potentials in the Lyman series of atomic 
hydrogen, where wi = 1 . The constant ^OQRhc/e has the value of 
13,539. 
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TABLE III 

Spectral Lines and Critical Potentials in the IjYman Series 


Quantum 

Number 

Wave^ Length, 
Aobs. 

Wave Number, 
cm~^ 

1 

Volts, 

•^calc. 

Volts, 

^oha. 

2 

1215 

82,258 

10.154 

10.15 

3 

1026 

97,491 

12.034 

12.05 

4 

973 

102,823 

12.692 i 

12.70 

5 

950 

105,291 

z 


6 

938 

106,631 

13.161 

13.17 

7 

931 

107,440 

13.262 ' 

13.27 

00 

912 

109,678 

13.539 

13.54 


The agreement between the calculated and observed voltages is ex¬ 
cellent, again strengthening the underlying quantum theory on which 
the calculations arc based. In many cases it is possible to show the 
actual emission of light of the expected frequency by bombarding with 
electrons of the proper voltage, new spectral lines being brought in as 
the voltage is increased. 

Electron velocities and even spectral quantities are often expressed 
in terms of volts, calculated with the help of equation 18. The term volt 
when applied to energy quantities really means electron volt per elec¬ 
tron. The relation among electron volts, wave numbers, frequencies, 
angstrom units, and kilogram calories per mole is given graphically on 
page 599. 

A beam of electrons has many of the properties of a beam of light of 
extremely short wave lengths. Use has been made of this fact in deter¬ 
mining the structure of molecules (page 86) and in taking photo¬ 
micrographs of objects too small to be rendered visible with a microscope 
and ordinary light (page 530). 

The Photoelectric Effect. Light quanta can be emitted by bombard¬ 
ment with electrons as just shown, and it is to be expected that electrons 
can be emitted by bombardment with quanta of light. In 1887, Hertz 
discovered that, when a spark gap is exposed to ultraviolet radiation, 
the voltage necessary for the passage of a spark is appreciably lowered. 
This effect is due to the emission of electrons and the consequent ioniza¬ 
tion of the air between the terminals of the spark gap. A sheet of zinc 
acquires a positive charge when illuminated with ultraviolet light, owing 
to the emission of electrons. The ejection of electrons from a metal 
surface by means of light is known as the photoelectric ^ect 
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This interesting effect has been utilized in the photoelectric cell, which 
is an extremely sensitive instrument for the detection and measurement 
of radiation. A diagram of such a cell is shown in Fig. 136. 

A receiver K is coated with a thin film of potassium or other metal in 
a highly evacuated tube. A wire W placed in the tube is connected 
with the receiver through a 100-volt battery B and a sensitive galva¬ 
nometer or electrometer G, The high vacuum of the tube serves as a 

complete insulator between W and K, 
but, when the receiver is exposed to 
light from the source *S', electrons are 
ejectel from the receiver and attracted 
to the positivel}^ charged wire, thus 
completing the circuit. The current 
registered by the galvanometer is di¬ 
rectly proportional to the number of 
electrons released per second, and tliis, 
in turn, is proportional to the number 
of photons striking the receiver, that 
is, to the intensity of the light. 

Although the electron current or the 
number of electrons per second depends 

Fio. 135. Principle of the photo- intensity of light, that is the 

electric cell. number of photons t^iuanta) striking 

the surface per second, the velocity or 
energy of the electrons driven out depends on the frequency of the 
light, according to the relation, 

= hv — hvQ == E'e (19) 

where m is the mass of the electron and v its velocity. The kinetic 
energy of the escaping electron is equal to hvy the energy of the 

incident radiation, minus hvoj the energy required to bring the electron 
out to the surface of the metal. Planck^s constant h has the value 6.624 
X 10”’^^ erg-second; v is the frequency of the incident light, and vq is a 
constant sometimes called the photoelectric threshold. 

The voltage E' in electrostatic units is the potential difference neces¬ 
sary to retard the velocity of the electron to zero and prevent its escape. 
When multiplied by the charge on the electron (in electrostatic units), 
the energy is just equal to the kinetic energy of the electron expelled by 
the absorption of the light. 

When the maximum voltage JE' required to prevent the production of 
an electron current is plotted against the frequency p of the incident 
light, a straight line is obtained having a slope equal to h/e. This 
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relation has been accurately checked with many different metals. The 
experimental determination of the slope offers one means of evaluating 
Planck’s constant h (in terms of e). 

The current in a photoelectric cell can be amplified readily, with the 
aid of ordinary electron tubes, to operate a relay, and the photoelectric 
cell is finding many important applications in automatic controls, safety 
devices, and laboratory appliances, as well as in television and motion 
pictures. 

New photoelectric cells of considerably greater sensitivity known as 
photomultiplier tubes are now available in which the electrons released 
by the light impinge under high voltage on a second photosensitive 
surface and there release additional electrons which in turn are 
multiplied on a third photosensitive surface. In this way just a few 
quanta can liberate many electrons and so give a large current to be 
measured. 

The Compton Effect. The photoelectric effect involves the complete 
absorption of a quantum, but it is possible also for a quantum to impart 
only a portion of its energy to an electron. This phenomenon in which 
the energy of the photon is reduced and the energy of the electron is in¬ 
creased is known as the Compton effect. The photon of light collides 
with an electron and leaves with a lower frequency, and the electron 
acquires a greater velocity. Compton * bombarded carbon and other 
hght elements with short X rays and found, with the help of a crystal 
lattice and spectrometer, that part of the scattered radiation had a 
longer wave length than the incident radiation. 

This fundamental experiment, together with the realization that any 
physical measurement involves interaction with the measuring instru¬ 
ments, led Heisenberg f through mathematical considerations to the 
principle of uncertainty. According to this principle, it will never be 
possible to know with exactness both the position and the momentum 
of an electron or other small particle. It is not a matter of physical im¬ 
perfections in the measuring apparatus but a fundamental limit of na¬ 
ture, according to which the error in measuring position multiplied by 
the error in measuring momentum is approximately of the order of 
Planck’s constant h. The position of an electron or atom may be known 
with exactness, but then its velocity is unknown; and in the same way 
the momentum can be known only at the sacrifice of information re¬ 
garding the position. 

The principle is of no importance in ordinary work, because the par¬ 
ticles involved are so large that the uncertainty is utterly negligible. 

* Compton, Phys. Rev.y 2X, 483 (1923). 

t Heisenberg, Z. Phyaikf 48 , 172 (1927). 



582 


QUANTUM THEORY 


It does have an important bearing on philosophy,* however, for here¬ 
tofore it had been supposed that no theoretical limit was imposed on the 
precision of scientific measurements. 

The Raman Effect. A photon of radiation may undergo elastic 
collision with a molecule, in which case the scattered light has the same 
frequency as the incident light. It may be absorbed completely in pro¬ 
ducing heat or chemical reaction; or it may contribiite part of its energy 
to displacements of the atoms within the molecule. These atomic dis¬ 
placements are cpiantized, that is, only certain displacements are pos¬ 
sible, corresponding to definite energy increments. Each of these quan¬ 
tized atomic displacements corresponds to a part of the infrared spec¬ 
trum. 

The Raman effect involves the collision of a photon with a molecule, 
under conditions such that there is an interchange of some of the energy 
of the photon. Part of the energy of the photon goes to displacing the 
atoms in the molecule, after which the molecule emits radiation and 
sinks to a lower energy level but not necessarily to the energy level which 
it possessed in the initial state. After such a collision the scattered radi¬ 
ation has a slightly different frequency from that of the incident radia^ 
tion, and there is a change in the energy of atomic oscillation within the 
molecule. Such a collision of a photon with a molecule may then be 
represented by the equation 

^j'incident ~ /^J^scattered = changC ill molcCUlar energy = /^I'Raman (20) 

The difference in wave number between the incident and the scattered 
light permits a direct calculation of the Raman shifts. These shifts are 
of the order of 100 to 4000 cm'“^, and many of them are equal to the wave 
numbers at which infrared-absorption bands occur. Usually, the fre¬ 
quency of the scattered light is less than that of the incident light, 
indicating that the quantum of radiation has given up a definite small 
part of its energy to produce interatomic motion within the molecule. 
It is possible, however, for a quantum of incident radiation to absorb 
a small quantum of energy from a molecule and leave with greater 
energy. In tliis case ^'scattered is greater than ^'incident by s.n amount equal 
to the energy taken, divided by h. 

Although the Raman lines may correspond to infrared lines, some¬ 
times they correspond to transitions which are not directly allowed ac¬ 
cording to the restrictions of the quantum theory, that is, to frequencies 
which do not occur in the ordinary absorption spectrum. Valuable in¬ 
formation concerning the nature of the spectrum can thus be obtained 
by combining data from both the Raman and the absorption spectra. 

Bridgman, ‘*The Logic of Modern Physics/’ Macmillan Co., New York, 1927. 
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Although this effect had been predicted by the quantum theory, it 
remained for Raman * in 1928 to demonstrate that the scattered light 
does actually contain radiation of different frequency. The difficulty 
lay merely in giving long enough exposure to detect the feeble Raman 
lines which tend to be obliterated by light of the exciting frequency. 
The material is placed in front of a spectrograph slit and illuminated 
for a long exposure with a mercury-vapor lamp (using light filters), as 
shown in Fig. 136. 



Fig. ISf). Apparatus for obtaining Raman si)ectra. 


In Fig. 137 is shown a Raman spectrum of carbon tetrachloride ob- 
tained by Professor Paul Bender of the University of Wisconsin. The 
uppermost spectrum at A gives the standard spectrum of the mercury 
arc. At R a short exposure brings out three Raman lines clearly visible 
in the original spectrum plate. In a longer exposure at C there are four 
Raman lines on the long-wave-length side and three weaker Raman lines 
on the short-wave-length side. The former are known as Stokes lines; 
the latter, which involve less probable transfers of energy from excited 
states, are known as anti-Stokes lines. The mercury lines other than 
4358 A have been filtered out except for two persistent lines showing at 
the left in the long exposure. At D is shown a photoelectric record 
of the Raman spectrum, f The prominent mercury line at 4358 A is so 
intense that the amplifier had to be made less sensitive to give a good 
record, as shown in the lower peak. 

Raman spectra have been measured for a great many organic and in¬ 
organic compounds and complete reviews are available. { They are 

* Raman, Indian J. Phys., 2 , 387 (1928). 

t Chicn and Bender, J. Chem. Phys.j 16 , 376 (1947). 

t Hibben, Raman Spectra in Inorganic Chemistry, Chem. Rev.y 13 , 345-478 (1933); 
Raman Spectra in Organic Chemistry, Chem. Rev., 18 , 1-232 (1936); ^The Raman 
Effect and Its Chemical Effects,” Reinliold Publishing Corp., New York, 1939; 
Glockler, The Raman Effect, Rev. Mod. Phys., 16 , 112-171 (1943); Fenske, Braun, 
Wiegand, Quiggle, McCormick, and Rank, Raman Spectra of Hydrocarbons, Anal. 
Chem., 19 , 700-766 (1947). 
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Fia. 137. Rainan spectrum of carbon tetrachloride. 

A. Mercury arc. Lines are given in angstroms. 

B. Raman spectrum of CCI4 with filter that transmits 4358 A. 

C. Same as B with longer exposure (3 minutes) 

D. Photoelectric recording of Raman spectrum of CCI4. 

a » 4399; h = 4418; r - 4446; d =» 4507 and 4513; e = 4670 A. 


helpful in interpreting molecular structure and they are useful in ana¬ 
lytical problems. 

Band Spectroscopy. So many important subjects, including heats of 
dissociation, specific heats, entropies, atomic vibrations, internuclear 
distances, intermediate compounds, and isotopes, can now be studied 
with the aid of band spectra that a further discussion seems justified, 
although a quantitative treatment is beyond the scope of this book. 

A diatomic molecule of two spheres held together can be rotated by 
the absorption of small amounts of energy, corresponding to radiation 
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Infrared absorption spectrum of some organic bromides* from 13 to 19yu 
Fig. 138. Examples of infrared spectra. 

in the far infrared. This rotation is quantized, and only definite amounts 
of energy can be added corresponding to 1, 2, 3, 4, etc., quanta of small 
energy. 

The atoms within the molecule can vibrate, and this motion requires 
larger amounts of energy giving absorption in the near infrared as shown 
in Fig. 138. A diatomic molecule can rotate at the same time that two 
* For the spectrum of ethyl bromide the ordinates at the right are used. 
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atoms are oscillating with respect to each other, and, if the molecule has 
an electric moment, it can be shown that the molecule will absorb fre¬ 
quencies of Vv ±: Vr, where is the frequency of vibration and Vr is the 
frequency of rotation. Wlien Pr = 0, the absorption is slight. A series 
of absorption lines is obtained by adding terms with quantum numbers 
of rotation 1, 2, 3, 4, etc., and a second series of lines is obtained by sub¬ 
tracting them. These two branches have maxima as indicated in the 
top figure of Fig. 138, The distance between these maxima permits a 
calculation of the distance between the atomic nuclei in the molecule. 

The bands recur at definite intervals (1.75 and 3.7^1 in ITCl) which 
are governed by the integer multiples so common in quantum phenom¬ 
ena, except that small correcting terms are usually necessary. Under 
high dispersion the fine structure of th(^ bands due to quantized rotation 
superimposed on vibration is apparent as shown in the center of Fig. 
138. 

Even in polyatomic molecules a given infrared band can sometimes 
be attributed to the vibration of a definite atom pair. In the lowest 
spectrum of Fig. 138, for example, the C-Br atom pair in several dif¬ 
ferent organic bromides absorbs some of the radiation between 14 and 
18/x. 

These rotation-vibration spectra are often superimposed, with some 
distortion, on spectra caused by electron displacements, giving band 
spectra in the visible and ultraviolet. The lines of tlici band due to 
changes in the energy of rotation come closer and closer together, form¬ 
ing the head of a band. 

In Fig. 139 is shown a band spectrum obtained in the absorption of 
indium chloride vapor by Froslie and Winans * of the University of 



Fig. 139. Absorption spectrum of indium chloride vapor showing bands. 

Wisconsin, using a 21-ft grating spectrograph. The original spectrogram 
shows a system of nearly equally spaced bands with alternate bands 
showing rotational structure and the others showing no rotational struc¬ 
ture. 

* Froslie and Winans, Ph^s. Rev., 72, 481 (1947). 
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The analysis of band spectra offers a powerful means for identifying 
materials, either in emission spectra or absorption spectra. 

Sometimes a spectrum has a nmnber of discrete lines adjacent to a 
region of continuous absorption with a definite line of demarkation be¬ 
tween the two. From the wave length of this edge of the continuous 
spectrum it is possible to calculate the energy of dissociation of the mole¬ 
cule. Absorption spectra are discontinuous when the molecules are 
excited because the absorption is governed by quantum restrictions. 
However, when a molecule is dissociated, giving normal atoms, excited 
atoms, or ions, the fragments are given a certain amount of kinetic energy 
which is not quantized. There are no limi¬ 
tations on the amount of energy which can 
then be utilized, and radiation of all wave 
lengths in the region is absorbed. 

Accordingly, when the energy becomes 
great enough (the wave lengths are short 
enougli) to cause dissociation, the absorption 
becomcis continuous. These phenomena are 
indi(!ated in Fig. 140 where typical discrete 
lines corre^sponding to excitation are sketched 
at the right, heading into a band of con¬ 
tinuous absorption at the left, corresponding 
to dissociation. The numbers refer to quantum numbers in the dis¬ 
continuous spectrum. Just as the long-w'ave-length limit of continuous 
absorption in Fig. 132 permitted calculation of the energy of ionization 
of atoms, so also the long-wave-length limit of continuous absorption in 
band spectra permits a calculation of the energy of dissociation of the 
molecule. These calculations may be illustrated in the case of chlorine, 
Avhich dissociates into one normal atom and one excited atom. The 
continuous absorption, beginning at the convergence of the discontinuous 
lines, occurs at 4785 A, which is equivalent to 59,400 cal per mole. The 
extra energy of excitation of the atom corresponds to 2500 cal as de- 
termimid spectroscopically. The difference, 56,900 cal, is the energy 
required to disrupt the molecule, whereas direct thermal measurements 
give 57,000. 

Energy of Dissociation. Dissociation energies can be obtained also 
from potential-energy curves * similar to the curve shown in Fig, 141 for 
hydrogen bromide. In most chemical substances the atomic nuclei 
repel each other at very close distances and attract each other at large 
distances, but the attraction becomes less as the distance becomes very 
great, and it is obvious that there must be a minimum somewhere in the 

♦Franck, Z, Physik, 31, 411 (1926). 



Fig. 140. Absorption spec¬ 
trum showing (jonverging dis¬ 
crete lines due to displace¬ 
ment of electrons in the mole¬ 
cules and continuous absorp¬ 
tion involving the? dissociation 
of the molecule. 
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potential-energy curve. This minimum corresponds to the most stable 
condition of the molecule, and, although the atoms oscillate back and 
forth in the molecule, they tend to keep this average distance cor¬ 
responding to the minimum point. 

The exact shapes of the curves ordinarily are not known, but some¬ 
times they can be determined from the data of band spectroscopy. They 



Interatomic distance in A 

Fig. 141. Energy of HBr molecule as a function of interatomic distance. 


can be calculated with the empirical formula developed by Morse * 
E = £)'(e-2«(r-ro) _ (21) 

where Tq is the distance separating the atoms in the normal molecule as 
determined from X-ray or electron diffraction measurements, and D' is 
the energy of dissociation, as determined from spectroscopy or calori¬ 
metric measurements, plus the small zero-point energy. The zero-point 
energy is the half quantum of vibrational energy which the atom pair 
still possesses at absolute zero. The total energy of a linear harmonic 
oscillator is {n + ^)hv where n is an integer (vibrational quantum num¬ 
ber) and, since energy can be lost only as whole quanta, ^hvQ remains, 
even at absolute zero where n = 0. The constant a depends on the 
normal vibration frequency of the atoms as determined from infrared- 

* A discussion of this formula and others for calculating energies of diatomic 
molecules is given by Hirschfelder and Hulburt, J. Chem. Phya,, 9, 61 (1941). 
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absorption measurements or Raman spectra and on the atomic masses. 
When these quantities are known, the energy E of the atom pair can be 
plotted against the distance r which separates the atoms. A Morse 
curve is shown for the hydrogen bromide molecule in Fig. 141 in which 
r() = 1.41 A, a = 1.82 and = —90.0 kcal, where ii/ = 0 at complete 
separation. 

Quanttun Mechanics. The quantum theory is largely a theory of 
restrictions, and these restrictions have been determined empirically 
from laboratory measurements. Considerable attention was paid, 
therefore, to finding a theoretical foundation for these restrictions; 
Heisenberg and Born devised a theory based on matrix calculus and 
probabilities; De Broglie and Schrodinger develoi)ed a theory based on 
differential equations applied to waves; and Dirac embraced both in 
general terms with a new system of mathematics. Heisenberg’s treat¬ 
ment and Schrodinger’s treatment are both aspects of the same under¬ 
lying principle, and from both the restrictions of the quantum theory 
come out automatically as mathematical necessities. 

The Schrodinger wave equation for a simple particle is 




—i + “ + 

dy^ dz^ 


Sr^m 

"IF 


(E - 7)^ = 0 


( 22 ) 


where m = mass of particle, Vx^yyz is its potential energy in a field of 
force, and E is its total energy, a constant. The quantity xj/ is called 
the ^^wave function” because in many problems it exhibits a wavelike 
series of maxima and minima. Where | ^ is large, there is a large 
concentration of electrons; in general, | ^ i" determines the probability 
of an electron being in a specified region. When sufficient information 
is available, xf/ can be determined by solving the differential equation 22. 
The wave function is usually continuous, single-valued, and finite; and 
zero at infinite distance. Solutions which meet these requirements are 
possible only when E is given certain characteristic values, and the cor¬ 
responding solutions of xp are called characteristic sclidions. 

These characteristic values give the stationary states of the Bohr 
atomic model, and, thus, the quantized energy levels come automatically 
from the Schrodinger wave equation. 

Quantum mechanics is much superior to the older theories because, 
in addition to accomplishing all that they accomplished, it solves more 
complicated problems and in many cases gives better agreement with 
experiment. It has led to many new advances, only tAvo of which are 
mentioned Jiere. 

On the basis of the wave equations, electrons as well as radiation 
may be considered as waves. Davisson and Germer showed in 1925 
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that streams of electrons do have properties attributed to waves and 
like X rays may be refracted by a single crystal and that the wave 
lengths depend on the voltage in agreement with theoretical calculations. 
There is evidence that beams of protons and of neutrons (page 660) have 
certain properties of waves and give diffraction patterns with a crystal 
lattice. It appears then that matter, electricity, and radiation are com¬ 
posed of discrete particles—ai-oms, electrons, and photons. However, 
in all three cases a group of these particles taken together may exhibit 
the properties of waves. 

One of the most striking achievements of c|uantum mechanics was the 
prediction that hj^drogen should exist in two different forms, which arc 
now called ortho- and pai*a-hydrogen. It was predicted that the space 
wave functions of diatomic molecules with like nuclei can be either 
symmetric or antisymmetric, depending on the spins of the nuclei. Evi¬ 
dence for the two forms was found in band spe(*.tra, where alternate lines 
were missing or very weak, and in the abnormal specific heats of hy¬ 
drogen at low temperatures. 

Bonhoeffer and Harteck * succeeded in separating these two forms 
and in demonstrating the difference in sp(H;ific heat and other proper¬ 
ties. At room terniierature ordinary hydrogen is a mixture' of three parts 
of ortho-hydrogen (antisymmetric type) and one part of para-hydrogen 
(symmetric type); at the temperature of liquid air the equilibrium is 
approximately 1 to 1, and at the temperature of licpiid hydrogen the 
ortho-hydrogen is not stable and goes almost entirely into the para- or 
symmetric form, when catalyzed with charcoal. 
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PROBLEMS 

1. A hollow box, with an opening of 1 sq cm area, is heated electrically. 

(а) What is the total energy emitted per second at 800° K? 

(б) How much energy is emitted per second if the temperature is 1600* K? 

♦ Bonhoeffer and Harteck, Z. physik. Chem.y 43 , 113 (1929). 
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(r) How long would it take the radiant energy emii-ted at this temperature, 
1600® K, to melt 1000 g of ice? 

Ans. (a) 2.34 X 10^ ergs centimeter""^ second""^; 

(h) 3.74 X 10* ergs centimeter""^ second 
(c) 8950 second. 

2. Add 1.1 volt to values given in Fig. 134, and compare some of them with mul¬ 
tiples of 4.9. (Other peaks involve multiples or combinations of a poUmtial at 6.7.) 

Ans. 4.9; 9.8; 14.7. 

3. Calculate the velocity of an (dectron which has been acf^elerated by a potent ial 
of 1.00 volt. The mass of an electron at rest is 9 X 10~“* g. 

Alls, 5.96 X 10^ centimeters second“h 

4. The mass of a body moving with velocities af)proaching that of light is 
related to the mass itio when the body is at rest by the following equation based on 
the theory of relativity 

mo 

m = — ; - 

where v is the velocity of the body and c is the velocity of light. The rat-e of change 
in kinetic energy E of a moving body is the rate of change in momentum multiplied 
by the velocity. Prove that dE = t^dm. It was shown by Einstein in 1906 that, 
in general, E = mr. 

5. Calculate (a) the wave length of the first two lines of the Lyman series; (5) the 
wave length of the first line of the Paschen series. 

Ans. (a) 1216; 1024 A. (b) 19,000 A. 

6. What is the wave length of light emitted when electrons are stopped after 
failing through a poh^ntial of (a) 400 volts? (b) 3 volts? 

Ans. (a) 30.8 A. (6) 4112 A. 

7. An expc'riinerit on the emission of photoelectrons from a sodium surface by 
light of different wave lengths gave th(} following values for the potentials at which 
the photoelectric current was rc'duced to zero: 


A 

E (volts) 

5461 

-2.045 

4339 

-1.488 

4047 

-1.295 

3651 

-0.914 

3125 

-0.382 

2535 

+0.52 


Plot voltage against frequency, and determine Planck’s constant from the slope of 
the line. 


8. If 10,000 cal are lost per minute by radiation from the door of an electrically 
heated furnace at 900®, how many more watts of electricity must be applied to offset 
the losses due to radiation if the furnace is heated to 1100°? 

9. Absorption by the fundamental vibration of the hydrochloric acid molecule 
occurs at 3.64m. 

(a) What is the frequency of light of this wave length? 

(b) What is the energy of one quantum of light of this wave length? 

(c) What is the value of this wave length in terms of electron volts? 
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10. Calculate the value of the Rydberg constant R and the constant ^QORhc/e 
for hydrogen, and compare it with the experimentally determined value. 

11. There is a Brackett series in the hydrogen spectrum where ni — 4, Calculate 
the wave lengths, in angstroms, of the first two lines of this series. 

12. Electrons are accelerated by 100,000 volts in an X-ray tube. To what wave 
length in angstroms does this energy corres|)ond, when converted into radiation? 

13. (a) Prtipare a rough calibration chart for the spectrograph used in obtaining 
Fig. 137. Plot wave lengths of the mercury arc given in spectrum A against a linear 
scale starting at 4047 A. 

{h) Estimate the wave haigths of the anti-Stokes lines at the k^ft in Fig. 137C 
by int(Tpolation on this calibration curv(‘. 

(c) Calculate these anti-Stok(is lines (exactly from the data for the Stokes lines 
given in Fig. 137Z). 


14. An electric heater of 10 sq cm is heated to 800*^. I low many calories of radiant 
heat is e;mitted ptT minute, if a perfect radiator is assumed? 

15. Calculate the freciuency and the wave length of the sixth line in the Balmer 
series of hydrogen for which the electron falls from the eighth quantum level to the 
second. 

16. Calculate the frequency and the wav(^ length in angstroms for the line in tht' 
Paschen scries of the hydrogen spectnun which is due to a transition from the sixth 
quantum level to the third. 

17. (a) Calculate the velocity of an electron which has been accc^lerated in an 
X-ray tube by a voltage of 100,000 volt-s. The rest mass of an ('lectron is 9 X 10"^® g. 

(6) Calculate the mass of the electron moving with this velocity using the formula 
given in Problem 4. 

18. Calculate the wave lengths in angstroms of infrared bands which correspond 
to the Raman lines recorded at a, b, and e in Fig. 137D. 

Some Raman lines appear in the Raman sptictra which are not present in the 
infrared on account of restrictions which apply to the mok^cules in their ground state. 

19. Calculate the necessary data, ami plot a Morse curve for hydrobromic acid 

as shown in Fig. 141. _ 


20. Calculate the Morse curve for bromine;. With reference to equation 21 


on page 588, D' = 45.69 kcal; a = 1.98, and ro == 2.28 A. 

21. The vibrational frequency F of a simple harmonic oscillator is given by 


V 


ZTT fX 


where / is the force of restitution on the vibrating particles and /x 


is the reduced mass of the system. For a “dumbbell-shaped” diatomic molecule 


^ :s=-1-, where mi and m 2 are the masses of the individual atoms. The fun- 

n mi m2 

damental frequency of the HCF® molecule occurs at 3.64^. What would be the 
separation in angstroms between the fundamental vibrations for HCF® and HCl*^ 
if the forces of restitution are assumed the same in both cases? Between DCF® and 
DCF^? (The fundamental frequency of DCF® is at 4.8/u.) 
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PHOTOCHEMISTRY 

Collisions between Molecules and Photons. Photochemistry com 
prises the study of chemical reactions produced directly or indirectly 
by means of radiation. It was shown on page 368 that molecular colli¬ 
sion is the cause of ordinary chemical reactions. Only those molecules 
which contain an abnormal amount of energy can effect chemical reac¬ 
tion, and only a few molecules can obtain this energy from collision if 
the activation energy is large and 
the temperature is low. Reactions 
of this type are necessarily slow. 

It is possible, however, to ac¬ 
tivate molecules with an external 
source of energy, as, for example, 
by introducing a beam of light 
having the proper frequency to be 
absorbed and a sufficient quantity 
of energy in each photon to effect 
the reaction. The underlying photo¬ 
chemical reactions induced by en¬ 
ergy from an outside source is sug¬ 
gested in Fig. 142. The full line 
represents the distribution of energy 
among a group of molecules due to 
random collisions from heat, similar 
to that shown in Fig. 96 on page 
368. The number of molecules 
with high energy (at the right) sufficient for chemical reaction is small. 
The dotted line represents the situation when a large number of energy- 
rich molecules are produced by introducing a beam of light of the 
proper frequency. It is clear that the intensity of light introduced 
does not depend on the temperature of the reaction vessel. Accord¬ 
ingly, the primary process of photoactivation has a very low tempera¬ 
ture coefficient in contradistinction to the large temperature coefficient 
of thermal reactions. If the over-all photochemical reaction has a large 
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Fig. 142. Distribution of energy 
among molecules. The dotted line 
shows how the absorption of light from 
an external source can increase greatly 
the number of molecules of high energy 
and produce photochemical reactions. 
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temperature coefRcient, it may be concluded that an ordinary thermal 
reaction is the rate-determining step. 

A photon of radiation is a unit of radiation which possesses one quan¬ 
tum of energy. Frequently, however, the term quantum is used inter¬ 
changeably with the term photon. 

When a photon of radiation comes close to a molecule, several different 
things may happen. If there is no possible electronic, atomic, or molec¬ 
ular change that can use the exact amount of energy contained in the 
photon of radiation, there will be no interaction and no chemical or 
physical change. However, if there is within the molecule some change 
which is not in conflict with the quantum restrictions and which cor¬ 
responds to the energy of the photon, there may be a transfer of energy, 
and the photon is “absorbed.’^ After a molecule has received this 
energy, it may give it up on collision with other molecules, thus increas¬ 
ing their kinetic energy. The total effect is thus a conversion of radiant 
energy into thermal energy and the raising of the temperature. This is 
the most common effect of the absorption of radiation. 

The energy of a quantum may be transformed in several different 
ways summarized as follows: 

1. Heat. The temperature of the absorbing system is raised. 

2. Dissociation, The molecule undergoes a chemical breakdown. 

3. Excited molecule. The molecule retains its energy until it can be 
used chemically (a) by combination with some other molecule or (b) by 
transferring its energy to another molecule which in turn utilizes the 
energy to produce chemical change. 

4. Dissociation and excitation. One of the dissociated fragments is 
excited. 

5. Ionization. The electron is driven out of the molecule leaving a 
positively charged ion. 

6. Fluorescence. The excited molecule immediately reradiates part of 
the energy at a different wave length, as the electron returns to a lower 
energy level. If there is a time lag in this reradiation, the phenomenon 
is known as phosphorescence. 

7. Physical interaction. The quantum of radiation is not absorbed 
and re-emitted, but rather it imparts some of its energy (a) to an elec¬ 
tron as observed in the Compton effect or (6) to atomic or molecular 
action as observed in the Raman effect. 

T3rpes of Spectra. The absorption spectrum of a substance gives val¬ 
uable information concerning the initial step, or the primary process, 
involved in any possible photochemical reaction. A molecule may be 
excited in several different ways, depending on the frequency of radia¬ 
tion absorbed. These different methods of absorbing radiation in the 
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different parts of the spectrum and the energies involved are summa¬ 
rized in Fig. 143. 

In the upper half of the figure are given the general types of spectra 
together with the wave-length regions and the energy of the radiation 
in calories per mole. In the lower part is given a crude representa¬ 
tion of what happens when the radiation is absorbed. The black dots 
represent electrons, and the larger circles represent atoms in the mol¬ 
ecule. The same general (considerations apply to polyatomic as well as 
to diatomic mokccules. All the intramolecular changes involve definite 
energy increments which are governed by the cpiantum theory. 


Wave Length 2,0( 
X-Rays Ultraj 



200.000 (20a) 

I 

Near Infrared I Far Infrared Kinetic 


Calorics per Mole, 142.000 


71.000 



1.400 


aooo±) 


0 :o Oio 0*0 Oso Qio 

Fig. 143. Schematic reprew'ntation of different types of spectra showing wave¬ 
length ranges and energy rangccs in whidi they exceur, and the corresponding ekic- 
tronic, vibrational, and rotational motions. 

Absorption in the far infrared causes the molecule to rotate as indi¬ 
cated by the curved arrow at the right. The energy involved in these 
oiicrations is of the order of a tliousand calories per mole. 

Tills is the only operation which can be carried out with energies of 
this magnitude, and so there are definite lines corresponding to quan¬ 
tum numbers. Absorption in the near infrared displaces atoms from 
their normal positions and causes them to oscillate back and forth or to 
move sidewise with a swinging motion within the molecule. These 
operations involve energies between about 1000 and 30,000 to 40,000 
cal. The rotations, involving small energies, are superimposed on the 
atomic displacements, giving rise to absorption bands. The intra¬ 
molecular changes can be combined so as to give harmonics absorbing 
approximately two or three or more times as much energy as the energ>^ 
of the fundamental absorption band and causing absorption bands at 
roughly one-half and one-third the wave length. The probability of 
absorbing energy corresponding to two or three or more quanta is less 
than the probability of absorbing one, and so the fundamental band 
(the one-quantum operation) is the most prominent, and the absorp¬ 
tion becomes progressively less intense at the higher harmonics. This 
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decrease in intensity at the shorter wave lengths is represented diagram- 
matically by reducing the height of the bands. 

In the visible and ultraviolet region of the spectrum the absorjv 
tion consists in displacing an outer electron in the molecule. The 
only difference between the ultraviolet and visible spectra is that 
greater energies and larger displacements are involved in the ultra¬ 
violet absorption—35,000 to 71,000 cal per mole being required for 
absorption in the visible region and 71,000 to several hundred thousand 
for absorption in the ultraviolet. 

Sometimes the energy of the ultraviolet is sufficient not only to dis¬ 
place the electron within the molecule but also to drive it entirely out 
of the molecule, thus producing ionization. In the visible and ultra¬ 
violet regions of the spectrum series of bands may be obtained by com¬ 
bining the energies of the three quantum-restricted operations—electron 
displacement, atomic displacement, and molecular rotation. 

In the X-ray region of very short wave lengths (about 1 A), the elec¬ 
trons deep inside the atom nearest the nucleus are displaced. Energies 
of millions of calories per mole are required for these displacements. 

If the energies of radiation or of suitable projectiles, such as alpha 
particles, are increased to a still greater order of magnitude (around 
10^® cal per mole), it is then possible to affect the nucleus of atoms and 
produce the transmutation of elements. 

The various absorption spectra, produced by the displacements in¬ 
dicated in Fig. 143, are usually the same as the emission spectra pro¬ 
duced when the electrons or atoms return to their normal positions, or 
when the molecules are caused to rotate by collisions or other means. 

At the extreme right of Fig. 143 is given for comparison the order 
of magnitude of the average kinetic energy of molecular translation 
f (/?r), a few hundred calories. 

It was emphasized on page 370 that although the average kinetic 
energy may be only a few hundred calories per mole there are, neverthe¬ 
less, a few molecules which have much greater energies that are sufficient 
to account for ordinary chemical reactions. 

The energies required for most chemical reactions range from about 
10,000 to 100,000 cal. It is evident then that the longer infrared radia¬ 
tion is powerless to produce chemical reaction and that X rays contain 
so much energy that they are more likely to accomplish chemical reac¬ 
tions through secondary effects. Visible light and particularly ultra¬ 
violet light are, then, of chief interest in photochemistry. 

Laws of Photochemistry. Only that radiation which is absorbed can 
produce chemical change. As Grotthus pointed out in 1818, there cannot 
be photochemical reaction unless the radiation is absorbed. However, 
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it does not follow that absorbed radiation must produce chemical reac¬ 
tion—more often it is converted into heat. 

Einstein’s law of photochemistry is important in the theoretical inter¬ 
pretation of photochemical reactions. According to this law, in the 
primary photochemical process ea^h molecule is cuHvated by the absorption 
of one photon. 

In this simple primary process, then, we should find that the number 
of molecules activated is exactly equivalent to the number of quanta 
absorbed, and for a gram molecule of 6.02 X 10^'^ molecmles there 
should be 6.02 X 10^^ quanta absorbed. This ^‘gram molecule” of 
quanta has been called the “einstcin,” just as a gram equivalent of 
electrons (6.02 X 10^^ electrons or 96,500 coulombs) is called the 
faraday. 

It must be strongly emphasized that the Einstein law is usually 
masked by secondary reactions and complicating circumstances which 
prevent a simple 1 to 1 relationship between the number of quanta ab 7 
sorbed and the number of molecules of final products in the reaction. 
Most investigators are inclined to accept the law as applied to the 
primary process and to look for the complicating circumstances which 
are peculiar to each particular reaction. Sometimes the activation 
process is followed by a simple stoichiometric reaction which gives some 
simple number, such as 2 molecules per quantum, or by a series of re¬ 
peated reactions giving rise to a chain reaction. On the other hand, the 
activated molecules may be partially deactivated by collisions or by 
fluorescence or by internal rearrangements and loss as heat. Again, 
dissociated fragments resulting from the excitation may recombine so 
as to give low apparent yields. The quantum yield 4> is given by the 
expression 

numl^er of molecules reacting chemically 

$ =-( 1 ) 

number of quanta absorbed 

The quantum yield provides a very convenient and significant means 
for describing the experimental facts and offers valuable information for 
drawing conclusions regarding the mechanism of the reaction. 

It will be remembered that the energy in one quantum of radiation 
is given by the fundamental quantum relation: 

€ = hv ( 2 ) 

The energy per einstein, that is, per mole of photons, is obtained by 
multiplying this equation by the Avogadro number N: 

Nhv « 6.02 X 10^3 X 6.62 X 


(3) 
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The frequency of radiation v is related to the wave length X and the 
velocity of light c (3 X 10^® cm sec""^) by the relation, 



Example 1. (a) Calculate the frequency of ultraviolet light, having a wave 
length of 3000 A. 


c _ 3.00 X 1010 
X “ 3000 X 10-« 


3.00 X 1010 
3 X 10-^ 


= 1 X lOi^ sec~i 


(b) Calculate the wave length in centimeters and the wave number v of light 
which has a wave length of 3000 A 

3000 A = 3000 X 10-^8 = 3.00 X lO’^ cm 


(c) Calculate the energy in ergs per quantum and calories per ^^mole^’ in 
radiation of this frequency: 

€ — hv ~ 6.62 X 10”^^ X 1 X 101^ = 6.62 X 10 erg per quantum 

3 98 X 101^ 

Nhp = 3.98 X 101^ ergs per mole = = 95,300 cal per mole 

(d) Calculate the energy in electron volts per molecule which corresponds 
to a wave length of 3000 A or an energy of 6.62 X 10"!'^ erg per quantum. 

1 absolute electron volt = 1.602 X 10“i^ erg 

—rr = 4.13 electron volts i)cr molecule 
1.602 X 10~^2 ^ 

The energy associated with quanta of typical wave lengths is given in 
Table I. 

The graphs given in Figs. 144 and 146 are convenient for the con¬ 
version of radiation units. 

In Fig. 144 kilocalories per mole are plotted against wave lengths in 
angstroms on the upper curved line and against frequencies v or wave 
numbers v on the upper straight line. For example, 4000 A intersects 
the kilocalorie curve at 71,000 (in agreement with Table I) and the volt 
curve at 3 volts. Again, a frequency j' of 12 X 10^^ or a wave number 
of 40,000 corresponds to 116 kcal, or to 5 volts. It is possible to convert 
angstroms to frequencies or kilocalories to volts by shifting from one 
curve to the other. Thus, the intersection on r of 12 X 10^^ gives 116 
kcal, and passing to the curve on the left 116 kcal corresponds to a little 
less than 2500 A. 
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TABLE I 


Energy of Different Radiations 


Wave 

Length, 

cm 

Wave 

Number. 

? 

Wave 

Length, 

A 

Frequency, 

V 

Description 

Energy of 1 
quantum hv 
in ergs 

Energy of 1 
einstein in 
cal per mole 

Electron 

volts 

per electron 


102 

1,000.000 

3 X 10^2 

Far infrared 

1.99 X 10“'^ 

286 

0.01 

10~3 

10^ 

100,000 

3 X 10^3 

Infrared 

1.99 X 10“'2 

2,860 

0.12 

10~'‘ 

10^ 

10,000 

3 X 10*^ 

Near infrared 

1.99 X 10“'2 

28,600 

1.24 

8.0X10“'’ 1 

1.25 X lO'* 

8,000 

3 75 X 10"^ 

Edge of visible 

2.48 X 10“'2 

35,700 

1.55 

7.0 X 10“® 

1.43 X 10^ 

7,000 

4.29 X lO^'' 

Red 

2.84 X 10“'2 

40,900 

1.77 

0.0 X 10"^ 

1.67 X 10^ 

6,000 

5.00 X 10' 

Yellow 

3.31 X 10“'2 

47.600 

2.07 

5.0 X 10“^ 

2 X 10^ 

5,000 

6.00 X 10'^ 

Blue 

3.95 X 10“'2 

56.900 

2.48 

4.0 X 10'^ 

2.60 X 10'^ 

4,000 

7.5 X 10' ‘ 

Edge of visible 

4.97 X 10“'2 

71,500 

3.10 

3 X 10"^ 

3.33 X 10"* 

3,000 

1 X 10'^ 

Ultraviolet 

6.62 X 10“'2 

96,300 

4.14 

2 X 10“^ 

6.00 X 10‘ 

2,000 

1.5 X lO"* 

Ultraviolet 

9.93 X 10“'2 

143.000 

6.20 

1 X lO"'"^ 

1 X 10''’ 

1,000 

3 X 10'-' 

Ultraviolet 

1.99 X 10“'' 

286,000 

12.4 

1 X tO“* 

1 X 10« 

1 

3 X 10'« 

X rays 

1.99 X 10“* 

2.86X lO*' 

12,400 

1 X 10“® 

1 X 10“ 

0.1 

3 X 10'“ 

7 rays 

1.99 X 10"^ 

2.86 X 10“ 

124,000 

1 X 10“^^* 

1 X 10"’ 

0.01 

3 X 102” 

y rays 

1.99 X 10“® 

2.86X 10'” 

1.24 X 10” 

1 X10“^’ 

I xio" 

0.001 

3 X 102' 


1.99 X 10"'’ 

2.86 X 10" 

12.4 XIO” 



1000 2000 3000 4000 5000 6000 7000 8000 9000 10000 
Wave length in Angstroms 


Fig. 144. Graphs for converting units of radiation into other units 
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The scale shown in Fig. 145 is useful for infrared spectroscopy. It 
enables one to convert wave lengths in angstroms or in microns directly 
into kilocalories, using the upper curve, or into wave numbers, using 
the lower curve. 



123 4 66 78 9 10 /^ 

Wave length in Angstroms or in fJ. 

Fig. 145. Graphs for converting units of infrared radiation into other units. 

Experimental Procedure.* In quantitative photo(‘homical investiga¬ 
tions it is usually important to use nearly monochromatic light of 
measured intensity. 

The intensity of radiation is measured with a thermopile, which con¬ 
sists of a series of junctions of unlike metals, such as bismuth and silver 
or copper and constantan connected to a galvanometer. Alternate 
junctions are heated by exposure to the radiation, and the galvanometer 
deflections are proportional to the intensities of radiation. The junc¬ 
tions are covered with blackened metal strips of very low heat capacity, 
which convert radiation of all wave lengths directly into heat. The 
galvanometer readings may be converted into ergs of radiation per 
second per square millimeter striking the thermopile, by calibrating 
with a standard carbon-filament lamp from the U. S. Bureau of 
Standards. 

The light can be restricted to a narrow range of wave lengths with 
the help of properly chosen filters which absorb the undesired wave 
lengths. The separation may be effected still better by refraction 
through a prism in a monochromator; the best results are obtained 
with a source of light like a mercury-vapor lamp which gives a dis¬ 
continuous spectrum. Under these conditions a single spectral line 
may be isolated for the photochemical reaction. The intensity ob- 

* Noyes and Leighton, ^The Photochemistry of Gases, Reinhold Publishing Corp., 
New York, 1941, Chapter II; Daniels, Mathews, and Williams, ‘‘Experimental 
Physical Chemistry,’’ McGraw-Hill Book Co., New York, 1941; Daniels, /. Phys, 
Chem., 42, 701 (1938). 
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tainable with a monochromator is very low, and it is necessary to use 
capillary arcs or other very intense sources of light and to employ 
prisms and lenses of large dimensions in order to obtain sufficient 
intensity for investigating photochemical reactions. The reacting 
system is placed in glass or quartz vessels provided with clear polished 
windows, and the light is usually passed through the cell onto the 
thermopile. The actual energy absorbed in the reacting system is 
measured by subtrac^ting these thermopile readings from those ob¬ 
tained when the cell is empty or filled with a transparent solvent. 
It is a still better plan to use two identical cells, one to contain the 
chemically reacting material and one to act as a blank for obtaining the 
light intensity. 

Failure to control the wave length and intensity may lead to errone¬ 
ous conclusions. For example, when a certain reaction is exposed to 
sunlight through a red filter, it may proceed faster than when exposed 
through a blue filter. But red light is present in sunlight in much 
greater intensity than the blue, and one cannot conclude that the 
greater effect is due to the color; it may be due to the greater intensity. 
As another example, one may cite the action of the mercury-vapor 
lamp in producing ozone from oxygen. Ozone is synthesized by the 
short ultraviolet and decomposed by longer ultraviolet (2800 A). 
The actual yield of ozone depends then on the ratio of the intensities 
in these two regions, and this ratio depends on accidental conditions 
such as the age and the rate of cooling of the lamp. Experimental 
checks under such uncontrolled conditions cannot be expected. 

In quantitative work where a knowledge of the reaction mechanism 
and rate is needed, it is not sufficient to place the reaction cell in front 
of a source of light.. The reaction may slow down as the material is 
consumed not only on ac.count of the decreased reaction rate but also 
on account of the lessened absorption of light. The number of calories 
of radiation or, better, the number of photons actually absorbed is the 
significant thing. 

The amount of light absorbed in a given reaction cell will depend on 
the time of exposure, the concentration of the absorbing material, the 
thickness of the cell, and the intensity of the incident light. Instead of 
specifying all the variables it is much simpler to express the facts in 
terms of the number of molecules reacting per photon of radiation actu¬ 
ally absorbed, that is, in terms of the quantum yield 

Because the intensity of available monochromatic radiation is so low, 
it has been common practice to restrict quantitative photochemical 
studies to those reactions for which microanalytical methods are avail¬ 
able or for which they can be developed. 
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The intensity of light available for photochemical reactions is meas¬ 
ured most accurately with a thermopile, but with limitations it may 
sometimes be measured with a photoelectric cell or by the amount of 
photochemical reaction produced in an actinometer. It is necessary to 
calibrate these measuring devices against a thermopile. The blackened 
receivers of a thermopile are equally responsive to all wave lengths, 
whereas photoelectric cells and the actinometers do not necessarily give 
equal response for the same energy input at different wave lengths. 

The uranyl oxalate actinometer, studied with great accuracy by 
Leighton and Forbes,* is the best for most purposes. Although the 
quantum efficiency changes slightly with the wave length, it may be 
taken that in a solution ikf/lOO in TJO 2 SO 4 and M/20 in H 2 C 2 O 4 , 
0.57 molecule of the oxalic acid is decomposed for each quantum of 
light absorbed between the wave lengths 2540 and 4350 A. In other 
words, each mole of oxalic acid decomposed is equivalent to 1.75 ein- 
steins, or to 160,000 cal, if an average wave length of 3000 A is assumed. 
The uranyl ion undergoes no chemical change. 

For very low light intensities photoelectric cells and Geiger-Miiller 
counters (page 625) are useful, but in photochemical work it is usually 
the sensitivity of the chemical tests rather than the sensitivity of the 
radiation measurement which limits the accuracy. 

Photochemical Kinetics. The kinetics of photochemical reactions is 
more complicated than the kinetics of thermal reactions because more 
variables are involved. The intensity of light and the size and shape of 
the vessel may affect greatly the rate of the reaction. A photochemical 
reaction may be accompanied by a thermal reaction, identical with the 
photochemical reaction, or opposite to it, or entirely different in charac¬ 
ter. A photochemical reaction may produce a catalyst which then 
causes a thermal reaction to proceed at a measurable rate. Sometimes 
an induction period is necessaiy while a sufficient quantity of catalyst is 
being accumulated to make the reaction proceed with a measurable 
velocity. Again a thermal reaction once started may continue after 
the illumination is stopped, giving an aftereffect The energy available 
in a photochemical reaction is much greater than in the thermal reac¬ 
tion, and this fact often changes the character of the reaction. For 
example, the thermal dissociation of hydrogen iodide at 450® is bimolecu- 
lar (2HI ~ H 2 + I 2 ), but the photochemical reaction is imimolecular 
(HI — H -f- I) because the extra energy required to produce free atoms 
is available. 

Not only second-order and first-order reactions but zero-order reac¬ 
tions also are found in photochemistry. A zero-order reaction is one in 

* Leighton and Forbes, /. Am, Chem. Soc., 62, 3139 (1930). 
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which the rate is entirely independent of the concentration. For exam¬ 
ple, if the concentration is high and the light intensity is weak, the light 
intensity may be the limiting factor in the reaction rate, and the con¬ 
centration may be without influence on the rate. 

If the reaction cell is short, the absorption of light is slight, so that 
practically all parts of the reacting system have about the same illumi¬ 
nation, and stirring becomes unimportant. If, on the other hand, the 
light is largely absorbed in the first portion of the reacting system, the 
extent of the reaction will vary with the depth, and vigorous stirring 
may be necessary to give imiform and reproducible conditions, particu¬ 
larly in long cells. 

If light causes a reaction in one direction, giving a zero-order reac¬ 
tion, and a thermal reaction occurs in the opposite direction propor¬ 
tional to the concentration of the photochemical product, a stationary 
state will eventually be produced in which the two rates are exactly 
equal. The situation is described mathematically by the following 
equation: 


dx 

dt 


^photo^ ^Ihermal*^ 


(5) 


where /Cphoto and ^tjiermai are the specific reaction rates of the photochem¬ 
ical and thermal reactions and x is the amount of material produced by 
the photochemical reaction. When a steady state is reached, 


^plioto^ ^'thermal*^; and X 


^photo-^ 

^thermal 


( 6 ) 


The concentration of material in the stationary state changes with the 
intensity of the light. An example of this type of reaction is the photo- 
pobunerization of anthracene, dissolved in xylene. In the presence of 
ultraviolet light this substance forms dianthracene which has twice 
the molecular weight of anthracene, but in the dark the dianthracene 
is depolymerized, giving the original anthracene. 

The experimental determination of the quantum yield constitutes 
an excellent method for studying chain reactions (page 387). If several 
molecules of products are formed for each photon of light absorbed, 
the reaction is obviously a chain reaction in which the products of the 
reaction are able to activate additional molecules of reactants. 

The photocombination of hydrogen and chlorine is a classical ex¬ 
ample of such a reaction, about a million molecules reacting for each 
quantum absorbed. Each molecule of hydrochloric acid formed under¬ 
goes further reaction with the hydrogen and chlorine atoms produced 
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(page 388). The measurement of the number of molecules per photon 
gives a measure of the average number of molecules involved in the 
chain. 

In studying the kinetics of a photochemical reaction it is desirable 
to give the experimental facts by stating the quantum yield. For fur¬ 
ther information it is desirable to determine the influence of concentra¬ 
tion and thus establish the order of the reaction, to determine the 
influence of temperature and thus ascertain whether or not thermal 
reactions are playing an important part, and to determine the influence 
of light intensity. If the quantum yield changes with the light intensity 
(that is, the amount of the reaction is not directly proportional to the 
intensity of light), it may be concluded that the light intensity is not the 
limiting factor or that more than one reacting mole(;ule or fragment is 
produced by the light, each in turn taking part in secondary reactions. 

Writing a rate equation for the photochemical reaction, including a 
term for the intensity of the light, describes most (comprehensively the 
facts of a photochemical reaction. Although these expressions may be 
largely empirical, they frequently reveal much concerning the true 
mechanism of the reaction. 

Example 2. The following reactions describe the photochemical decomposi¬ 
tion of hydrogen bromide with light of 2530 A at 25°. The primary proc.ess 
disrupts the molecule into atoms of hydrogen and bromine whi(ch can then 
undergo further reactions. The quantum yield for the primary process is some¬ 
times designated by </>, whereas the quantum yield for the over-all reaction is 
designated by The intensity of light absorbed is designated by L 

(1) HBr 4- = H Br Rate = 0/ 

(2) H -f HBr = H 2 + Br Rate = fecnCnBr 

(3) Br + Br + (M) = Bra + (M) Rate = 

(4) H + Br 2 = HBr -f Br Rate = hcuCBT^ 

The over-all reaction is 

2HBr - H 2 4- Br 2 

Reaction 3 describing the recombination of bromine atoms requires a collision 
with a wall or a third molecule M in order to dissipate the heat of combination 
and permit the two atoms to remain united. 

Other reactions might be written on paper, such as Br 4- HBr = Br 2 4- H 
and Br 4- H 2 = HBr 4- H, but they involve breaking bonds which require so 
much energy for activation that they do not proceed at room temperature and 
may be neglected. 

As the bromine accumulates, reaction 4 becomes important and reduces the 
quantum yield. 
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These facts can be summarized by the expression for the disappearance of 
hydrogen bromide: 

1 (^4CBr2/^2CHBr) 

$ = -j- 0- 

1 “h (A:4CBr2/^2CHBr) 


When the concentration of bromine is zero at the beginning of the illumination 
or when mercury or other ^^acceptor^^ is added capable of removing the bromine 
chemically, 

$ = 2 </) = 2 


Photosensitization. Very often the molecules which absorb the light 
take part in the photochemical reaction only in an indirect manner and 
act merely as carriers of energy. One of the outstanding examples is 
that of mercury vapor, activated by the absorption of ultraviolet light 
of 2536.7 A which is emitted by a mercury-vapor lamp. The energy 
corresponding to this radiation is very large (112,000 cal), and it is more 
than the 102,400 cal necessary to dissociate hydrogen molecules. When 
mercury vapor is mixed with hydrogen and exposed to light from a 
mercury-vapor lamp, the chief reactions may be represented by the 
following equations, where Hg* represents an activated mercury atom: 


Ilg + hv=^ Hg* (7) 

llg* + H2 - Hg + 2H (8) 


The hydrogen is transparent to this radiation. The mercury acts as a 
photosensitizer, and the hydrogen atoms readily reduce metallic oxides, 
nitrous oxide, ethylene, carbon monoxide, and other materials. The 
excited mercury atoms decompose not only hydrogen but also ammonia 
and many different organic compounds. 

The photodecomposition of oxalic acid, sensitized by uranyl ion, has 
already been referred to as a reproducible reaction suitable for use as 
an actinometcr. The light is absorbed by the colored uranyl ion, and 
the energy is transferred to the colorless oxalic acid wliich then de¬ 
composes. The uranyl ion remains unchanged and can be used over 
and over again indefinitely as a sensitizer. It is probable that some 
kind of an ‘‘energy bridge,or loose chemical compound, or “complex’^ 
must be formed in order that this energy may be transferred. Sup¬ 
porting this view is the fact that the absorption of light is increased 
somewhat by adding colorless oxalic acid to a solution of uranyl ion. 
This change in absorption of light on mixing is one method by which 
chemical interaction of solutes (or gases) can be detected. Uranyl 
ion and light will not bring about chemical reaction in all substances 
even if the light energy is sufficient. Apparently the transfer of energy 
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during an ordinary instantaneous collision is not often possible; some 
kind of a loose or temporary chemical combination is helpful in giving 
favorable conditions for the transfer. 

Typical Reactions. A few typical photochemical reactions * are 
summarized in Table II. 

TABLE II 

Quantum Yields in Photochemical Reactions at Room Temperature 


Reaction 

Approxiinat(^ 
Wave Length 
Region in 
angstroms 

Approximate 

4> 

1. 2HI = H 2 + I 2 

3000-2800 

2 

2. S 2 O 8 ”h H 2 O = 2S()4 2H^ -f" 2^2 

3000-2500 

1 

3 . C 14 H 10 |(Ci4n,o)2 

<3000 

1-0 

4. 2NO2 -> 2 NO + O2 

4350 

0 


4050 

0.7 


3000 

1.5 (2) 

5. CH3CHO CO + CII4 (+ C 2 H 6 + H 2 ) 

3100 

0.5 


2537 

1 

6 . (CH3)2C0 CO 4- C 2 IU (+ CII 4 ) 

<3300 

0.2 

7. Croton aldehyde 

<3100 

0.0 

8. NII 3 5N2 + §112 

2100 

0.2 

9. Ti2C204 (+ UO2++) — CO + CO 2 + 

1120 (+ UO 2 ++) 

4300 2500 

0.5-0.6 

10. 2NO3- 2NO2- + O2 

3000-2500 

0.01-0.3 

11. CI2 + IIs 2 HC 1 

4000 

10^ 

12. Br2 + C6H,,CH=CHC001i -> 
C6H6C2H2Br2C00H 

<5500 

100-1 

13 . C 2 II 2 -> hc2n2)„ 

U 

2000 

7 

14 . CO + CI2 -> COCI2 

4000-4360 

1000 


Reaction 1 is one of the most exact photochemical reactions, and it has 
the same value of from 2800 to 3000 A, at low pressures and high 
pressures, in the liquid state or in solution in hexane. The primary 
process HI + Ap == H + I is followed by the thermal reactions H + HI 
= H 2 + I and I + I = I 2 ; thus giving two molecules of HI decomposed 
for each photon absorbed. Reaction 2 has a quantum yield of unity. 
Reaction 3 has a quantum yield of unity initially, but the reverse 


* Noyes and Leighton, ^Thotochemistry of Gases,” Reinhold Publishing Corp., 
New York, 1941, Appendixes, pages 415-465; Daniels, J. Phys. Chem,j 41, 713 (1938). 
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thermal reaction reduces it as the product accumulates. In reaction 4 
at 3660 A the photoprocess is completely efficient ( 1 > = 2) if correc¬ 
tion is made for internal screening by ibt' accompanying N 2 O 4 which 
absorbs some light at 3660 A. The ictions are NO 2 hv ^ NO 2 
NO 2 * + NO 2 = 2NO + O 2 where the asterisk indicates an activated 
molecule. At longer wave lengths the spectrum is of a different 
type, and at 4350 A no reaction occurs when the radiation is ab¬ 
sorbed. 

Reaction 5 likewise shows a greater photochemical efficiency at the 
shorter wave lengths where the absorption spectrum is different. This 
reaction is interesting because at 300® has a value of more than 300 
indicating that the free radicals which are first produced by the absorp¬ 
tion of light are able to propagate a chain reaction at the higher tem- 
])eratures. 

In reaction 6 the primary reaction is probably CH 3 COCH 3 hv 
Cdia + COCIT 3 . The acetyl radical can then decompose into CO and 
Clla, or it can react with CH 3 to give back acetone. At room tempera¬ 
ture it forms biacetyl (COCH 3 ) 2 . In crotonaldehyde, reaction 7, no 
photochemical decomposition is observed. 

In the photolysis of ammonia, reaction 8 , hydrogen atoms are split 
off, and the low yield is probably due to partial recombination of the 
fragments. The quantum yield varies with pressure and reaches a 
maximum at 80-90 mm. 

Reaction 9 illustrates a photosensitized reaction. Reaction 10 is 
complicated and depends on the pH of the solution. It is more efficient 
at the shorter wave lengths. Reaction 11 is the best-knovvn example of 
a chain reaction, and it is one of the longest chains. Oxygen and cer¬ 
tain other substances act as inhibitors by combining with the chlorine 
or hydrogen atoms, thus stopping the propagation of the chain and 
reducing the quantum yield. 

The addition of bromine to cinnamic acid, reaction 12, is a chain 
reaction, the length of which depends on the temperature and the con¬ 
centration of bromine and the amount of dissolved oxygen. The re¬ 
action can be split up into the primary photoprocess, which is not 
affected by temperature, and the subsequent thermal reaction which 
has a large temperature coefficient. When oxygen is removed, the 
breaking of chains is less frequent, and the quantum yield is of the 
order of hundreds and more. 

The polymerization of acetylene, reaction 13, to give an insoluble 
substance called cuprene, is effected by short ultraviolet light with a 
quantum yield of about 7, showing that the primary process is followed 
by a short chain reaction. 
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Reaction 14 varies with the pressures of carbon monoxide and chlorine 
and, like all chain reactions, is sensitive to impurities. * 

Luminescence. Wlien a solid body, a bar of iron, for example, is 
heated to about 500°, it becomes "^red hot^'; when the temperature is 
raised still higher, it becomes ^Svhite hot,^^ as the wave lengths of max¬ 
imum intensity shift toward the shorter end of the spectrum in accord¬ 
ance with Wien’s displacement law. It is possible, however, to produce 
light by other agencies than heat, and the radiation thus produced is 
called luminescence or sometimes ^Vold liglit.” In all cases the emission 
of visible light may be attributed to the return of an outer electron 
toward its normal position after being displaced by kinetic; bombard¬ 
ment of atoms and molecules, or by chemical or electric or other forms 
of energy. 

Chemiluminescence is the emission of light by certain chemical reac¬ 
tions. Thus Evans and Dufford t have shown that the oxidation of 
ether solutions of magnesium p-bromophenyl bromide gives rise to 
marked chemiluminescence, the greenish-blue glow which accompanies 
the exposure of the solution to air being visible in daylight. The oxida¬ 
tion of decaying wood containing certain forms of bacteria, of luedferin 
in fireflies, and of yellow phosphorus are further examples. 

Fluorescence is the emission of light by molecules or atoms which 
have been excited by the absorption of light, the fluorescent light 
having a wave length different from that of the incident radiation. In 
general, the wave length of the transformed radiation is greater than 
that of the incident radiation, indicating that, since the radiated light 
has a lesser amount of energy, the molecule has absorbcKl some energy. 
This relation, to which numerous exceptions have been found, was first 
enunciated by Stokes. When the incident radiation is cut off, fluores¬ 
cence ceases. 

Among the numerous substances which are known to exhibit the 
phenomenon of fluorescence may be mentioned fluorite (from which 
the phenomenon derived its name), uranium glass, petroleum, solu¬ 
tions of certain organic dyestuffs, eosin, fluorescein, quinine sulfate, 
chlorophyll, and the vapors of sodium, mercury, iodine, and acetone. 

The characteristic fluorescence of various substances when exposed 
to the invisible ultraviolet light provides an effective means of analysis 
in many cases, f Moreover, the intensity of fluorescence can be used 

* Further details of facts and theories for these and other photochemical reactions 
may be found in Noyes and Leighton, he. ciL 

t Evans and Dufford, J. Am. Chem. Soc., 46, 278 (1923). 

t Radley and Grant, ^^Fluorescence Analysis in Ultraviolet Light,D. Van 
Nostrand Co., New York, 1933. 
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for quantitative analysis. For example, the concentration of ribo¬ 
flavin in chloroform is determined by this method. The fluorescence 
produced by X rays falling on a film of barium platinocyanide or other 
material is the principle of the fluoroscope used in X-ray diagnosis. 

There are also many substances known Avhich continue to emit 
light for some time after the external light stimulus is removed. This 
phenomenon is termed phosphorescence. The sulfides of the alkaline 
earths may be mentioned as examples of phosphorescent substances. 
A trace of one of the heavy metals greatly intensifies the light emitted 
by a phosphorescent substance. Usually impurities, in the form, of 
mixed crystals, are necessary for phosphorescence. Many different 
colors are now available among the phosphorescent compounds. 

Bombardment by electrons produces luminescence in rarefied gases 
at low pressures and in certain organic and inorganic crystals. The 
amount of visible fluorescence produced by a given input of energy 
may be large. This is the basis of the development of ‘‘fluorescent^^ 
lighting. Alpha particles from radioactive elements produce bright 
luminescence when they hit a screen of zinc sulfide. Luminescent 
paints for watch dials are made by mixing the zinc sulfide and the 
radioactive material together with a binder. 

Considerable progress has been made in studying the effect of radia¬ 
tions on crystals. When X rays are passed tlirough certain crystalline 
materials, characteristic colors are produced. Potassium chloride and 
quartz become blue. The color of irradiated alkali halides is probably 
due to absorption of light by electrons which have been released by 
X rays and trapped in negative-ion “vacancies^^ in the crystal lattice. This 
explanation involving vacancies in an imperfect lattice has been helpful 
in understanding other properties of the colored crystals such as thermal 
bleaching and photoconductivity, and in developing certain aspects of 
the theory of the photographic process. 

Photography. If silver chloride or bromide is mixed with gelatine 
and given a very brief exposure to light, no change is observed; but, 
when it is immersed in a solution of a mild reducing agent, such, for 
example, as pyrogallic acid, the parts which have been exposed to light 
are developed; that is, they are reduced to metallic silver much more 
rapidly than the unexposed parts. The photographic plate consists 
of a large number of minute grains of crystalline silver halide; some 
of these grains are completely reduced by the developer to black metalHc 
silver, and others are imaffected. Apparently, it is necessary for a 
quantum of energy to strike a sensitive spot in the crystal lattice in 
order that the silver halide may be reduced to give a nucleus of silver 
which then spreads, on further reduction, to include the whole 
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grain. * These sensitive spots seem to be identified with minute impurities 
of silver sulfide in the crystal lattice which are particularly responsive to 
the action of light. By increasing the number of these sensitive spots 
and by other means the speed of photographic films and plates has been 
greatly increased; that is, satisfactory photographs can be made with 
much weaker light than was possible heretofore. 

The camera and lens focus the image of the object on the photographic 
plate; the brightest parts of the image have a greater concentration of 
photons, and, consequently, more grains arc reduced to silver. The un¬ 
affected grains are dissolved out with sodium thiosulfate (^^hypo’O 
the plate is washed and dried. The bright parts of the image become 
the dark spots on the plate, and the plate is therefore called a negative. 

In printing, the plate is placed over a paper coated with silver halide 
and exposed to the light. The dark spots of silver on the ne^gative 
absorb the light, whereas the unaffected areas permit light to pass 
through and act on the silver halide, producing a negative of the first 
negative. This double reversal produces a print in which the dark and 
light parts agree with the dark and light parts of the original object. 

The silver halides respond only to the ultraviolet and to the shorter 
wave lengths of the visible spectrum, but, if certain red dyes, such as 
dicyanin, are mixed in the emulsion, the plate becomes sensitive also 
to red. Such red-sensitive plates are called panchromatic plates and 
give much better tone values to colored objects. This phenomenon 
constitutes another example of photosensitization. The red light is 
less scattered than the blue, and much clearer pictures of distant objects 
through a hazy atmosphere are obtained with red-sensitive plates using 
a color filter which absorbs the blue. This method is used in aerial 
photography. 

Biological Applications of Photochemistry. The most important 
photochemical reaction in the world is the union of carbon dioxide and 
water in plants through the agency of sunhght and chlorophyll. Chloro¬ 
phyll is a complex organic compound containing magnesium, which 
gives to plants their green color. It absorbs red and blue and, to a lesser 
extent, green light, as shown in Fig. 27 on page 82. The activated 
chlorophyll thus formed is responsible for the production of the starting 
material for all plant growth, utilizing carbon dioxide and water. 

The important primary reaction involved in the growth of plants 
may be represented by the equation: 

CO 2 + H 2 O + /t*- + chlorophyll - (CH20)„ + O 2 + chlorophyll (9) 

n 

* James and Kornfeld, Chem. Rev., 30, 1 (1942). 
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Now the reaction, 

CeHiaOe + 6O2 6CO2 + 6H2O (10) 

evolves 672,000 cal of heat, and the reverse reaction must absorb 
672,000/6 or 112,000 cal per gram atom of carbon. The energy of 
activation required for reaction 9 must be at least as great as the endo¬ 
thermic heat of reaction (page 374). This energy of 112,000 cal per 
mole corresponds to a wave length of about 2300 A or less. Short 
ultraviolet light absorbed by carbon dioxide or water is known to bring 
about a reaction between carbon dioxide and water, but there is prac¬ 
tically no radiation of this wave length in the sun^s radiation that 
reaches the surface of the earth. 

Chlorophyll, however, acts as a photosensitizer, absorbing visible 
light and making it available for photosynthesis in the plant. But there 
is something unique about the rea(;tion. Photons of red light correspond 
to only 40,000 cal per mole, and yet they are able to do chemical work 
which demands at least 112,000 cal per mole. Obviously, nearly three 
or more photons must work together to bring about the reaction, but 
no other reaction has yet been observed in the laboratory where low- 
energy photons can add together in a single step to do a high-energy 
job of this kind. 

It is likely that reaction 9 takes place in several steps, each requiring 
one quantum, and each leading to a further partial reduction of the 
carbon dioxide. Experiments on algae show that the quantum yield 
under the most favorable condition is about 0.1 molecule of carbon 
dioxide consumed or oxygen evolved per quantum,* corresponding to 
an efficiency with red light of about 28 per cent. Previously, it had been 
erroneously thought that the quantum yield was 0.25, corresponding to 
a much higher efficiency. 

The reaction mechanisms are very complicated, but, by using radio¬ 
active carbon dioxide (page 663) as a tracer, it has been found that the 
first chemical intermediate produced in photosynthesis possesses both a 
carboxyl group and a hydroxyl group. Some type of polymerization 
then may give rise to cellulose or related products. Intensive research 
on the mechanisms of this important reaction is now going on.f 

Another photochemical reaction of biological importance is the pro¬ 
duction of vitamin D, which prevents rickets and brings about the 
normal deposition of calcium in growing bones. Steenbock found that 
rickets could be prevented by subjecting the food as well as the patient 

* Manning, Stauffer, Duggar, and Daniels, J. Am. Chem.. Soc., 60, 266 (1938). 

t Symposium, American Association for the Advancement of Science, Chicago, 
Dec. 27 and 28, 1947. 
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to ultraviolet light below 3100 A. Later the substance which is con¬ 
verted into vitamin D was traced to ergosterol. 

Example 3. When ergosterol is irradiated with ultraviolet light below 3100 A, 
vitamin D, the antirachitic vitamin, is produced in proportion to the number of 
quanta absorbed. When irradiated ergosterol was included in a diet otherwise 
devoid of vitamin D, it was found that absorbed radiant energy of about 750 ergs 
was necessary to prevent rickets in a rat when fed over a period of 2 weeks. The 
light used had a wave length of 2650 A. 

(a) How many (juanta are necessary to give 750 ergs? 

Q n V 1 pio 

e = /. = G.62 X 10- X = 7.5 X 10- 

750 

Number of quanta = —i Q-ri ^ ^ 

(b) If we assume that the primary photoprocess is the only chemical reaction 
how many molecules of vitamin D {)er day are necessary to prevent rickets in a 

1 00 V 10^4 

Molecules per day = -= 7.14 X 10^^ 

(c) If vitandn D has a molecular weight of the same order of magnitude as 
ergosterol (382), how many grams of vitamin D per day are necessary to prevent 
rickets in a rat? 

7 14 v' irp2 

Grams per day = g q 2 ^ 1023 X ^82 = 4.53 X IQ-® 

The first measurements of this type were made before the vitamin 
D had been isolated. After the vitamin was isolated in nearly pure 
form, it was found that 5 X 10“^ g per day was the minimum dosage 
required to prevent rickets in a rat. This value is in agreement with 
the quantity estimated from theoretical photochemistry at a time when 
the nature of the vitamin was still unknown. 

Muller and others have established the fact that mutations, leading 
to new species, can be produced in plants and insects by radiation with 
X rays. Apparently, the cells which are responsible for hereditary 
influence cannot be affected by mechanical methods without injur¬ 
ing the cells, but occasionally they can be influenced by photons of 
X rays. Injuries may result from overexposure. Collisions between 
photons of X rays and effective parts of the cells are very rare and can 
be detected only by the extraordinary magnification occurring in the 
growth of an organism. It has been suggested that some of the naturally 
occurring mutations which are responsible for the spontaneous origin of 
species and biological evolution are produced by cosmic radiation and 
gamma rays from traces of radioactive material, both of which are 
similar to X rays. 
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PROBLEMS 


1. (a) What is the energy per photon of violet light having a wave length of 
4000 A? 

(6) How many calories per mole are there in 1 einstcin (6.023 X 10'^*^ quanta) of 
this radiation? Ans. (a) 4.97 X 10~^^ erg per quantum. (6) 71,500 cal. 

2. The following calculations are made on a uranyl oxalate actinometer, on the 

assumption that the (energy of all wave lengths betwexm 2540 A and 4350 A is com¬ 
pletely absorbed. The actinometer contains 20 ml of M/20 oxalic acid which also is 
M/100 with respect to uranyl sulfate. After 2 hours of exposure to ultraviolet light, 
the solution required 34 ml of KMn 04 solution to titrate the undecomposed oxalic 
acid. The same volume, 20 ml, of unillumiiiated solution required 40 ml of the 
KMn 04 solution. If the average energy of the quanta in this range may be taken as 
corresponding to a wave length of 3500 A, how many ergs were absorbed per second 
in this experiment? Ans. 124,000 ergs. 

3. Th(^ photopolymerization of anthracene reaches a stationary state, owing to the 
thermal decomposition of the dianthracene. For the photoreaction the tempera¬ 
ture coefficient r is 1.1, and for the thermal reaction r is 2.8 where r is defined as 
fe-f lo/^e 

Calculate the effect of a 10° rise in temperature on the amount of dianthracene 
formed wlnm the photostationary state is reached. Ans. 60.7 pt^r cent decrease. 

4. A sample of gaseous acetone is irradiated with monochromatic light of a wave 
length of 3130 A. Light of this wave length decomposes the acetone according to 
the equation: 

(CH3)2C0 C 2 H 6 + CO 

The reaction cell used has a volume of 59 ml. The acetone vapor absorbs 91.5 per 
cent of the incident energy. During the experiment the following data arc obtained: 


Temperature of reaction 
Initial pressure 
Final pressure 
Time of radiation 
Incident energy 


= 56.7° 

= 766.3 mm 
= 783.2 mm 
«= 7 hours 

= 48,100 ergs per second 
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How many molecules are decomposed per quantum of absorbed energy; that is, 
what is the quantum 3 deld? Ans. 0.17 molecule per quantum. 

5. According to the hypothesis of Franck, the molecules of the halogens dis¬ 
sociate into one normal atom and one excited atom. The wave length of the con¬ 
vergence limit in the spectrum of iodine is 4995 A. 

(a) What is the. energy of dissociation of iodine into one normal and one excited 
atom? 

{h) The lowest excitation energy of the iodine atom is 0.94 volt. What is the 
energy corresponding to this excitation? 

(c) Compute the heat of dissociation of the iodine molecule into two normal atoms, 
and compare it with the value obtained from thermochemical data, 34.5 kcal per 
mole. Ans. (a) 57.22. ( 6 ) 21.67. (c) 35.55 kcal. 

6 . How many calories of sunlight of average wave length, 6000 A, will be required 

to synth(vsiz(^ a kilogram of carbohydrahi material (CH 2 O) if 10 photons are required 
for every molecule of carbon dioxide utilized? Ans. 15,780 kcal. 

7. A certain photochemical reaction requin^s an activation energy of 30,000 cal 
per mole. To what values does this correspond in the following units: (a) ergs per 
mokicule, (5) frequency of light, (r) wave number, id) wave length in angstroms, (c) 
electron volts. 

8 . If a n^action responds to both red and violet light, 7000 A and 4000 A, with an 
equal quantum efficiency, will there be more photochemi(;al reaction per 100 cal of 
light in the red or in the blue? IIow much more? 

9. The oxidation of rubrene (C 42 H 28 ) is effected by oxygen at a wave length of 
4360 A with a quantum efficiency of 1 molecule per quantum. How many calories 
of this light will be required to photo-oxidize 1 g of rubrene? 

10. In the pio(!ess of photosynthesis about 10 quanta of red light at 6200 A are 
required for the reaction of 1 molecule of carbon dioxide with 1 molecule of water, 
according to the reaction: 

CO 2 -f H 2 O = (CH 2 O) + O 2 

The heat of combustion of a carbohydrate (CH 2 O) evolves 112,000 cal of heat per 
carbon atom. Calculate the energy efficiency of the process, that is, the ratio of 
112,000 to the number of calories of light absorbed ptir mole. 

11. Chloroform is often kept in dark bottles to prevent photo-oxidation by air, 
giving phosgene which is poisonous. The quantum yield of the photo-oxidation has 
been reported to be about 100 molecules per photon with light of 4360 A. How 
many grams of chloroform will be photo-oxidized by 10 cal of this light? 

12. For 900 seconds light of 4360 A was passed into a carbon tetrachloride solu¬ 
tion containing bromine and cinnamic acid. The average energy absorbed was 
19,190 ergs per second. Some of the bromine reacted to give cinnamic acid dibro¬ 
mide, and, in this expe^riment, the total bromine content decreased by 3.83 X 10^^ 
molecules, (a) What was the quantum yield? (6) State whether or not a chain 
reaction was involved, (c) If a chain mechanism is involved, suggest suitable reac¬ 
tions which might explain the observed quantum yield. 

13. A cold high-voltage mercury lamp is to be used for a certain photochemical 
reaction which responds to ultraviolet light of 2537 A. The chemical analysis of 
the product is sensitive to only 10“^ mole. The lamp consumes 200 watts and 
converts 5 per cent of the electric energy into radiation of which 80 per cent is at 
2537 A. The amount of the light which gets into the monochromator and passes 
out of the rear slit is only 10 per cent of the total radiation of the lamp. Fifty per 
cent of this 2537 A radiation from the monochromator is absorbed in the reacting 
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system. The quantum yield is 0.4 molecule of product per quantum of light absorbed. 
How long an exposure must be given in this experiment if it is desired to measure 
the photochemical change with an accuracy of 1 per cent? 

14. Discuss the economic possibilities of using photochemical reactions in industry 
for valuable products with electricity at 1 cent per kilowatt/-hour. Assume that 
5 per cent of the electric energy consumed by a quartz-mercury-vapor lamp goes into 
light, and 30 per cent of this is photochemically effective. How much will it cost 
to produce 1 lb (453 g) of an organic compound having a molecular weight of 100, if 
the average effective wave length is assumed to be 4000 A and the reaction has a 
(luantum yield of 0.8 molecule per photon? How much will it cost if the reaction 
involvcis a chain reaction with a quantum yield of 100? 

15. (a) How many calories per mole is equivalent in energy to 2 electron volts? 
A lead storage battery gives about 2 volts. 

(h) How many calori(*s p(T mole is equivalent to 100,000 volts? X rays have 
energies of about 100,000 volts. 

(r) How many calories per mole is equivalent in energy to 20 million electron 
volts? Some; cosmic rays have energies of about 20 million electron volts. 

16. Ammonia is decomposed by ultravioltit light of 2000 A with a quantum yield of 
0.14 molecule per photon absorbed, (a) How many joules of this light would be 
necessary to decompose 1 g of ammonia? (6) Offer a suggestion to explain this 
comparatively low quantum yield. 

17. Nitrog('n dioxide is decomposed photochemically by light of 4050 A with 
a quantum yield of 0.5 molecule per photon, according to the reaction: 

2NO2 2 NO + O2 

The thermal reaction runs in the reverse direction. When an enclosed sample of 
nitrogen dioxide is illuminated for a long period of time, tlu^ quantum yield decreases 
and approaches zero. Suggest a mechanism to explain these facts, and write the 
chemical equations. 

18. Calculate the maximum possible theoretical yitdd in tons of carbohydrate 
material ( 11200 ) which can be produced on a square mile of land by green plants or 
trees during a 100-day growing season. Similar calculations apply to algae growing 
in a square mile of lake or ocean. Assume that the sun’s radiation averages 1.2 cal 
per square centimeter per minute for 10 hours per day and that one-half the area is 
covered by green leaves. Assume that one third of the radiation lies between 4000 
and 6500 A, which is the range of the light absorbed by chlorophyl, and that the 
average wave length is 5500 A. Assume that the leaves are thick enough to absorb 
practically all of the light which strikes them. The quantum yield under the most 
favorable circumstances has been established experimentally as 0.1; that is, 10 
photons with chlorophyl can produce one H 2 CO unit from 1 molecule of carbon 
dioxide and 1 molecule of water. Criticize these several assumptions. 


19. Two mechanisms have been proposed for the photochemical decomposition 
of NOCl: 

I NOCl -h -> NO -f Cl rJNOCI + hp NOCl* 

^ ICl + NOCl NO + CI 2 ^INOCI* -h NOCl 2NO + CI 2 

What quantum yield would be expected for each mechanism? Given the following 
experimental facts, state which mechanism is probably correct: 
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The range of wave lengths effective in decomposition lies between 3650 and 6400 A. 
The substance NOCl possesses w'ell-defined absorption bands above 2500 A, with 
no regions of continuous absorption. 

The minimum dissociation energy required to give NO and Cl is 46,400 cal. 

20. The photochemical reaction between bromine and hydrogen to give HBr 
using light of 5000 A has a quantum yield of zero below 150° and between 1 and 2 at 
higher temperatures. The quantum yield for the photochemical reaction between 
chlorine and hydrogen is about 10'^ Explain the difference in the behavior of bromine 
and chlorine. 

21, The photochemical oxidation of phosgene, sensitiz(jd by chlorine, has been 
studied by Rollefson and Montgomery. * The over-all reaction is 

2COCI2 + 02 = 2CO2 + 2CI2 

and the rate expression which gives the effect of the several variables is 

(^co2 _ f^ hccoch _ 

dt 1 + k ('(^ 12 / C02 

where lo is the intensity of the light. The quantum yield is about two molecules per 
quantum. Devise a series of chemical equations involving the existence of the free 
radicals CIO and COCl which will give a mechanism consistent with the rate expres¬ 
sion. 

* Rollefson and Montgomery, /. Aw. Cheni. JSoc.^ 56, 142, 4025 (1932), 
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ATOMIC AND NUCLEAR STRUCTURE 

The atom consists of a central nucleus of very small dimensions, 
approximately 10""^^ cm, in which is concentrated most of its mass, 
surrounded by electrons which give a total diameter of approximately 
10“^ cm. The nucleus itself consists of neutrons and positively charged 
protons. The number of external electrons is equal to the number of 
protons in the nucleus,'and this number, called the atomic number, 
determines the chemical behavior of the element. When the elements 
are arranged in order of increasing atomic number, they often fall into 
groups which have similar chemical properties. The weight of the atom 
depends on the sum of the weights of the protons and neutrons in the 
nucleus. 

The nucleus remains unchanged during all ordinary reactions, and it 
is only the arrangement of electrons outside of the nucleus w^hich is of 
interest in ordinary chemistry, where activation energies up to 100,000 
cal per mole are sufficient for most reactions. The nucleus itself can be 
disintegrated, however, with much higher energies of a billion calories 
and more. Again, some of the elements possess unstable nuclei and 
undergo spontaneous change into other elements; that is, they undergo 
radioactive decay. 

Conductance of Electricity through Gases. Experiments on the con¬ 
ductance of electricity through gases were carried out largely by J. J. 
Thomson and others in the English laboratories during the latter part 
of the past century. Their observations laid an experimental founda¬ 
tion on which much of our information regarding the structure of the 
atom and the structure of the nucleus is built. When two metal elec¬ 
trodes are placed in a glass vessel containing gas at atmospheric pres¬ 
sure, it is necessary to apply a potential of some 40,000 volts per centi¬ 
meter before any appreciable amount of current will pass through the 
gas. Under these conditions a spark is produced. If the pressure of the 
gas is reduced progressively, the spark becomes more uniform and 
broadens out. When the pressure is decreased to about 0.5 mm, the 
negative electrode, or the cathode, appears to be surrounded by a lumi¬ 
nous layer, and between this and the anode is a series of luminous stria- 
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tions separated by dark regions, the number of which depends on the 
pressure, the kind of gas, and the dimensions of the vessel. 

The current is carried between the electrodes partly by electrons and 
partly by gas ions. Positive gas ions are produced when molecules 
have one or more of their outer electrons removed, and negative ions 
are produced when the electrons become attached to other molecules. 
Gas ions, then, are similar to electrolytic ions, which have been studied 
in earlier chapters, but they are not governed by the usual valence 
rules. Mercury vapor, for example, can exist with 0, 1, 2, 3, 4, etc., 
charges. Furthermore, the electrolytic ions are present before the 
passage of the electric current, but the gas ions are produced chiefly by 
the current itself, the few original electrons and ions acquiring sufficient 
velocity in the electric field to collide with neutral molecules dislodging 
electrons from them and producing many more ions. The dark spaces 
in the discharge tube indicate the regions where the electrons have not 
yet developed sufficient kinetic energy to ionize or excite molecules. 
Light is produced when ions are discharged and electrons return toward 
their normal positions of lower energy level. As the pressure is further 
reduced, the luminous columns change in appearance, and below 
0,01 mm they disappear, and the glass wall opposite the cathode becomes 
luminescent. The color of this luminescence depends on the nature of 
the glass. It is produced by bombardment of the glass by negative 
particles or electrons driven out from the cathode. 

It was found that an opaque object placed in the path of the cathode 
rays casts a shadow and that the rays travel in straight lines from the 
cathode. A small paddle wheel was made to revolve by the cathode 
rays, thus showing that the rays possess mechanical energy. If a con¬ 
cave cathode is used, the rays can be focused on a piece of platinum or 
other material so as to produce incandescence, thus showing that the 
rays possess considerable energy which can be converted into heat. 
These cathode rays or electrons were found to penetrate very thin 
sheets of aluminum and other materials, the extent of the penetration 
depending on the density of the absorbing material and on the applied 
voltage. The electrical nature of these cathode rays was demonstrated 
by the fact that they were deflected in an electrostatic field toward the 
positive electrode, thus indicating a negative charge. Again, when a 
magnetic field was applied, they were deflected in a direction which indi¬ 
cated that negative charges were moving away from the cathode. 

Electrons, The experiments with cathode rays described in the pre¬ 
ceding section were followed by quantitative measurements of these 
negative particles or electrons which are now known to be the funda* 
mental units of electricity and which play a large part in the structur ? 
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of atoms and in chemical reactions. The determination of the ratio of 
charge to mass of the electron, the charge of the electron, and the mass 
of the electron will be outlined briefly. 

In an evacuated tube shown in Fig. 146 electrons are emitted from the 
negatively charged cathode C and attracted to the positively charged 
anode A, which has a small hole in it. The beam of electrons passing 
through this hole is rendered still sharper by passing through holes in 
several screens which are carefully aligned, so that a sharply defined 
fluorescent spot of light F is produced on the glass scale S. A magnetic 



Fig. 146. Apparatus for measuring the ratio of mass to charge for an electron. 


field H, not indicated in the figure, is applied of such strength that the 
spot of light moves down the scale to G. The force pulhng it down is 
ecpial to Hev where e is the charge and v the velocity of the electron. 
There is a centrifugal force equal to mv^/r wher':; r is the radius of 
curvature of the deflected beam, tending to return the electrons to a 
straight path hitting the scale at F, As long as the spot of light stays at 
the two forces are equal, and 

mv^ 

Hev =- 


mv 

Hr 

e 


An electrostatic potential E is now applied to the electrodes D and E 
which is just sufficient to return the spot of light to F, Then 

Ee = Hev (3) 


V 


( 4 ) 
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Both E and H are measured experimentally, and, thus, the velocity v 
can be determined. It is 6 X 10^ cm per second when the potential dif¬ 
ference between A and C is 10,000 volts. If the value of v is substituted 
into equation 2, it is possible to obtain the ratio m/e. At low velocities 
it is 5.684 X 10~® g per electromagnetic unit, and at higher velocities 
approaching the velocity of light the mass increases and approaches 
infinity, as predicted by the theory of relativity. 

The charge on the electron was determined in the classic oil drop 
apparatus of Millikan * shown in Fig. 147. 



Fig. 147. Millikan’s apparatus for measuring the charge of the electron 

A tiny droplet of oil is blown into a quiet thermostated air space be¬ 
tween two electrodes, and its rate of fall is cai’efully determined with a 
microscope and scale. The surrounding air is then ionized with an X-ray 
beam, and a potential is applied. The oil drop picks up electric charges 
by colliding with ionized molecules of oxygen or nitrogen and moves 
more rapidly. The potential can be reversed, thus reversing the direc¬ 
tion of the movement of the oil droplet. Since the speed of the move¬ 
ment is proportional to the number of charges, it is possible to calculate 
the magnitude of the charge by comparing the changes in velocity of the 
drop with the velocity when falling under the influence of gravity alone. 

Millikan observed that several different charges were quite commonly 
acquired by a single drop, but in every case the total charge was invari¬ 
ably an exact integral multiple of an elemental charge e. The value of 
e obtained in this way and corrected for recent measurements on the 
viscosity of air is 1.602 X 10““^® coulomb or 1.602 X 10““^® electromag¬ 
netic unit. 

X Rays and Atomic Numbers. In 1895 Roentgen found that a cov¬ 
ered photographic plate was affected when placed near a tube in which 


* Millikan, Phys, Rev., 39, 349 (1911); 2, 109 (1913). 
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cathode rays were generated. The bombardment of the cathode rays 
on the walls produced radiation which he called “X ray s’this radia¬ 
tion was able to pass through objects which were opaque to ordinary 
light and act on photographic plates or produce fluorescence in certain 
crystals. These X rays were not deflected by an electrostatic nor an 
electromagnetic field and were, in fact, light rays of very short wave 
length. 

Moseley placed different elements as targets in an X-ray tube and 
determined the wave length of the X rays, using a crystal as a reflection 
grating (page 48). As the atomic weight of the element increased, the 
wave length of the X rays decreased. The X-ray spectrum was quite 
simple, involving two lines, close together. In the heavier elements a 
second series of characteristic X-ray lines was found, and these too 
became disi)laced in the direction of shorter wave lengths as the atomic 
weight in(;reased. In the heaviest elements a third series of X-ray lines 
was found. These three series are known as the iv, L, and M series, 
respectively, and the doublets are designated as alpha and beta lines. 
Moseley arranged the elements in increasing atomic weights, starting 
with hydrogen and counting the elements 1, 2, 3, 4, etc., as they occur 
in the periodic table. The frequencies v of the X rays were calculated 
by dividing the wave lengths of the X rays in centuneters into the 
velocity of light. When Moseley plotted the square root of these fre¬ 
quencies against the atomic number Z of the elements, he found that 
approximately straight lines were produced, as shown in Fig. 148. 

Expressed mathematically, 

== constant X Z (5) 

This atomic number Z is a fundamental constant. It is equal to the 
positive charge on the nucleus of the atom which in turn is the same 
as the number of electrons surrounding the nucleus in the uncharged 
atom. 

The arrangement of elements according to their atomic numbers 
straightened out certain anomalies in the periodic table. Potassium 
follows argon, nickel follows cobalt, and iodine follows tellurium, in 
spite of the fact that classification by atomic weights puts them in the 
reverse order. The existence of nuclei with different weights but the 
same atomic number explains why this order is reversed and shows that 
the atomic number is a more fundamental property than the atomic 
weight. When Moseley prepared his table of atomic numbers in 1914, 
there were six gaps corresponding to six missing elements, but all of 
these have since been filled. Before the discovery of Moseley’s relation 
there was doubt concerning the number of rare earth elements because 
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■Fig. 148. Relation of atomic numbers of the elements to the frequencies of the 

X rays emitted. 
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the chemistry of these elements is so much alike. By referring to the 
graph of Fig. 148 it was found that, to make the line continuous, there 
should be 14 rare earth elements; also a homologue of zirconium between 
barium and tantalum. Thirteen of these positions could be filled from 
rare earth metals then known, and the homologue of zirconium was 
found later by Coster and Hevesy and called hafnium. 

The Discovery of Radium. Following Roentgen’s discovery of 
X rays, Becquerel studied the action of a number of fluorescent sub¬ 
stances on a covered photographic plate. He had considered the pos¬ 
sibility that those crystals which exhibited fluorescence under the action 
of X rays might emit X rays when caused to fluoresce by exposure to 
sunlight. Among the materials with which Becquerel experimented 
were salts of uranium and he found that a photographic plate brought 
near a fluorescent uranium salt was darkened by subsequent develop¬ 
ment, even though the photographic plate had been protected by an 
opaque cover. In carrying out a proper control experiment he was sur¬ 
prised to find that exposure to sunlight with the attendant fluorescence 
was not necessary for the action on the photographic plate. Further¬ 
more, uranous and uranic salts both gave similar photographic action, 
in spite of the fact that the uranous salts were not fluorescent. Here, 
then, was the discovery of a spontaneous emission from some substances 
of penetrating rays similar to X rays. The phenomenon was called 
radioactivity. 

In a classic investigation Professor and Madame Curie carried out a 
systematic examination of uranium minerals and found that one of 
them, pitchblende, was considerably more radioactive than uranium 
itself. With this clue they separated from tons of pitchblende a trace 
of a substance which possessed great radioactivity. After extensive 
chemical purification and a great many recrystallizations Professor and 
Madame Curie discovered the element radium. 

Alpha, Beta, and Gamma Rays. The radiations emitted by the radio¬ 
active elements are of three kinds. The alpha particles have a mass 
equal to that of the helium nucleus and are shot out with a velocity about 
one-tenth that of light. They have a positive charge of two units and 
are deflected slightly in an electrostatic or magnetic field. They possess 
great ionizing power but relatively little penetrating power—only a few 
centimeters in air at atmospheric pressure. The beta rays consist of 
negatively charged particles moving with speeds varying from nine 
tenths of the speed of light to much lower velocities. Whereas the alpha 
particles emitted by a particular radioelement have a definite velocity, 
the corresponding beta-ray emission consists of a flight of particles hav¬ 
ing widely different speeds. The penetrating power of the beta rays is 
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conditioned by the speed of the particles, those which move most rapidly 
possessing the greatest penetrating power. The ionizing action of the 
beta rays is weaker than that of the alpha rays per unit length of path, 
but the total number of ions produced by an alpha particle and a beta 
particle of the same energy is about the same. The beta rays are greatly 
deflected by an electrostatic or magnetic field. The gamma rays con¬ 
sist of electromagnetic radiations like X rays, except that they come 
from the nucleus, whereas the X rays come from electron displacements 
outside the nucleus. Obviously, gamma rays cannot be deflected from 
a rectilinear path by either electric or magnetic fields. The relative 
penetrating power of the three rays are roughly in the order 1, 100, and 
10,000 for the alpha, beta, and gamma rays. 

When a current of air is passed through a solution of a radium salt, a 
small volume of a very radioactive gas is obtained. With the help of 
an extremely sensitive microbalance it was found to have an atomic 
weight of 222. This fact and the chemical inertness of the gas showed 
that it belonged to the group of rare gase^s of the zero group in the 
periodic table. It was given the name radon. 

Direct proof of the nature of alpha rays was obtained by an experi¬ 
ment in which a very thin glass bulb was filled with radon and some 
radium and then enclosed in an outer glass tube with suitable windows. 
The outer tube was evacuated and allowed to stand. After several days 
the spectrum of helium was observed in the outer vessel when an electric 
discharge was applied. In a control experiment the inner bulb was 
filled with pure helium under pressure, but no trace of helium gas could 
be detected spectroscopically. These experiments showed that the 
helium as such could not go through the thin glass walls, but that the 
alpha particles were able to penetrate the walls and after losing their 
velocities became helium atoms. The nuclear reaction for this proc¬ 
ess is: 

Ra —> Rn + He 

The atomic weight of the original radium is 226, the atomic weight of 
radon is 222, and that of helium is 4. 

Measurement of Radioactivity. Action on a photographic plate 
through opaque paper constitutes one of the simplest qualitative tests 
for the radioactivity of a substance. This method can be used to 
reveal the distribution of a radioactive substance within an object, 
such as a mineral or a leaf. 

Some materials such as zinc sulfide become luminous when exposed 
to radiation from a radioactive material, and the intensity of this 
radioluminescence is roughly proportional to the radioactivity. When 
examined with a lens, the luminescence is seen to consist of a series of 
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scintillations caused by the bombardment of alpha particles on the 
zinc sulfide. Practical use of this phenomenon is made in luminous 
paints, which are used, for example, on watch dials. A low-grade mate¬ 
rial of feeble radioactivity is mixed intimately with zinc sulfide, and the 
resulting scintillations are so frequent as to produce a uniform glow to 
the unaided eye. 

A quantitative measure of radioactivity is obtained with ionization 
chambers. The radioactive material sends out radiations which ionize 
the surrounding gas, and, when an electrostatic field of the proper 
voltage is applied, the resulting current is a measure of the number of 
ions produced, which, in turn, is a measure of the radioactivity for a 
given species. The current is measured by means of an electrometer, oi 
an electron-tube circuit. The most sensitive instrument is the Geiger- 
Muller counter, which can detect individual ionizing particles. It con¬ 
sists of a wire in the center of a metal cylinder enclosed in a tube with 
a suitable gas. The wire is maintained at a potential several hundred 
volts positive to the cylinder, and the entrance of an ionizing particle 
produces a momentary flow of current, multiplied by ionic collisions, 
which is amplified and caused to operate a counting dial. 

The Wilson cloud chamber provides important means for studying 
ionizing rays. The paths of individual alpha or beta particles or ejected 
electrons are rendered visible by shooting the particles into a chamber 
containing supersaturated water vapor. Each alpha particle produces 
about 100,000 gas ions, and each of these ions condenses a droplet of 
water. The alpha particles travel in straight lines and leave behind them 
a wake of water droplets which are illustrated scl)ematical]y in Fig. 149. 



Alpha particles Beta particles Gamma rays 

(X Rays) 

Fia. 149. Cloud tracks showing alpha, beta, and gamma rays. 

Beta rays are more easily deflected, and their paths are quite crooked. 
Gamma rays or X rays release a large number of secondary electrons 
from the molecules which they strike. The energy of these secondary 
electrons is lower, and the paths are short and crooked. A photograph 
of alpha-particle tracks is shown in Fig. 156 on page 641. 
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Avogadro’s Constant. Since it has been proved that each alpha 
particle is transformed into a helium atom and since we can count the 
alpha particles and measure the volume of helium, Ave have at once a 
direct method for determining the number of molecules in a gram mol¬ 
ecule of helium, and this number is called the Avogadro constant. 

Example 1. Rutherford and Geiger found that radium emits 3.4 X 10^° 
alpha particles per gram per second. Rutherford and Boltwood found that 
radium produces helium at the rate of 1.07 X 10“^ ml per gram per day, meas¬ 
ured under standard conditions. What is the value of the Avogadro constant? 

22,400 

—X 3.4 X ]0’« X 24 X 60 X 60 - 6.15 X KP 

i-.U/ /\ -lU 

The direct counting of alpha particles combined with a measurement 
of the total charge of electricity carried hy a lai’ge number of alpha 
particles gave a value of «3.1 X (‘oulomb per alpha particle. De¬ 

flection in an electrostatic field was in the direction which showed that 
the charge was pc^sitive. Since the fundamental unit of electricity (the 
charge on the electron) is 1.602 X 10”“^^ coulomb, the alidia particle 
must carry two positive charges. 

The measurement of the charge on the electron gives a more accurate 
method for calculating Avogadro’s constant. 


Example The charge on the electron is 1.602 X 10~ '^ (‘oulomh. WIkmi 
water is electrolyzed, each electron releases an atom of hydrogen at tlio (‘nthod,\ 
and 96,490 coulombs release 1.0070 g of hydrogen ions. What is the Avogadro 
number? 

Fur hydrogen ions. 


in 1.0076 g 

e 96,496 coulombs 


= 1.044 X 10 ^ g (coulomb ^ 


Since the charge on the hydrogen ion is the same as that of the electron, 


m = 1.0449 X 10- ^ X 1-602 X 10~^® - 1.6739 X IQ-^^ g 


The Avogadro constant, the number of atoms in a gram atom or ions in a gram 
ion, then, is 


1.0076 

1.6739 X 10--^ 


= 6.025 X 1023 


After the weight of a single atom of hydrogen has been established, 
the weight in grams of a single atom of any other element may be de¬ 
termined by dividing its atomic weight by 6.02 X 

The mass of the individual electron can be determined also. On 
page 620 it was shown that m/e for the electron is 5.684 X 10“^ g per 
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3oulomb; for hydrogen it is 1.044 X 10 Then 
m 

— (liydrogen ion) 

e 

m 

— (electron) 
c 

Since the charges arc equal, the mass of the electron must be 1 /1837 the 
mass of the hydrogen ion. Inasmuch as the weight of the latter is 1.0073, 
the weight of the electron on the atomic weight scale is 0.000549. 

Disintegration of the Radioelements. Most of the elements with 
atomic numbers gi’eater than that of lead, 82, are unstable and undergo 
radioactive disintegration into lighter elements. This involves changes 
in the nuclei of the atoms, whereas ordinary chemi(;al reactions involve 
changes only in the arrangement of atoms in molecules. The nuclear 
changes have encu-gies of the order of 10‘^ cal per mole and more, whereas 
molecular changes require energies of only 10^ to 10’^ cal per mole. The 
energies involvc^d in nuclear disintegrations are so great that the slight 
increases in energy produced by raising the temperature are entirely 
negligible, and, as a result, no detectable change in the rate of radioactive 
disintegrations has been observed in studies extending from liquid air 
temperatures to 1000°. 

Again the radioactivity of an element is unaffected by chemical 
combination with other elements. 

It will be shown presently that radioactivity is not confined to the 
heavy elements; in fact, radioactivity has been produced in most of the 
elements. 

In all radioactive disintegrations the number of atoms disintegrating 
is proportional to the numbei- present; and so radioactive decay always 
follows the first-order equation: 

dn 

- — ]zn (()) 

di 


1.044 X 10“*'^ 
5.684 X I0-"^ 


and the number n of atoms (or gram atoms) remaining unchanged after 
time t is given by the expression, 


2.303 no 

k --log — 

t n 


( 7 ) 


where no is the number at the beginning, when t = 0. The exponential 
expressions are used more commonly than the logarithmic for studying 
radioactivity. Thus: 

^kt 


n = noe 


( 8 ) 
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When one radioactive element disintegrates, another may be formed, 
and the disintegration constant of the second radioelement is usually 
different from that of the first one. A series of consecutive first-order 
decompositions results which can be handled by the methods of dif¬ 
ferential equations, as illustrated on page 357. Radon is produced 
continuously by the disintegration of radium; and radon immediately 
disintegrates into another radioelement, radium A. The rate at which 
radon is produced from a quantity of radium is given by the expression 
kiUi, where Ui is the number of radium atoms, and is the disintegra¬ 
tion constant of radiiun or the fraction disintegrating per unit of time; 
the rate at which it decomposes is given by the expression where 
712 is number of radon atoms and A ^2 is the disintegration constant of 
radon. Wlien the rate of production of a radioclement from its parent 
element is equal to its rate of disintegration into the next succeeding 
element of the series, the substance is said to be in radioactive equi¬ 
librium. Under equilibrium conditions, radon is decomposing at the 
same rate that it is being formed, and 


kiTii = k2n2 

Then, at equilibrium, 

__ k 2 ^ 

^2 ki i^^2 


(9) 


where is the period of half-life or 0.693/A:. 

If the life of the parent element is long compared with the life of the 
disintegration products, and if sufl[icient time is allowed for equilibrium 
to be attained, the ratio of the quantities of successive radioclements 
is the same as the ratio of their half-lives. It is evident that the short¬ 
lived elements cannot accumulate in large quantities, but because of 
their rapid disintegration they may contribute largely to the radio¬ 
activity of the total material. 


Example 3. Radium loses an alpha particle and leaves a gaseous element, 
radon. For the radio disintegration of radium, — 1590 years and for radon 
= 3.82 days. How many milliliters of radon at 25and 1 atm are in equi¬ 
librium with 1 g of radium? 

1 g radium = = 0.00442 gram atom 

^Ra _ 

0.00442 ^ 1590 X 365.25 
WRn 3.82 

riRn = 2.91 X 10 gram atom 

298 1 

Volume radon - 2.91 X lO-^ x 22.414 X = 7.11 X 10“^ ml 

^4 d.l 
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When a short-lived radio element is removed from its long-lived 
parent, a new supply of the daughter element is regenerated, rapidly at 
first and then more slowly as the rate of decay of the daughter element 
increases, owing to the presence of the larger quantity which has ac¬ 
cumulated. Thus, when gaseous radon is pumped or swept out of a 
solution of a radium salt with a current of air, the radium loses some of 
the short-lived beta and gamma radioactivity but regains it as the radon 
and its further decay products are allowed to accumulate again. If 
the decay of the daughter element is given by equation 8, the accumula¬ 
tion of the daughter element and the recovery of the original activity 
is given by the equation: 

n = ?io(l — (10) 

There are several radioactive decay series, three of which are shown 
in Fig. 160. The at()ini(* numbers are given at the right in each series. 


DISINTEGRATION SERIES OF THE RADIOELEMENTS 

Kama Group At. Weight At. Nutubcr Neme Grtjup At. Weight At. Number Name Group At. Weight At. NumW 



Fig. 150. Disintegration series of the naturally radioactive heavy elements. 

The type of radioactivity alpha or beta rays is given in small circles, 
the half-life is written under the element, and the chemical properties 
are indicated by the roman numerals which give the group in the periodic 
table (page 665). 
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Fajans and Soddy placed these radioelements in the periodic table as 
shown in Fig. 161 and pointed out in 1913 that the emission of an alpha 
particle causes a radioactive element to shift its position in the periodic 
table two places in the direction of decreasing atomic weights^ and the 
emission of a beta particle causes it to shift one place in the periodic 
table in the opposite direction. 

When an alpha particle with its mass of four and its two positive 
charges is emitted, the new nucleus weighs four units less and has two 



Fig. 151. The positions of the heavy radioactive elements in the periodic table. 


positive charges less. The charge on the nucleus is the atomic number, 
and, hence, the atomic number decreases by two. When a beta partiede 
with its negative charge is emitted, there is no appreciable loss of mass, 
but the positive charges on the nucleus are increased by one; that is, the 
atomic number increases by one. 

A striking feature of this table is the fact that the decay series of 
uranium and thorium lead to the occurrence of several individual mem¬ 
bers of a group which occupy the same position in the periodic table 
and have the same chemical properties but have different atomic weights. 
These different substances having the same chemical properties but 
different atomic weights are called isotopes. 
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Mass Spectrometer. The positive ions in an electric discharge are 
repelled by the anode and move rapidly toward the cathode. If a 
tube with a perforated cathode is used, they will pass through the 
perforations into the space behind the cathode where their properties 
may be studied. These rays were called 'positive rays by Sir J. J. Thom¬ 
son, who used an ingenious method for the determination of the indi¬ 
vidual masses of the positively charged particles by sifting them out 
onto a photographic plate. The 
mass spectrometer for se])arating 
ions of different mass has been con¬ 
stantly improved until now the 
atomic masses of isotopes can be 
determined with much greater ac¬ 
curacy than the atomic weights can 
be determined by chemi(^al means. 

The principle of the mass spec¬ 
trograph is illustrated in Fig. 162. 

A beam of positive ions is produced 
by bombardment of gaseous ions 
with electrons from a heated fila¬ 
ment at a definite potential and 
thrown out through the slits si and 
82 . The particles then pass through 
the electrostatic field A between Bi Fig. 152. Principle of the mass siwc- 
and B 2 , at right angles to Avhich trograph. 

there is also an ele(;tromagn(itic 

field II. Onh^ those ions which have a velocity ccjual to X/II will pass 
through slit 83 ; the others will all curve around so as to miss the exit 
slit. All ions that do g(‘t through have the same velocity, and they arc 
curved around by a powerful magnetic field through an arc of 180° so 
as to hit the photographic plate P. 

The radius of curvature of the ion beam represented by R is given 
by the relation: 



mv 



( 11 ) 


Since the charge on the ion, the magnetic field, and the velocity are 
all constant, the radius or the position on the photographic plate is 
directly proportional to the mass. The plate is calibrated with ions 
of known mass. 

Care is necessary in the interpretation of results because the particles 
may have two or more charges, and there may be ionized fragments of 
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molecules, such as CH”^, CH 2 "*", and or hydrides may be formed 

with impurities of hydrogen. 

Often it is important to know not only what isotopes are present but 
also their relative abundance. The blackening on a photographic plate 


20 2 S 32 36363738 44 
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Atomic mass units 
Isotopes of ordinary lead 


Fig. 153. Isotopes of elements as determined with the mass spectrometer. 

Is an approximate measure of the ions hitting the plate at a given posi¬ 
tion, but better results can be obtained with an electrical method in 
which all the ions entering a slit are caught in a chamber from which 
the charges leak off through an electric circuit. The feeble currents are 
amplified with electron tubes and read with a galvanometer. Instead 
of moving the slit along to intercept ion beams having different ratios 
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of m/e, it is simpler to change the accelerating voltage. The galva¬ 
nometer reading at a setting of a given isotope is a measure of the number 
of ions and the ratio of peaks in the ionization current is a direct measure 
of the ratio of the abundance of the isotopes. 

In Fig. 163 the first two mass spectrograms are taken from measure¬ 
ments of Aston on the isotopes of chlorine and the fragments of methane 
produced by the action of electrons on methane. 

The isotopes of chlorine 35 and 37 and the corresponding hydrides 
36 and 38 are clearly shown. In the second spectrogram the slight 
difference in mass between oxygen and methane is evident. 

In the lowermost figure, taken from the work of Nier,* the relative 
a] 3 undance of the different isotopes of lead is given by the heights of the 
peaks obtained when the galva¬ 
nometer deflections are plotted 
against the mass of the isotopes. 

The isotopes of cadmium are 
shown in Fig. 164 as ol)tained by 
Professor A. J. Dcmipster f of the 
University of Chicago using a sen- ' t M I 

sitive mass spectrograph. The dif- I * | 

ferences in the two spectra are | i; M 

discussed later. § £ _ B 

The mass spectrometer dcvel- Isotopes of cadmium, 

oped by Nier is convenient for 

determining isotope ratios in tracer experiments. Metal chambers and 
slit systems are attached v ith special seals to a long tube of glass, with 
a curve in the middle vhich passes between the V-shaped poles of an 
electromagnet. Less than a milligram of material is needed for an 
analysis, and, when the spectrometer is operating properly, analysis 
may be made rapidly with an error of less than 0.1 per cent in the 
abundance ratio. 

Extensive use has been made of the mass spectrometer as an analyti¬ 
cal tool for following the separation of isotopes and for studying petro¬ 
leum reactions. Some of the fragments of organic vapors produced by 
thermal decomposition can be found with the mass spectrometer, par¬ 
ticularly if the ionization voltage for producing the ions is below the 
ionization potential of the undecomposed molecules. 

Occurrence of Isotopes. The development of the mass spectrograph 
as a precision instrument has led to the discovery of a large number of 
isotopes. The reference standard for chemical atomic weights is ordi- 

* Nier, J. Am, Chem. Soc.y 60, 1572 (1938). 

'^'jmneter, Pkya, Rev,y 71 , 829 (1947). 



110 111 112 113 114 116 

^ ^ ^ ^ ^ ^ 
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nary oxygen taken as 16, which is really a mixture of isotopes with the 
distribution = 498.8: == 0.2: = 1. The reference standard 

for the mass numbers, obtained with the mass spectrometer, is the 
lightest isotope of oxygen 0^^ It is a more definite standard than the 
ordinary oxygen in which the isotope ratios may change slightly, and it 
can be determined with greater accuracy than the chemical atomic 
weights, but in all chemical and physical-chemical calculations the 
chemical atomic weights are used. 



Fig. 155. Band spectra of carbon showing different spectra due to isotopes of carbon. 


Since the standard of atomic mass 0^^ is lighter than the mixture 
of oxygen isotopes, 1.000000 unit on the chemical or weight scale is 
equal to 1.000272 on the physical or mass scale. 

It has been known since 1913 that the atomic weight of lead can vary, 
depending on the source of the material. Lead obtained, for example, 
from a radioactive ore rich in uranium has a higher atomic weight than 
lead which is derived in part from the radio disintegration of thorium 
because the isotopes of lead from uranium are heavier. This situation 
may be understood by reference to Fig. 151. Moreover, it has been 
pointed out by Urey that in the lighter elements the atomic-weight meas¬ 
urements have about reached the limit of useful accuracy and that, if 
further accuracy is obtained, it will be necessary to take account of the 
concentration of isotopes which inevitably accompanies the chemical 
and physical operations of purification and analysis. 
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In Table III on page 640 are listed a few elements with their exact 
atomic masses obtained on the basis of mass spectrometer data together 
with the relative abundance of the different isotopes. 

The presence of oxygen isotopes having masses of 16, 17, and 18 was 
discovered by a study of bands in the absorption spectrum of the sun as 
its light passed through the atmosphere surrounding the earth. The 
heavier isotope of hydrogen, deuterium, was discovered by the appear¬ 
ance of a new neighboring line in the emission spectrum after con¬ 
tinued fractional distillation of hydrogen. The discovery of the heavier 
isotope of carbon, is shown in Fig. 166. This spectrogram, repro¬ 
duced with the permission of the University of Chicago Press, was ob¬ 
tained by King and Birge * * * § in carbon vapor at high temperatures. The 
band of lesser intensity due to the molecule is plainly evident 

at the right. 

Concentration of Isotopes. The ratio of isotopes may be altered by 
fractional diffusion or evaporation, or by centrifuging, or, in fact, by 
any physical or chemical method which makes use of the difference in 
weights. It will be remembered that the relative velocities of molecules 
are inversely proportional to the square roots of the molecular weights. 
Effective concentration of small quantities of isotopes has been accom¬ 
plished in the lighter elements with a battery of mercury diffusion 
pumps operating in series, t 

One of the simplest methods for concentrating isotopes combines 
thermal diffusion and convection. When a vertical central wire or 
tube is maintained at a temperature 200 or 300° above the walls of 
a larger containing tube and allowed to stand, the heavier constituents 
of an enclosed gas concentrate at the bottom of the tube.J Bromine 
and air in a glass tube can be seen to separate \vdthin a few minutes. 
In such a tube 60 ft high filled with methane the carbon at the bottom 
of the tube becomes enriched with in a few weeks from 1 per cent 
to several per cent, and by flowing a fresh supply of methane through 
slowly at the top it is possible to draw off at the bottom over 100 ml 
per day of the methane enriched with C^^.§ 

Isotopes may be separated also by chemical means, although isotopes 
were originally thought to have identical chemical properties. The 
natural vibration frequency of atoms in a molecule depends to a slight 
extent on the mass of the atoms involved, and this vibration frequency 

* King and Birge, Asirophys. J., 72, 24 (1930). 

t Hertz, Z, Physik, 79, 108 (1932). 

t Clusius and Dickel, Naturwiss., 26, 546 (1938); 27, 149 (1938); Brewer and 
Bramley, Phys. Rev,^ 66, 590 (1939). 

§ Taylor and Glockler, J. Chem. Phys., 7, 850 (1939); 8, 843 (1940). 
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affects the ‘^zero point energy/’ or the energy requirement at the very 
bottom of the Morse curve shown in Fig. 141 on page 588. In other 
words, there is a very slight difference in the activation energies for 
chemical reactions involving the isotopes. In competing reactions, then, 
the heavier isotope should react somewhat more slowly. The difference 
is sufficient for complete separation in the case of hydrogen where the 
masses are 1 and 2, but there is a chance also for a slight concentration 
of isotopes in the other light elements. This slight difference in reac¬ 
tivity shows up also in the position of chemical equilibrium.* For 
example, the equilibrium constant for the reaction, 

(g) + (aq) = (g) + (aq) 

is not unit}^; calculations show that it is 1.033. Thode and Urey f 
carried out experimental concentration of using this reaction in 
an effective column passing the ammonia gas up against a solution of 
ammonium nitrate flowing down. Concentration of up to 72 per 
cent was obtained, and the experimentally determined value of K was 
1.023. It is now possible to purchase J ammonium nitrate containing 
30 per cent of the ammonium nitrogen as heavy nitrogen Heavy 
carbon has been prepared by a similar riK^thod, using HCN gas 
and NaCN solution. 

The separation of isotopes has been considered as a very difficult 
laboratory operation, but during the last few years uranium 235 has 
been separated from uranium 238 on a large scale by two different 
methods. In one method the principle of the mass spectrometer was 
used. A volatile compound of uranium was ionized and shot out as 
streams of charged particles ^^'hich were then separated by the differ¬ 
ences in deflection in the field of a very large electromagnet. 

In the second method the uranium compound was allowed to diffuse 
through small holes in special barrier plates, the uranium 235 compound 
diffusing at a slightly faster rate than the uranium 238 compound. Con¬ 
tinuous operations with special machinery, on a very large scale, resulted 
in the accumulation of uranium 235. 

Stable isotopes of many of the elements have been separated by the 
electromagnetic method and are available for research throughout the 
world. § 

Urey and Greiff, J. Am. Chem. Soc.^ 67, 321 (1935). 

t Thode and Urey, J. Chem. Phys.y 7, 34 (1939). 

t Eastman Kodak Co., Rochester, N. Y. 

§ They can be rented at a nominal price from the U. S. Atomic Energy Commission 
at Oak Ridge, Tenn. 
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It is likely that all the slight differences in chemical behavior of 
isotopes, which makes their separation possible, have not yet been 
explored. The kinetic method, utilizing competing reactions which 
are not in equilibrium, should be investigated. 

A simple and effective means of separating the isotopes of hydrogen 
in these competitive reactions was found in the electrolysis of water.* 
Hydrogen contains 1 part of H^ in about 5000 parts of and, if most 
of the water in a given sample is electrolyzed away, the residue of water 
containing the last hydrogen to come off in the electrolysis is much 
richer in f 

The properties of tliis heavy isotope of hydrogen are so different 
from ordinary hydrogen that a special name was assigned to it— deu¬ 
terium^ the symbol for which is D. The process on a large scale now 
provides pracjtically pure D 2 O at about 50 cents per gram. 

The properties of water and heavy water are compared in Table I. 


TABLE 1 

PliOPEJiTIKS OF D2O AND H2O 



specific 

Gravitj'^ 

20° 

Freez¬ 

ing 

Point 

Hoi ling 
l\)int 

Heat 
Vaporiza¬ 
tion per 
Mole 

Surface 

Tension 

20° 

"S'iscosity 

20° 

X 10® 

Dielec¬ 

tric 

Con¬ 

stant 

Refrac¬ 
tive In¬ 
dex 

Solubility 
NaCl 
grams per 

1000 g 

D 20 

1.10.50 

3.82° 

101.42° 

0060 

67.8 

12.6 

80.5 

J 328*14 

30.5 

H 2 C) 

0.0082 

0 . 0 :) 

1(K).()() 

07(K) 

72.7.5 

10.00 

82.0 

1.33300 

3.59 


The Neutron. In 1932 the neidrov was discovered by Chadwick. 
Previous investigators had bombarded light elements with alpha parti¬ 
cles and obtained ionization effects at great distances. The nature of 
these penetrating radiations was in doubt, (.hadwick bombarded 
beryllium with alpha particles and showed by the great penetration, by 
the failure to produce cloud tracks, and by the failure to be deflected 
in a magnetic field that the effects were produced by an uncharged 
particle having the mass of the hydrogen atom. Moreover, these parti¬ 
cles were absorbed by paraffin and other hydrogen-containing materials, 
whereas they would penetrate man}^ substances of much greater density. 
This specific absorption indicated a new unit of matter with new prop¬ 
erties. This unit, called the neutron, had been predicted by Rutherford 
and by Harkins. 

* Washburn and Urey, Proc. NaU. Acad, >S>ct., 18, 496 (1932). 
t Lewis, J. Am. Chem. Soc.j 68 , 1297 (1933), 
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Neutrons can be detected by the ionizing particles which are pro¬ 
duced when they are absorbed by the nuclei of certain atoms, such as 
boron. An ionization chamber can be filled with a volatile boron (jom- 
pound, or a solid boron compound can be used as a target in a Geiger- 
Muller counter. The amount of ionization measured is directly propor¬ 
tional to the number of neutrons which are absorbed by the boron target. 

The neutron has approximately the mass of a hydrogen atom or pro¬ 
ton, but it has no charge. Owing to the absence of an electric charge, it 
is much more penetrating than alpha particles or beta particles. The 
neutrons suffer collision with atoms and accpiire velocities which can be 
calculated on the basis of the Maxwell-Boltzmann theory, with a dis¬ 
tribution which depends on temperature in the same way that the 
distribution of molecular velocities depends on temperature. When 
neutrons are emitted in fission (page 656), they may have very great 
velocities, corresponding to millions of electron volts. Their velocities 
are quickly reduced to those prevailing at room temperatiu'e by colli¬ 
sions with surrounding atoms, the light atoms with masses not greatly 
different from that of the neutrons being the most effective. 

Neutrons are absorbed by many different elements and isotopes. The 
efficiency of absorption is highly specific, as illustrated by the fact that 
neutrons will pass through deuterium compounds easily, but they are 
readily absorbed by hydrogen compounds. 

Nuclear Units. Rutherford found that, when alpha particles were 
passed through a thin sheet of metal, most of them continued their 
straight paths, but occiasionally an alpha particle would suffer a large 
deflection. Remembering that these alpha particles, with a mass four 
times that of a hydrogen atom, are traveling with one-tenth the velocity 
of light, he calculated that the large deflections cannot be explained on 
the basis of uniform distribution of matter but must be due to a colli¬ 
sion with material of greater density than anything which had hereto¬ 
fore been imagined. He came to the conclusion that the mass of the 
atom must be centered in a nucleus occupying a very small volume. 
Another line of evidence for atomic nuclei came from the hypothesis of 
Bohr in 1913. It was shown on page 570 that the lines of the hydrogen 
spectrum can be accurately predicted on the assumption of an electron 
moving around a central charged nucleus in elliptical orbits. The ini¬ 
tial success of this model was so great in interpreting the spectral lines 
in many elements that the idea of an atomic nucleus of great density 
became well established. 

Our knowledge of the composition of the nucleus and the fundamen¬ 
tal units of which matter is composed was greatly advanced in 1932, 
when, as already explained, the neutron was discovered. In the same 
year, the positron was discovered by Anderson, during an examination 
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in a cloud chamber of particles emitted during the bombardment of a 
gas by cosmic rays. A powerful magnetic field of known strength was 
placed across the chamber, and cloud tracks were obtained with such 
a large curvature that the particle producing the track could have a 
mass only of 0.000549 on the atomic weight scale, that is, the mass of 
an electron. But the curvature was in the w rong direction. In previous 
experiments, there was no way of telling in which of the two directions 
along the cloud track the particle was traveling. In this particular 
experiment the particle passed through a thin lead sheet, and a photo¬ 
graph was taken at right angles to the sheet. It showed the curvature 
of the path on one side to be greater than that on the other, and, hence, 
the particle was traveling through the lead in the direction pointing 
to the greater deflection (lower velocity). I'lie observed curvature 
in the magnetic field could be explained only on the assumption that 
the part icle was cdiarged positively. There has been abundant proof of 
the occurrence of these positively charged ^^electrons. 

Also in 1932 Urey discovered the hea\’y isotope of hydrogen or 
deuterium. The nucleus of this atom has a mass of 2 and one positive 
charge and is called the deuterou. The meson has a mass about 200 times 
that of the electron. It is produced from nuclei by cosmic rays or by 
particles of extremely high energy. 

Our building blocks of all matter then are given in Table II. Although 
electrons and positrons are given off when certain atomic nuclei disinte¬ 
grate, they do not necessarily exist in the nuclei as separate entities. 


TABLE II 
Primary Units 


Unit 

Symbol 

Mass' 

Charge 

Proton ^ 

V 

1.007582 

+ 

Electron 

e, y- 

0.000549 

— 

Neutron 

n 

1.00893 

0 

Positron 

e+, /3+ 

0.000549 

-f 

Deuterou 

d 

2.014176 

4- 

Alpha particle 

a 

4.002763 

2 + 

Meson 


^O.l 



^ On the physical scahi. 

^ The mass of the hydrogen atom is 1.007582 + 0.000549 — 1.00813. 

The nuclei of the atoms are composed of protons and neutrons. The 
number of protons in the nucleus is the atomic number, which deter¬ 
mines the chemical properties. The sum of the protons and the neutrons 
gives approximately the mass of the nucleus. The mass of the atom is 
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slightly greater than that of the nucleus on account of the presence of 
the electrons which surround the nucleus—0.000549 on the atomic 
weight scale for each electron. The number of electrons is equal to the 
atomic number. 

A given element may be composed of several different isotopes, each 
having the same niunber of protons and, hence, the same nuclear charge 
and atomic number, but different numbers of neutrons and, hence, dif¬ 
fering atomic masses. The atomic weight of the element is a weighted 
average of the masses of all the isotopes of which the element is com¬ 
posed. 

These fundamental relations are illustrated in Table III. Not all the 

TABLE Jll 

Composition of Somk Atomic’ Nuclei 


Element 

Sym¬ 

bol 

Atomic 

Number 

(Numb(‘r 

of 

Protons) 

Number of 
Protons Num¬ 
ber of Neutrons 

Atomic 
Mass of 
lsotop(‘ 

Abun¬ 
dance, 
per cent 

Atomic 
Weight of 
Elem(‘nt, 
Chemical 
Scab; 

Hydrogen 

iip 

1 

1 

1.0081 

99.98 

1.0080 

Deuterium 

ill' 

1 

14-1- 2 

2.0147 

0.02 


Tritium 

iH» 

1 

1 -h 2 = 3 

3.0170 

unstable 


Lithium 

sLi® 

3 

3 43 - 6 

6.0170 

7.5 

6.940 


sLi’ 

3 

3 4 4 - 7 

7.0182 

92.5 


Carbon 


6 

6 4 6 = 12 

12.0038 

98.9 

12.010 


eC'3 

6 

6 4 7 = 13 

13.0075 

1.1 




c 

6 4 8 = 14 , 

14.0077 

unstable 


Nitrogen 

7N>'’ 

7 

7 4 6 = 13 

13.0099 

unstable 



tN'-* 

7 

7 4 7 = 14 

14.0075 

99.62 

14.008 


7N“ 

7 

7 4 8 = 15 

15.0049 

0.38 


Oxygen 

80'« 

8 

8 4 8 = 16 

16.0000 

99.76 

16.000 


80" 

i 8 

8 4 9 = 17 

17.0045 

0.04 



80'« 

8 

8 4 10 = 18 

18.0049 

0.20 


Chlorine 

nCP* 

17 

17 4 18 = 35 

34.9787 

75.4 

35.457 


itCP 

17 

17 4 20 = 37 

36.9775 

24.6 


Copper 

J9Cu“ 

29 

29 4 34 = 63 

63 

70.13 

63.54 


29Cu« 

29 

29 4 36 = 65 

65 

29.87 


Lead 


82 

82 4 124 = 206 

206 

23.6 

207.21 


82Pb“’ 

82 

82 4 125 = 207 

207 

22.6 



82Pb“« 

82 

82 4 126 = 208 

208 

52.3 


Uranium 

92U=«‘ 

92 

92 4 142 = 234 

234 

0.005 

238.07 


MU'" 

92 

92 4 143 = 235 

235 

0.72 



mU^** 

92 

92 4 146 = 238 

238 

99.27 
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isotopes are shown in this table. For example, in addition to the two 
stable isotopes 35 and 37, chlorine has four unstable isotopes, which 
can be produced in the laboratory, each with 17 protons and the follow¬ 
ing number of neutrons; 16, 17, 19, 21. Most of the known isotopes are 
recorded in Table VI on page 647.. 

Transmutation. It was known that the heaviest metals disintegrate 
spontaneously, and attempts were made to disintegrate other elements 
by artificial means. Alpha particles 
with their enormous kinetic energy 
were used successfully as missiles by 
Rutherford and C.hadwiek in 1921 to 
disintegrate niti’ogen atoms. The 
alpha particles have a definite range 
in nitrogen of about 7 cm, but some 
'flashes of light, apparentl}’' due to 
the impact of fast-moving particles, 
could be detected on a sensitive 
screen at mucli greater distances. 

Deflections in a magnc'tic field indi¬ 
cated that the particles which caused 
tliese scintillations Avere protons. 

It might be expected that, if an 
alpha particle hits a hydrogen atom 
squarely, the hydrogen atom with 
a mass one fourth as great could 
travel considerably farther—up to 
28 cm. As a matter of fact, in pure 
nitrogen, flashes \\^ere detected up to 
a distance of 40 cm. Such a great 
range was explained on the hypothesis that the nucleus of the nitrogen 
atom is actually altered by the collision with the alpha particle, and 
intra-atomic energy is released which drives the proton out with great 
additional force. Several other light elements such as boron and fluorine 
were disintegrated in the same way. 

An actual disintegration of a nitrogen nucleus by bombardment 
with an alpha particle is shown in Fig. 166 taken from an early photo¬ 
graph by Professor W. D. Harkins of the University of Chicago.* This 
photograph is one of some 34,000 photographs of the cloud tracks of 
alpha particles. Most of the tracks are straight lines, as indicated 
schematically in Fig. 149 on page 625, but the second track from the 
left just below the middle of Fig. 156 shows a sharp deflection to the 

* Harkins and Shadduck, Proc. NaH, Acad, Sci.f 12, 709 (1926) 
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left and a very faint horizontal line (visible in the original). In this 
rare collision the alpha particle made a direct hit on the nucleus of the 
nitrogen atom, and the new nucleus is unstable, with the result that a 
pfroton is expelled horizontally to the right, and the remaining stable 
nucleus, probably goes off toward the left. A measurement of the 
angles of branched tracks of this type permit calculations of the energies 
released. 

The study of the atomic nucleus received a great impetus when pro¬ 
jectiles other than alpha particles were used for bombardment. Protons 
or deuterons, traveling at enormous velocities under potentials of a 
million volts and more, are effective in disintegrating nuclei. Several 
different types of apparatus are used for the acceleration. In the (cyclo¬ 
tron, developed by Lawrence at the University of California, the ions 
are subjected to a moderately high voltage and guided around a spiral 
path by a powerful magnetic field. The voltage is altered at just the 
right frequency so that the ions (protons, deuterons, or helium nuclei) 
are accelerated each time they make one half-circle, and the applied 
voltage is thus cumulative. As the projectiles attain higher and higher 
voltages they move in circles of increasing radius, and, when they reach 
the outer edge of the apparatus, they are deflected by an electric field 
against a target of the material whicch is to be bombarded. 

In the electrostatic generator, a rapidly moving belt (carries electricity 
from charged points to a cylindrical or spheri(cal electrode until a very 
high steady voltage is reached. The difficulties of insulation have been 
solved by placing the whole apparatus in a large steel tank containing 
gas at several atmospheres pressure to increase the resistan(;e against 
sparking. * A series of metal hoops is arranged to give a gradual change of 
potential along an evacuated tube, within which the ions arc accelerated. 

The electrostatic generator gives energies up to about (5 million 
volts, and it is especially useful for carrying out nuclear transformations 
at definite and controlled voltages. 

In Fig. 167 the intensity of gamma-ray radiation is plotted against 
voltage when the nuclei of fluorine atoms are bombarded with protons, t 
Calcium is not transmuted by protons at these voltages, and so calcium 
fluoride is used as the target. The peaks in the voltage-excitation curve 
correspond to stable energy levels in the nucleus. Their resemblance to 
the peaks in the ionization potential curves of atoms shown in Fig. 134 
on page 577 is evident. Energy changes in the extranuclear electrons 
involve a few volts, whereas changes in the nucleus of an atom usually 
require voltages of the order of a million electron volts or more. 

* Herb, Parkinson, and Kerst, Phys, Rev,j 61, 76 (1937). 

t Bernet, Herb, and Parkinson, Phys. Ret;., 64, 398 (1938). 
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Several cyclotrons have been built with energies which give to the 
bombarding protons, deuterons, or helium ions energies up to 20 milUon 
electron volts. Recent developments have resulted in the successful 
operation of a cyclotron 184 in. in diameter, which produces bombard¬ 
ing particles with energies up to 200-million-electron-volt deuterons or 
400-million-electron-volt alpha particles from helium. 



The transmutation of elements can be brought about as just explained 
by giving enormous velocity to charged particles, protons, deuterons, 
and helium ions so that they can penetrate the surrounding layers of elec¬ 
trons and reach the nucleus of the atom. 

The nucleus can be reached, however, much more easily by neutrons, 
because they do not have an electric charge. The shells of electrons, 
then, do not constitute a strong barrier against these neutral neutrons. 
Accordingly the neutrons attach quite readily to atomic nuclei of many 
isotopes of the elements and bring about a variety of transmutations. 

Fermi, in Italy in 1935, exposed most of the elements in the periodic 
table to neutrons and obtained a large number of new isotopes. 

Neutrons for these transmutations can be produced by mixing radium 
compounds with beryllium compounds or by bombarding beryllium or 
lithium targets with a beam of fast deuterons from a cyclotron or an 
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electrostatic generator. These sources of neutrons give only small 
amounts of new isotopes^ but, with the vast new sources of neutrons 
from nuclear chain-reacting piles described on page 657, the way has 
been opened now for the production of much larger quantities of trans¬ 
muted elements and isotopes. 

Gamma rays of very high energies liberated from certain nuclear 
reactions are able to bring about nuclear reactions similar to photo¬ 
chemical reactions. Cosmic rays coming from interstellar space are 
also able to effect nue.lear transmutations. 

The concentration of radioactive elements may be facilitated if the 
nuclear reaction produces also a chemical reaction which permits a 
separation from the original material, as was pointed out first by Szil- 
lard and Chalmers. For example, when a bottle of ethyl bromide is 
exposed to neutrons, the bromine atoms which are rendered radioactive 
are broken away from their organic linkages and can be extracted with 
water containing a little alkali. In this way the ratio of radioactive to 
normal bromide is greatly increased in the aciueous solution. 

Nuclear Reactions. In 1932, Irene Curie, daughter of the discoverers 
of radium, with her husband, F. Joliot, discovered that ordinary light 
elements can be made radioactive. They bombarded boron and alu¬ 
minum and other light elements with alpha particles and obtained an 
emission of positrons which continued after the excitation by the alpha 
particles had ceased. 

With magnesium the reaction is 

i2Mg^^ + ^ 148!^^ + 0^^ 

The silicon produced from the magnesium is radioactive with a half- 
life of 4 seconds and gives off positrons, leaving a stable isotope of 
aluminum according to the reaction: 

14Si27 -> ,3AP’' + 0 + 

In writing nuclear reactions it is necessary to balance them with 
respect to mass and charge. In other words, the sum of the super¬ 
scripts (mass numbers) on the left must be equal to the sum of the 
superscripts on the right; and the sum of the subscripts (atomic numbers) 
on both sides must be equal also. 

Most artificial radioelements emit electrons (iS“") or positrons (jS"^), 
but other types of decay also occur. In some cases a given isotope 
may undergo disintegration by one of two or even three different proc¬ 
esses. 

Some isotopes involve the nuclear process known as K-electron 
cavture, in which an extf^rr^al electron from the shell nearest the nucleus, 
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the K shell, enters the nucleus, causing the atomic number to decrease 
by one unit. The filling of the vacancy in the K shell by other electrons 
causes the emission of X rays from the atom. 

Frequently, the emission of a particle, capture of an electron, or 
other nuclear process leaves a nucleus in an unstable condition, and it 
acquires a state of greater stability by the immediate emission of one 
or more gamma rays. Occasionally, however, such a higher-energy 
state may be metastable, which leads to the existence of nuclear isomers 
having the same atomic weight as well as the same atomic number. For 
example, the bromine isotope asBr®® characterized by a half-life of 4.4 
hours emits gamma radiation without loss of either mass or charge, the 
isomeric transition resulting in the isotope having a half-life of 18 minutes. 

Sometimes associated with gamma radiation are so-called conversion 
electrons. The nucleus interacts with an outer electron and expels it 
with high speed instead of emitting a gamma ray. Such a process leaves 
the atom in an excited state of high-energy content, which often results 
in chemical reactivity. In such cases as 35 Br^^\ where the product is 
radioactive, its chemical nature may be traced by its radioactivity. 

The processes by which radioelcments are produced fall into a few 
general types. The reaction. 


is an example of the type reaction: 

yji. -h 20: —> Z + jl ~r 0^ 

A simplified notation for the same reaction is 

Mg^^(a, n)Si27 


where the first symbol in the parentheses is the bombarding particle, 
and the second is the emitted particle. A few examples of nuclear 
reactions are given in Table IV, and a summary of the principal types 
is given in Table V. 

TABLE IV 


Typical Nuclear Reactions 


General Reactions 
+ on* zY'^+* + 07® 

zX*^ + IP* z+iY*^ + oni 

zX** z+iY*'*+® + IP* 

zX^ + id* z+iY^ + 2on* 

zX*^ + on* -> z_sY*^"® + ta* 


Example 

26Mn®® + on} 25Mn^® + 07® 
sLi’ H- ip^ —► 4Be’ -f 
2 oCa^® -h 2 “^ 2180 "^® + ip^ 

62Te'^ H- bsF*'' 4- 2or} 

2700*^® + -H. 26Mn^® + 2 ^^ 


Notation 
Mn*^^n, 7)Mn^« 
Li’^(p, n)Be'^ 
Ca^(a, p)Sc^ 
2n)Ii80 
Co®®(n, a)Mn®® 



646 


ATOMIC AND NUCLEAR STRUCTURE 


TABLE V 

Principal Nuclear Reactions 


Neutron 

Deuteron 

Proton 

Alpha 

Photonucleai 

Reactions 

Reactions 

Reactions 

Reactions 

Reactions 

n, 7 

d, p 

p, n 

a, n 

7, n 

Ilf 2n 

d, n 

p, y 

a, p 


n, p 

d, a 

p, a 



n. a 

d, 2n 





A good demonstration of the nuclear reaction produced by neutrons 
was shown in Fig. 154 obtained by Professor A. J. Dempster, of the 
University of Chicago. The upper mass spectrogram of ordinary cad¬ 
mium shows isotopes 111, 112, 113, and 114. The lower spectrogram 
was obtained from surface scrapings of cadmium that had been exposed 
to neutron irradiation for a long time in an atomic pile, page G57. The 
neutron reaction is 

48 Cd''^ + n = 48 Cd''^ 

The concentration of Cd^^^ in the mixture of cadmium isotopes has 
been reduced from 12.3 to 1.6 per cent, and that of Cd^^"^ has been in¬ 
creased from 28 to 39 per cent. Within the accuracy of the measure¬ 
ments the gain of cadmium 114 is practically equal to the loss of cad¬ 
mium 113, Avhereas there has been very little change in the concentra¬ 
tions of the other isotopes. Cadmium 113 has a very great absorption 
for neutrons, so great, in fact, that cadmium is used in various experi¬ 
ments where it is desired to screen out neutrons having low velocities. 

In Table VI are listed most of the stable and unstable isotopes. * The 
symbols of the elements and their atomic numbers are given in the first 
two columns. The next column gives the mass numbers of the isotopes 
with the approximate'per cent of abundance of the isotope in the natu¬ 
rally occurring clement. The last column gives the mass numbers of the 
unstable radioactive isotopes followed in parentheses by the type of 
decay a, or y and by K for jf^^-electron capture, IT for isomeric 

transition, and C for internal conversion electron. The half-life of the 
isotope is given in seconds s, minutes m, days d, or years y. 

The atomic number is the number of protons in the nucleus and the 
mass number is the sum of the protons and neutrons in the nucleus. 
Accordingly, the number of neutrons in any isotope can be obtained 
by subtracting the number of protons from the mass number. 

* A complete table has been prepared by Seaborg, Rev, Mod, Phya.y 16, 1 (1944). 
A chart prepared by Segre can be purchased from the Addison Wesley Press, Inc., 
Cambridge, Mass. 

A summary of nuclear data for 1947 has been co.npiled, Nudeonica, 2 (5), 82-186 
(1948). 
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TABLE VI 


Stable and Unstable Isotopes of the Elements 


Ele¬ 

ment 

At. 

1 No. 

Stable Isotopes 
(Per Cent Abundance) 

Radioactive Isotopes 
(Radiation; Half-life 

H 

1 1 

1 (99.98); 2 (0.02) 

3 (/3~ '^Sljy) 

He 

2 

3 10-^); 4 (100) 

6 {$-, -^0.8.9) 

Li 

3 

6 (7.5); 7 (92.5) 

8 0.88s) 

Be 

4 

9 (100) 

7 (t, 43rf); 10 if)-, >10«j/) 

B 

5 

10 (18.4); 11 (81.6) 

12 (0~, 0.02s) 

C 

0 

12 (98.9); 13 (1.1) 

10 (/3+, 8.8s); 11 0+ 20.5»?j); 
14 (ti-, 4700t/) 

N 

7 

14 (99.62); 15 (0.38) 

13 (H+y, 9.93m); 16 (0y, 8s) 

O 

8 

16 (99.76); 17 (0.04); 18 (0.20) 

15 (^+, 126s); 19 {ff-y, 31s) 

F 

9 

19 (100) 

17 iU+, 70s); 18 (ff+, 112m); 
20 m-y, 12s) 

Ne 

10 

20 (90.00); 21 (0.27); 22 (9.73) 

19 (IS+, 20.3.S); 23 40s) 

Na 

11 

23 (100) 

21 (?, 23s); 22 i0+y, S.Qy); 

24 (H-y, UM); 25 (0-y, 62s) 

Mg 

12 

24 (77.4); 25 (11.5); 26 (11.1) 

23 (0+, 11.6.S); 27 (0-y, 10.2m) 

A1 

13 

27 (100) 

26 (iS+, 7.0s); 28 (ff-y, 2.4m); 
29 it)-, 6.7m) 

Si 

14 

28 (89.6); 29 (6.2); 30 (4.2) 

27 (13+, 4.9s); 31 (^- 170m) 


15 

31 (100) 

29 (/!+, 4.6s); 30 (,8+, 2.5.5m); 

32 (I3-, 14.301); 34 (ff-y, 12.4s) 


10 

32 (95.1); 33 (0.74); 34 (4.2) 

31 {I3+, 3.2s); 35 (0-, 87.Id); 
37 W^y, 5m) 

Cl 

17 

35 (75.4); 37 (24.0) 

33 (i3+, 2.4s); 34 (/3+ 33m); 

36 (iS+ST/S- >10'V); 

38 iry, 37m) 

A 

18 

36 (0.307); 38 (0.061); 40 (99.6) 

35 (ti+ 1.88s); 37 (K, 34d); 
41 m-y, 110m) 

K 

19 

39 (93.38); 41 (6.61) 

38 (P+,7.7m); 

40 (p-y K, 4 X 10“?/); 

42 (p-7, 12.4A); 43 (p-, 18m) 

Ca 

20 

40 (96.96); 42 (0.64); 43 (0.15); 
44 (2.06); 46 (0.0033); 48 (0.19) 

39 (P+, 1.06s); 45 {p-y, 180d); 
49 (p-T, 2.5/i); 49 (p-, 30m) 

Sc 

21 

45 (100) 

41 (P+, 0.87.S); 43 (p+, 3.921»); 
44 (ITy, 2.44d); 44 (P+ 7 , 3.91i); 
46 (P7, 86d); 47 (P~7j 63A); 
48 (p-7, 44A.); 49 (p— , 57m) 

Ti 

22 

46 (7.95); 47 (7.75); 48 (73.5); 
49 (5.61); 50 (5.34) 

45 (P+, 3.08A); 45 (?, 21d); 
51 (p- 7 , 6m); 51 (p- 7 , 72d) 

V 

23 

61 (100) 

48 (P+7, 16d); 49 (p+, 33m); 
49 {K, 600d); 50 (P+, Z.7h)-, 
52 (p- 7 , 3.9m) 

Cr 

24 

.50 (4.49); 52 (83.78); 53 (9.43); 
54 (2.30) 

49 (p+7, 42m); 51 (KyC, 26.6d); 
66 (?, 2A) 


y sa year, d = day, h *= hour, m =* minute, s ~ second 
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TABLE VI {Continued) 

Stable and Unstable Isotopes of the Elements 


Ele¬ 

ment 

At. 

No. 

Stable Isotopes 
(Per Cent Abundance) 

Radioactive Isotopes 
(Radiation; Ilalf-life ^) 

Mn 

25 

55 (100) 

51 (/!+ 40?rt); 52 21m), 

(0+y, G.5d); 54 {Ky, 31(W); 
5(i (ti-y, 2.59/») 

Fe 

26 

54 (6.04); 56 (91.57); 57 (2.11); 
58 (0.28) 

53 (/!+, 8.9m); 55 (KC, 4y); 
59 ((3-7, 47d) 

Co 

27 

59 (100) 

55 {fi+y, I 8 . 2 / 1 ); 56 ((3+7, 72(/); 
57 ili+y, 270(1); 60 {(i-y, G.Zy); 
(/3“7, 10.7m) 

Ni 

28 

58 (67.4); 60 (26.7); 61 (1.2); 
62 (3.8); 64 (0.88) 

57 (0+, 36/i); 59 (/3+, lo.Oy); 
65 (fi~y, 2 . 6 / 1 ) 

Cu 

29 

63 (70.13); 65 (29.87) 

58 7.9m); 60 (/3+ 81s); 

61 (0+, 3.4/)); 62 (0+, 10.5m); 
64 (/3+Ai-, 12.8/!,); 66 (fi~, 5m) 

Zn 

30 

64 (50.9); 66 (27.3); 67 (3.9);: 
68 (17,4); 70 (0.5) 

63 38m); 65 (f)-* y, 250d); 

69 (7, 13.8/0; 57m); 

72 (d~7, 49A); 73 (//- 2m) 

Ga 

31 

()9 (61.2); 71 (38.8) 

64 (/3+ 48m); 65 (AX’, 16m); 

66 (d+, 9.4A); 67 {KyC, 83A); 
68 (d+, 68m); 70 (//“T, 20m); 
72 {H-y, 14.1/0; 73 in-, 5/,); 
74 (^i-, 9(/) 

Go 

32 

70 (21.2); 72 (27.3); 73 (7.9); 

74 (37.1); 76 (6.5) 

71 (KC, lid); (0+, 40A); 75 i0-y, 
89m); 77 Qi-y, 12/0; 78 (ti-y, 
2.2A) 

As 

33 

75 (100) 

72 (fi+, 26A); 73 (KC, 90d); 

(d+, 50A); 74 (0-(i+y, 16d); 

76 (0+li-y, 26.8A); 77 (d~, 40/0; 
78 (3—7. 80m); 81 (fl~, 10m) 

Se 

34 

74 (0.9); 76 (9.5); 77 (8.3); 

78 (24.0); 80 (48.0); 82 (9.3) 

75 (7 C, 115d); 81 (IT, C, 57m) 
(//— , 19m); 83 (P~y, 30m); 

84 (d”", 2m) 

Br 

35 

79 (50.6); 81 (49.4) 

78 (d+7, 0.47W.); 80 (C, 4 Ah) 
(ti~y, 18m); 82 (d~7, 34A); 

83 (dX 14O?(0; 84 (d-, 33m); 
85 (d“, 3m); 87 (d~, 50s) 

Kr 

36 

78 (0.35); 80 (2.01); 82 (11.53); 
83 (11.53); 84 (57.11); 86 (17.47) 

79 (d+, 34 / 1 ); 81 (7, 138) (7, 558); 
83 (IT C, I13m); 85 (d“7, 4s) 

(dX lOv); 87 (d~, 3A); 

88 (d~, 3A); 89 (d~, 2.7m); 
90 (d“, 338); 91 (d“, 5.7s); 

92 (d“, 1.5s); 94 (1.48); 

96 (d~, 2s); 97 (d", Shortl 


^ y — year, d == day, k »= hour, m ~ minute, s »= second 
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TABLE VI {Continued) 


Stable and Unstable Isotopes of the Elements 


Ele- 

At. 

Stable Isotopes 

Radioactive Isotopes 

ment 

No. 

(Per Cent Abundance) 

(Radiation; Half-life ^ 

Rb 

37 

85 (72.8); 87 (27.2) 

86 (0-y, 19.5^i); 




87 ((i-7, 6.3 X lO'V); 

88 (/3-, 17.5m); 89 {^-y, 15m); 
90 (|8~, Short); 91 {0~, Short); 
92 (0-, 80s); 94 (0-, Short); 
95 (0-, Short); 97 (0-, Short) 

Sr 

38 

84 (0.56); 86 (9.86); 87 (7.02); 

85 (7, 65rf) ( 7 , 70m); 87 ( 7 , 2.7h); 



88 (82.56) 

89 (0,- 55(1); 90 (0~, 25y); 

91 (0-y, 9.7h); 92 (0-, 2.7ft); 
94 (0-, 7 m); 95 {0-, 2m); 
97 {0~, Short) 

Y 

39 

89 (100) 

86 ( 7 ,105d); 87 (C 7 , Uh) (A, 8 O/ 1 ); 




88 {0+, 20ft); 90 (0-, 60ft); 
91 (0-, 57d) (Cy, 50»j); 

1 92(7, 3.5ft); 94 (/3-2(h«): 

(‘5 (^i- 7 , 11.5ft); 97 {0-, Short) 

Zr 

40 

90 (48.0); 91 (11.5); 92 (22.0); 

89 {0+, 78ft) (Cy, 4.5m); 



t;4 (17,0); 96 (1.5) 

93 (?, 2.5m); 95 (0-y, 65d;; 

97 (0-y, 17ft); 

98 (0 , 18m) (0 , 6m); 

(0-, 70ft) 

Nb 

41 

93 (100) 

00 (0+, 21ft); 91 (7, 55d); 




92 (0-y, llrf); 94 (0-y, 6.6m); 

95 (0-y, 35d) (IT, C, 90ft); 

96 (?, 96ft); 97 (0-y, 75m) 

Mo 

42 

92 (14.9); 94 (9.4); 95 (16.1); 

93 (0-y, 6.7ft) (0+, 17m); 



96 (16.6); 97 (9.65); 98 (24.1); 

99 (0-y, 67ft); 



100 (9.25) 

101 (0—y, 14.6m); 

102 (0-, 12m); 105 (,8- Short) 

Tc 

43 


94 (K, 2d); 96 (A', 42d); 




97 (IT, 90d); 98 ( 7 , 62c0; 

99 ( 7 , 6.6ft) (0, 2 X 10*;/); 

100 (0-, 40ft); 101 (0y, 14m); 

102 (0-, Im); 104 ( 7 , 110ft); 

105 (0-, Short); 106 (0-, 18s); 
107 (0-, 36.5ft) 

Ru 

44 

96 (5.68); 98 (2.22); 99 (12.81); 

103 (0-y, 45d); 105 (0-y, 4ft); 



100 (12.70); 101 (16.98); 

106 (0-, 330rf); 107 (0-, OtW); 



102 (31.34); 104 (18.27) 

108 (0-, 1.2ft); 111 (0-, 4m) 


^ y ^ year, d = day, h hour, m =* minute, s =* second 
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TABLE VI (Continued) 

Stable and Unstable Isotopes of the Elements 


Ele¬ 

ment 

At. 

No. 

Stable Isotopes 
(Per Cent Abundance) 

Radioactive Isotopes 
(Radiation; Ilalf-life ^) 

Rh 

45 

1 

103 (100) 

102 (iS-; 3+7, 210d); 103 {IT, 53m); 

104 (ITC, 4.2m) (^-, 44s); 

105 ((S-'Y, 35h); 106 (fi- 30s) 
107 (fi- 57m); 108 (ifJ*, 30d) 
109 (fi- U); 110 (/3-y, m 
111 (i3- 24m) 

Pd 

46 

102 (0.8); 104 (9.3); 105 (22.6); 
106 (27.2); 108 (26.8); 

110 (13.5) 

109 (fj- 13h); 111 (i3- 26m); 

112 (r, 21 h) 

Ag 

47 

107 (51.9); 109 (48.1) 

106 (/S+, 24.5m) (KCy, 8.2d); 

107 (ITC, 44s); 108 (^- 2.3m); 

109 (ITy, 40.5s); 

110 (KyC, 225(1) (p-y, 22s); 

111 (p-, 7.5d); 112 (p-y, 3.2h) 

Cd 

48 

106 (1.4); 108 (1.0); 110 (12.8); 
111 (13.0); 112 (24.2); 113 (12.3); 
114 (28.0); 116 (7.3) 

107 {Ky, 6.711) (K, 158(1); 

109 {p+, 35m); 111 {IT, 48m); 
115 {p-y, 2.33d) {p-y, 43(1); 
117 {p-, 2.81i) 

In 

49 

113 (4.5); 115 (95.5) 

no {p+, 65m); 111 {p+y, 23m); 

112 {KyC, 2.7(1) {ITyC, 16.6m); 

113 {ITyC, 105m); 

114 {ITyC, 48(1) 03- 72s); 

115 {ITyC, 4.5h); 

116 {p—, 13s) {p—y, 54m); 

117 {p-y, 117m) 

Sn 

50 

112 (1.1); 114 (0.8); 115 (0.4); 
116 (15.5); 117 (9.1); 118 (22.5); 
119 (9.8); 120 (28.5); 122 (5.5); 
124 (6.8) 

109 {p-, 13(1); 110 {p-, 3h); 

111 {p—, 25m); 

113 {KCy, OOd); 

121 {p-, 40m); 123 {p-, 26h.) 
125 {p-, Om); 126 {p- 62h) 
127 (p-y, lOd); 128 (p- 20m) 
129 (p-y, 70m) 

Sb 

51 

121 (56); 123 (44) 

116 {p+, 3.6m); 120 {P+, 17m); 
122 (p-y, 2.8(1); 124 {p-y, &kl); 
125 (?, 2.7?/); 126 (p- 3h) 
{?, 45(1); 127 {p-y, m); 

128 (p- 60m); 129 {p-, 4.2h) 
132 (p-, 5m); 133 {p- 10m) 


y = year, d = day, h = hour, m = minute, s = second 
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TABLE VI (Continued) 

Stable and Unstable Isotopes op the Elements 


Ele¬ 

ment 

At. 

No. 

Stable Isotopes 
(Per Cent Abundance) 

Radioactive Isotopes 
(Radiation; Half-life ^) 

Te 

52 

! 

120 (0.09); 122 (2.43); 123 (0.85); 
124 (4.59); 125 (6.03); 

126 (18.71); 128 (31.86); 

130 (34.52) 

121 (K, 17(1) (IT, 143(1); 

122 (ITC, 30(1); 

127 (ITC, 90d) (fl-, 9.31i); 

129 (ITC, 32(1) (jS- 72m); 

131 (ITC, 3Qh) (0-, 25m); 

132 {0--y, 77h); 133 (0-, 60rn); 
134 (0-, 43m); 135 (0-, 2m); 

136 (/3—, Im) 

I 

53 

127 (100) 

124 (0+, 4.0(1); 126 {0-y, 13.0(1); 
128 (0~y, 25m); 

130 (0~y, ]2.61i); 

131 (0~y, S.Od); 

132 (0-y, 2Ah); 133 (0-y, 22h); 
134 (0y, 54m); 135 (0-y, Q.7h); 
137 (0-, 22.5s) 

Xe 

54 

124 (0.09); 120 (0.09); 128 (1.90); 
129 (26.23); 130 (4.07); 

131 (21.17); 132 (20.96); 

134 (10.54); 136 (8.95) 

127 (ITy, 75s) (ITy, 34d); 

133 (0-, 5.5(1); 

135 (0-y, 9.41i) (0-y, 15.6m); 

137 (?, 68m) (0-, 3.4m); 

138 (0-, 17m); 139 (0-, 41s); 

140 (0-, 16s); 141 (0-, 1.7s); 

142 (0- 1.3s); 

143 (0-, 0.5s) (0-, Short) 

Cs 

55 

133 (100) 

130 (?, 30w(); 132 ( 7 , 7.1(1); 

134 (0-, 3h) (0-y, 1.72/); 

135 (0-, 2.5 X lO^j/); 

130 (^- 7 , lO.Sd); 137 (0-y, 27y); 
138 (0y, 33m); 139 (0-, 7m); 

140 (0-, 40s); 141 (0-, Short); 

142 (0-, Im); 

143 (0 , Short); 144 (—, Short); 
145 (0-, Short) 

Ba 

56 

130 (0.10); 132 (0.09); 134 (2.42); 
135 (6.59); 136 (7.81); 

137 (11.32); 138 (71.66) 

133 (ITy, 38.8ft); 

139 (0-y, 86m) 

140 (0-y, 12.5(1); 141 (0-, 18»n); 
142 (0-, 6m); 143 (0-, 0.5m); 
144 (0- Im); 145 (0-, Short) 


y = year, d = day, h = hour, m minute, s = second 
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TABLE VI {Continued) 

Stable and Unstable Isotopes of the Elements 


Ele¬ 

ment 

At. 

No. 

Stable Isotopes 
(Per Cent Abundance) 

Radioactive Isotopt^s 
(Radiation; Half-life ^) 

La 

57 

139 (100) 

137 (Ky, I7.6W; 140 (/3~, 40/(); 
141 {0-, 3M); 142 {0-y, 74m); 
143 (0-, 20m); 144 {0-, Short); 
145 {0~, Short) 

Ce 

53 

130 (<1); 138 (<1); 140 (89); 
142(11) 

140 (ITy, UOd); 141 (0-, 30d); 
143 (0-, 30h); 144 {0-y, 275d); 
145 (0-, l.Sh); 146 (0-, 14.6m) 

Pr 

59 

141 (100) 

140 (0+, 3.5m); 142 (0-y, l<).3h); 
143 (0- J3.5d); 144 (0-, 17m); 
145 (0- 4.5h); 146 (0-y, 24.6m) 

Nd 

CO 

142 (25.95); 143 (13.0); 144 (22.0); 
145 (9.2); 140 (10.5); 148 (0 8); 
150 (5.95) 

141 (0+, 2.510; 147 (0-y, ll.Orf); 
149 (0-y, m) 

Pm 

01 


143 (0- I2.5h); 147 (0- 4y); 
148 (0-y, 2.7h); 149 (0-y, 47h); 
151 (0-, 12m) 

Sm 

02 

144 (3); 147 (16.1); 148 (14.2); 
149(15.5); 150(11.6); 152 (20.7); 
154 (18.9) 

151 (/S~,I.ong); 

153 (IT, 4&h); 155 (j0-, 21m); 
156 (0-, lOh) 

Eu 

03 

151 (49.1); 153 (50.9) 

150 (0+, 27h); 152 (0y, 0.2h); 
154 (0-y, 7y); 155 (0-y, 2y); 

156 (0-y, 15.4rf); 

157 (0-, 15.4rf); 158 (0-, 60m) 

Gd 

04 

152 (0.2); 154 (1.5); 155 (18.4); 
156 (19.9); 157 (18.9); 158(20.9); 
160 (20.2) 


Tb 

05 

159 (100) 

160 (0-, 3.0h) (0-y, 72d) 

Dy 

06 

158 (0.1); 160 (0.1); 102 (26.6); 
163 (24.8); 164 (27.3) 

163 (ITC, 1.2m); 165 (0-y, 2.5h) 

Ho 

67 

105 (100) 

164 (|3+ 47m); 166 (/?“, 35/t) 

Er 

68 

162 (0.1); 164 (1.5); 160 (32.9); 
167 (24.4); 168 (26.9); 170 (14.2) 

165 (0—, 1.1m); 

169 (0-, 7m) (0-, 12h) 

Tm 

69 

169 (100) 

170 (?, 105d) 

Yb 

70 

108 (0.06); 170 (4.21); 171 (14.26); 
172 (21.49); 173 (17.02); 

174 (29.58); 176 (13.38) 

175 (0-, 4.2h) (0-, 45d) 

La 

71 

175 (97.5); 176 (2.5) 

176 (0-y, 3.7h); 177 (0-, 6.6(1) 

Hf 

72 

[ 

174 (0.18); 176 (5.3); 177 (18.47); 
178 (27.1); 179 (13.85); 

180 (35.11) 

179 (ITC, 19s); 181 (0-, 55d) 


^ y = year, d =* day, h == hour, m =* minute, s == second 
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TABLE VI {Continued) 

Stable and Unstable Isotopes of the Elements 


Ele¬ 

ment 

At. 

No. 

Stable Isotopes 
(Per Cent Abundance) 

Radioactive Isotopes 
(Radiation; Half-life ^) 

Ta 

73 

181 (100) 

180 (?, 18m) {Kyr, 8.2A); 

182 ili-y, m<D (H-y, 16.2w) 

W 

74 

180 (0.2); 182 (22.G); 183 (17.3); 
184 (30.1); 186 (29.8) 

185 77d); 187 {^y, 24.1 A) 

Re 

75 

185 (38.2); 187 (61.8) 

182 0+ 40m); 184 (Ky, 52(i); 
186 (0-, 90A); 188 (ff-y, 18h) 

Os 

7b 

184 (0.02); 186 (1.59); 187 (1.64); 
188 (13.3); 189 (16.1); 

190 (26.4); 192 (41.0) 

185 (ff, 3010 (ITy, 99rf); 

191 iH-y, 32h); 193 (/^-y, 17d) 

Ir 

77 

191 (38.5); 193 (61.5) 

190 (y/3+, 9.4rf); 192 (fi-, 15m), 
(0-y, 68d); 194 (f)-y, Idh) 

Ft 

78 

.192 (0.8); 194 (30.2); 195 (35.3); 
196 (26.6); 198 (7,2) 

196 (ITC, 80w); 

197 (/S-, 185), (^-7, 3.3d); 

199 (/3-, 31m) 

Au 

79 

197 (100) 

196 (0- 135) (^-7, 5.6d); 

197 (/T, 7s); 198 {ry, 2.7d); 
199 {d~y, 3.3d); 200 (^1“, 48m) 

Hg 

1 80 

196 (0.15); 198 (10.1); 199 (17.0); 
200 (23.3); 201 (13.2); 

202 (29.6); 204 (6.7) 

197 ( 7 “, 235) ( 7 , m); 

199 ( 7 , 43m); 203 i^y, 51.5rf); 
205 (0-, 5.5m) 

T1 

81 

203 (29.1); 205 (70.9) 

198 {Ky, 10.55); 199 (C, 445); 

201 (?, 3.85) (?, 4m); 

202 ( 7 , 13d); 204 {0-, 3.5y); 

206 (j3~, 4.23m); 

207 {0-y, 4.76m); 

208 {0-y, 3.1m); 209 (fi-, 15); 
210 (0-, 1.32m) 

Pb 

82 

204 (1.5); 206 (23.6); 207 (22.6); 
208 (52.3) 

203 (K IT, 545); 205 (ITy, (,8m); 
209 (0-, 3.35); 210 (0, 22y); 

211 {0-y, 36.1m); 

212 (0-, 10.65); 

214 (0-y, 26.8m); 

215 (ITy, 1.6m) 

Bi 

83 

209 (100) 

205 (li'7, 125); 206 (KCy, Q.U); 
208 (K0y, lOV); 210 (/3- 5 0rf); 

211 (<0-y, 216m); 

212 (y0~, 60.5m); 

214 (a0—y, 19.7m) 


y * year, d = day, h = hour, m = minute, « = second 
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TABLE VI (CorUinued) 

Stable and Unstable Isotopes of the Elements 


Ele¬ 

ment 

At. 

No. 

Stable Isotopes 
(Per Cent Abundance) 

Radioactive Isotopes 
(Radiation; Half-life ^) 

Po 

84 


206 (Kay, IW); 207 (A', 5.7h); 
208 (a, 4y); 210 (ay, 140rf); 

211 (a, 5 X lO-’s); 

212 (a, 3 X lO-’s); 

213 (a, 70-*s); 

214 (a, 1.5 X 10-‘'s); 

215 (a, 1.83 X 10-M; 

216 (a/J- 1.58 X lO-'s); 

218 (afi-, 3.05ot) 

At 

85 


211 (aK, 7.5h) 

Rn , 

86 


219 (a, 3.92s); 220 (a, 54.5s); 
221 (a, W; 222 (a, 3.825d) 

Fr 

87 


223 (0-y, 21m) 

Ra 

88 


222 (a, 0.5m); 223 (ay, 11.2d); 
224 (a, 3.64(1); 226 (ay, 1590j/); 
228 (0, 6.7y) 

Ac 

89 


227 (a0-, ia5?/); 228 (?, 6.13h) 

Th 

90 

232 (100) 

227 (ay, 18.9d); 228 (ay, 1.90j/); 

230 (ay, 8.3 X lOV); 

231 (0^, 24.6h); 233 (0-, 23m); 
234 (0-y, 24.5d) 

Pa 

91 


231 (ay, 3.2 X lOV; 

233 (0-y, 27.4d); 

232 (0-y, 6.7h), (0y, 1.14m) ’ 

U 

92 

238 (99.274); 235 (0.719); 

234 (0.006) 

234 (a, 2.33 X llfy); 

235 (a, 7.07 X 10**^); 

237 (0-y, 6.8d); 

238 (a, 4.51 X lOVl 

239 (0-, 23m) 

Np 

93 


235 (K, 250d); 236 (0-, 20h); 

237 (a, 2.25 X 10*2/); 

238 (0-, 2d); 239 (0-y, 2.3d) 

Pu 

94 


238 (?, 502/); 239 (a, 24,0002/) 

Am 

95 


241 (a, 5002/) 

Cm 

96 


240 (a, 30rf); 242 (a, 150d) 


* y - year, d = day, h = hour, m = minute, s = second 



THE EINSTEIN EQUATION—THE PACKING FRACTION 055 

The Einstein Equation—^The Packing Fraction. In experiments such 
as shown in Fig. 146 at ordinary voltages the velocity of the electron is 
less than 10^ cm per second, and the value of e/m is independent of the 
velocity. As the velocity is increased, however, and approaches the 
velocity of light, the value of m increases in accordance with the theory 
of relativity. The actual mass m of a particle is related to the 'Test 
mass'' mo and the velocity v by the equation, 

mo 

m = 


where c is the velocity of light. 

Differentiating this equation and applying the relations that force is 
the rate of change of momentum, and that kinetic energy is force acting 
through a distance, one can show that 

dE = c^dm 

Einstein in 1906 proposed this epoch-making theory according to 
which 

E = c^m (12) 

and pointed out that the annihilation of 1 g of matter will produce 
(2.9978 X or 8.9868 X 10^^ ergs of energy. 

In the nuclear reaction, 

2 protons + 2 neutrons —> 1 alpha particle 

2 X 1.007582 + 2 X 1.00893 4.002763 

there is an actual loss of mass of (4.002763 — 4.03302) = —0.03026. If 
the Einstein equation is applied, the formation of a mole of alpha parti¬ 
cles or helium nuclei from neutrons and protons evolves 0.03026 X 
8.988 X 10^® ergs or 6.5 X 10^^ cal. This nuclear energy is many 
orders of magnitude greater than chemical energy produced by changes 
of atoms to give different molecules. 

The loss of mass which is produced by the formation of atomic nuclei 
from protons and neutrons applies to other nuclei as well as the nucleus 
of helium and is called the packing effect. 

The 'packing fraction is defined as the difference between the actual 
mass of the isotope and the nearest whole number divided by this mass 
number. Thus, the mass of one of the chlorine isotopes is 34.983, and 
the packing fraction is (34.983 — 35.000)/35.000 = —0.00048. Pack¬ 
ing fractions are usually expressed in parts per 10,000, and so-the pack- 
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ing fraction of chlorine is written -*4.8. Since oxygen is taken as the 
standard, elements with positive packing fractions are less stable than 
oxygen; those with negative packing fractions are more stable. The 
elements in the middle range of the periodic table seem to be the most 
stable, the hght elements and the heavy elements possessing positive 
packing fractions. 

The condensation of hydrogen to helium and of other light elements to * 
give heavier ones with the attendant loss of mass is the explanation for 
the radiant heat given off by the sun and the stars. There appears to be 
no chance, however, that atomic energy can be obtained on earth by 
the condensation of the nuclei of light elements because a temperature 
of many millions of degrees is required. 

The breakdown of atomic nuclei results in an actual loss of mass and 
evolution of energy. In all nuclear reactions such as those discussed in 
the preceding section, the total loss of mass enables one to calculate 
accurately the energies produced. The energies of alpha and beta 
particles and of gamma rays can be determined in this way; or the 
velocities can be determined by measuring their penetration of sheets of 
metal, and from these data the loss of mass can be determined. Again a 
knowledge of the atomic masses enables one to (;alculate the accelerating 
voltage which must be applied in order to bring about a specified nuclear 
reaction. 

Nuclear Fission* In 1939 Hahn and Strassman exposed uranium to 
neutrons and obtained unexpected produc^ts which were identified as 
barium and other elements of the middle of the periodic table. Meitner 
interpreted this nuclear reaction as a complete breakdown of the ura¬ 
nium atom into two elements of approximately half the atomic weight 
of uranium. This new phenomenon was called fission and led immedi¬ 
ately to a large number of confirming experiments in many different 
laboratories throughout the world. It was soon found that it is the iso¬ 
tope of uranium which undergoes fission when it absorbs neutrons. 
The equation for this fission process is 

n + U^^^ fission produots -f- { 

Z’ ^ n 

n + U236 _ Kr + Ba + etc. 

n -f U^*® fission products + \ 

^ n 

In this nuclear reaction Kr and Ba are representative of a large number 
of possible middleweight elements, and the number of neutrons produced 
is not exactly two. 

There are two remarkable things about nuclear fission. First, it is 
chain-reacting, so that the neutrons from the fission of the first atom 
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cause other uranium atoms to undergo fission and produce more neu¬ 
trons in an instantaneous, expanding process. Second, the sum of all the 
masses of the elements and the neutrons produced in fission is slightly 
less than the sum of the masses of the original plus the original 
neutron. It was evident at once that here might be a source of atomic 
energy on a large scale, because, once the reaction was started with a 
neutron, the process miglit be self-sustaining, and the loss of mass in 
the reaction would lead, of necessity, to the evolution of enormous quan¬ 
tities of energy. Previous considerations for producing useful atomic 



Fig. 158. First nuclear chain-reacting pile. 


energy would have required the expenditure of large quantities of energ 3 ^ 
in a cyclotron or other device to sustain the nuclear reaction. Fis¬ 
sion, however, might be a process which would run spontaneously with¬ 
out the investment of large amounts of energy. 

On December 2, 1942, the first test of this idea was carried out by 
Fermi, Szillard, Wigner, and others under the administration of A. H. 
Compton, at the University of Chicago. The experiment, pictured in 
Fig. 168, was successful in proving that it is possible to obtain a con¬ 
trolled, self-sustaining chain reaction. It was necessary to obtain ura¬ 
nium in a high state of purity and to imbed it in graphite of high purity. 
The graphite acted as a moderator to slow down the neutrons to such 
a velocity that they would be more easily captured by the surrounding 
uranium. This self-sustaining nuclear reactor is called a “pile.^^ In¬ 
stead of the graphite moderator light elements like deuterium and 
beryllium can be used as they do not absorb neutrons. 

These piles supply not only large quantities of heat but also an excess 
of neutrons which can be used for the transmutation of elements. 
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When neutrons are absorbed by uranium 238, the following nuclear 
reactions take place: 

^3Np239 ^^P^239 ^ 

Plutonium 239 undergoes fission in the same manner as uranium 235. 
Uranium 233 which also undergoes fission can be produced from nuclear 
reactions starting with the action of neutrons on thorium. 

The rate at which this fission process takes place in a pile can be 
controlled easily with the help of rods of cadmium- or boron-containing 
material or other material which has great absorption for neutrons. 
When the rods are inserted into the pile, the chain reaction cannot con¬ 
tinue, because the neutrons are absorbed by the rods. By pulling out 
the rods the absorption of the neutrons in the pile is decreased, so that 
by proper mechani(;al regulation the pile may be made to develop heat 
at any rate desired, limited only by the rate at which heat can be re¬ 
moved from the pile. The accumulation of too much heat will endanger 
the materials of which the pile is constructed. Several atomic piles are 
now in operation, all at comparatively low temperatures. It is possible, 
however, to operate other piles at a much higher temperature and to 
utilize the heat removed for the operation of heat engines or turbines 
which can be used to produce useful electricity. 

In the future it is ex])ected that standard power plants will be operated 
by atomic fuel, but the large capital investment for the fissionable mate¬ 
rial and the pile, together with the special difficulties due to radioactiv¬ 
ity, makes it appear that electricity generated by atomic power will not 
be cheaper in most countries than the electricity generated by the burn¬ 
ing of coal. There are certain considerations, however, which are of 
special interest. If 1 g of uranium 235 undergoes complete fission, the 
loss in mass will result in the evolution of 2 X 10^^ cal. If this is com¬ 
pared with chemical reactions, the combustion of 1 g of carbon evolves 
7,827 cal of heat. One pound of uranium 235 will generate as much 
heat on fission as is generated by the burning of 1500 tons of coal, equiva¬ 
lent to 11 million kilowatt-hours of heat or, at present turbine efficien¬ 
cies, to about 3 million kilowatt-hours of electricity. Accordingly, 
atomic fuel may be essentially regarded as weightless fuel and may 
well find its first practical applications in isolated regions where coal 
and other fuel are not now available and transportation is difficult. 

A certain critical amount of or other fissionable material is 

necessary before the pile can be seK-sustaining. With lesser amounts a 
sufficiently large number of neutrons escape from the pile so that the 
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nuclear chain is no longer self-propagating. This critical size involves 
an investment of such a large amount of material and the nuclear reactor 
requires such a heavy protecting shield that small units for the produc- 



Mass number 

Fig. 159. Distribution of fission products, o certain mass assigmnent. 
□ uncertain mass assignment. 


tion of power or heat will not be practical. It is expected that sliips 
will be opiated by atomic fuel but that automobiles cannot be. The 
widespread use of atomic power will probably have to come slowly until 
a strong international organization is established, because the atomic 
fuel in power piles can be misused for military purposes; hence, world¬ 
wide regulation is necessary. 
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The distribution of elements produced in fission shows a probability 
pattern as given in Fig. 169.* The logarithms of the percentage yield 
are plotted as ordinates against the atomic masses. 

When undergoes fission, all the elements between zinc with an 
atomic number of 30 and gadolinium with an atomic number of 64 are 
produc^ed, including about 300 isotopes, most of which are radioactive 
with half-lives ranging from fractions of a second to many years. The 
fission products do not emit ali)ha particles, and the majority emit beta 
or gamma rays. There are about eight different isotopes, including 
some of strontium, barium, and iodine, each of which accounts for as 
much as 5 per cent of the original weight of the uranium. 

The piles supply large quantities of neutrons which can be used for 
experimental studies and for the production of many useful isotopes, 
as, for example, radioactive carbon from nitrogen. A catalogue is 
now available which lists the many different isotopes which can be 
Dbtained at a nominal price from the U. S. Atomic Energy Commission, 
at Oak Ridge, Tenn. 

Beams of neutrons from the pile are of value for certain physical 
measurements. They can, for example, be used like beams of electrons 
and X rays in the study of crystal and molecular structure. 

The energy evolved in the fission of is of the order of 2 to 6 
million electron volts. The cyclotron at California with 200 million 
electron volts has been able to cause the fission of many heavy elements 
such as lead. The pattern of distribution of the lighter elements pro¬ 
duced differs from that shown in Fig. 159 in that the base is broader 
and the peaks are lower. These disintegrations produced with the 
common heavy elements are not chain reacting and will not continue 
to produce energy when the exciting energy is removed. 

Biological Effects of Radioactivity. Serious damage can be done to 
living tissue by excessive exposure to radioactivity. The exact nature 
of these reactions is not fully understood, but the ionizing radiations 
may produce hydrogen peroxide and other chemical substances which 
then react chemically with the material of the cells. As a rough approx¬ 
imation, the effect of X rays, gamma rays, beta rays, alpha particles, 
and neutrons is proportional to the amount of ionization which these 
various agents can produce. The biological effect can be thus correlated 
with the intensity of radiation of the various types as measured by physi¬ 
cal instruments, such as photographic plates, ionization chalnbers, and 
Geiger-Miiller counters. 

Fortunately, these instruments are so sensitive to radioactivity that 
they give an adequate measure of the radiation at most levels long before 

* Plutonium Project, J. Am. Chem. Soc.y 68, 2411 (1946). 
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any biological damage can be expected. As a matter of fact, the limi¬ 
tation to the Geiger-Mtiller counters is usually the background of ioniza¬ 
tion produced by cosmic rays, and all living matter is and always has 
been exposed to these cosmic rays. Considerable study has been devoted 
to establishing a safe limit for exposure to X rays and radioactivity. 
Overexposure to radioactivity may cause severe burns which heal very 
slowly. Even though no immediate effect appears, difficulties may 
appear years later. In the more severe cases the concentration of red 
blood cells is reduced through destructive action on material in the bone 
marrow, and testing red-blood-count corpuscles is a standard procedure 
in checking for overexposure to radioactivity. Exposure to neutrons 
leads to effects which are quite similar to the exposure to gamma rays 
or beta or alpha parti(*les, because the neutrons are absorbed by the 
nuclei of sodium and other elements in the living body Avitli the produc;- 
tion of radioactive isotopes. 

Those who work with radioactive materials must guard themselves 
against damage from exposure to radioactivity. Tlie gamma rays are 
stopped by shields of sheet lead or by walls of interlocking bricks of 
lead, (voncrete is also used. For gamma rays the stopping power of 
the shield material depends on the thickness and demsity of the mate¬ 
rial. Sometimes gloves containing lead are used to protect the hands. 
Neutrons are stopped by paraffin or other hydrogen-containing material 
and by cadmium sheets or boron-containing material. Alpha particles 
are stopped by thin walls of glass or any type of shield. Beta rays re¬ 
quire somewhat thicker glass. It is necessary to guard against dust 
particles of radioactive material, because tiny particles of material 
which are radioactive must be kept out of the lungs, the stomach, and 
the blood stream. 

These hazards call for special shielding, ventilation, and waste dis¬ 
posal, and frequently lead to the requirement of remote control for 
laboratory experiments, but the techniques have been fully worked 
out, and there need be no danger if the precautions are followed and 
there is adequate monitoring of the laboratory with instruments suit¬ 
able for detecting radioactivity. 

Uses of Isotopes. Many uses had been developed for the naturally 
occurring radioactive elements (from lead to uranium in the periodic 
table), but the new artificially produced radioactivity has greatly in¬ 
creased the interest in this work because radioactive forms of almost 
any element can now be obtained. 

The medical uses of radioactivity are well known. Although serious 
bums can be produced by radium, it is possible under properly con¬ 
trolled conditions to destroy early cancerous tissue and other abnormal 
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growths without serious injury to the normal flesh. For such purposes 
radon is used sealed off in small glass tubes. Radioactive cobalt pro¬ 
duced by neutrons from a nuclear pile will probably find use in this 
field. Other radioactive elements may find therapeutic uses. Radio- 
a(5tive iodine is concentrated in the thyroid gland and is being used 
successfully in the cure of certain types of goiter. 

Several applications of radioactivity have been made to geology.* 
One of the earliest was the determination of the age of the earth. The 
rates of radio disintegration are well established, and the age of a given 
uranium or other radioactive mineral is obtained by simjfly dividing the 
amount of disintegration product by the rate at which the product is 
generated. If the life of the parent element is very long, the calculations 
are simplified. The amount of lead found in a uranium mineral is a 
measure of the amount of uranium which has undergone radioactive 
disintegration, provided that no lead has been brought from other places 
and none has been leached out. A determination of the atomic weight 
or a measurement of the relative distribution of isotopes can be used to 
correct for any ordinary lead present which did not come from the 
uranium or thorium in the sample of mineral. The accumulation of 
helium from alpha particles is used also for dating minerals. The earth 
must be at least as old as the oldest mineral which is found, and several 
have been established to be about a billion years old. 


Example 4- A sample of pitchblende was found to contain 51.16 per cent 
uranium and 2.492 per cent lead, giving a lead-uranium ratio of 0.0487. f An 
atomic weight determination showed that, whereas most of the lead came from 
uranium and had an atomic weight of 206, some ordinary lead was present, 
requiring a correction of Pb/U to 0.0453. The disintegration constant for 
uranium is 1.52 X 10~^^ year How old must this mineral have been in order 
to accumulate this much lead? 


Ratio 


FdlHlntegrated 

Himchanged 


= 0.0453 X 


At. wt. U 
At. wt. Pb 


238 

0.0453 X ~ - 0.0523 
206 


—dc 

"IT 


kc 


-0.0523 

dt 


1.52 X 10~i® X 1 


dt = 300 million years 

* Goodman, Geological Applications of Nuclear Physics, J Applied Phys.^ 18, 
276 (1942). 

t Baxter and Averill, J, Am. Chem, Soc.^ 69, 706 (1937). 
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This is an approximate calculation assuming that for this problem 300 million 
years are infinitesimal! A more exact calculation may be made readily, thus: 


1.52 X 10"^o 


2.303 1.000 

t ^^1.000 - 0.0525 


The use of radio indicators offers a solution for certain analytical 
problems. The test for radioactivity is so much more sensitive than 
other physical or chemical tests that the minutest amount of material 
can be detected. The solubility of a difficultly soluble lead salt may be 
determined by placing a trace of radio lead in a saturated solution and 
allowing the radio lead to distribute itself between the solution and the 
solid. The distribution ratio can be easily and accurately determined 
by measuring the intensity of radioactivity. Again, it is possible with 
radio indicators to determine the actual number of atoms of lead or 
other elements exposed in a crystal, and, accordingly, the absolute 
surface can be calculated. 

The use of isotopes as trackers is furnishing an important means for 
studying the mechanism of biological processes and chemical I'eactions.* 
For example, radioactive iodine and bromine have been used to follow 
the course of the halogen in organic reactions, and radioactive manganese 
has been used to show that there is no interchange of manganese be¬ 
tween the ions of different valence, as, for example, between Mn 04 “ 
and but that there is a rapid exchange between manganous ion 

and manganic oxalate ion. 

By feeding radioactive phosphorus to a colony of rats and determin¬ 
ing the radioactivity of the bone ash at frequent intervals, Hevesy found 
that a given atom of phosphorus remains in the bones only about a 
month, a fact which proved the hypothesis that the bones of a living 
animal are in a state of dynamic e(piilibrium with their surroundings. 
Radioactive phosphorus has been used also to determine the time re¬ 
quired for inorganic phosphorus in the food to be converted into organic 
phosphorus material in the blood of rats. 

Radioactive carbon with a half-life of 4700 years is being widely 
used as a tracer in many biochemical, chemical, and industrial labora¬ 
tories. One of the most important uses of radioactive carbon is in the 
study of photosynthesis, the process by which carbon dioxide and water 
are combined in the growing plants through the agency of sunlight. A 
method is now available for studying the first immediate products. 

* “Isotopic Tracers in Biology and Medicine,” University of Wisconsin Press, 
Madison, Wis. (1948); Shoenheimer, “Dynamic State of Body Constituents,” Harvard 
University Press, Cambridge, Mass., 1942. 
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The stable isotopes as well as the radioactive isotopes are finding 
extensive use as tracers. 

Deuterium, heavy carbon, and heavy oxygen have been used effec¬ 
tively as tracer elements in physical-chemical and biochemical investiga¬ 
tions. The positions in a molecule or an organism taken by these tagged 
atoms can be ascertained with the help of a mass spectrometer which 
gives the ratio of the heavy isotope to the common isotope. For exam¬ 
ple, previously unavailable information has been found with the help of 
concerning the biochemical behavior of certain amino acids and 
proteins. 

Many uses have been developed for deuterium, but, thus far, they have 
been restricted to the laboratory. Its use as a projectile in nuclear dis¬ 
integrations has been stressed already. By substituting deuterium for 
hydrogen large band shifts are produced, and it is thus possible to con¬ 
nect spectral bands with definite bonds in the molecule. A large variety 
of new organic compounds has been synthesized in which deuterium 
takes the place of hydrogem. In one of the first tracer experiments ordi¬ 
nary sugar was dissolved in heavy water and the water distilled off. The 
density of this water was less than before, showing that some of the 
deuterium of the water had exchanged with hydrogen of the sugar. 
Quantitative measurements showed that half the hydrogen atoms of 
the sugar had exchanged with deuterium. It is known from the struc¬ 
ture of sugar that half the hydrogens are attached to carbon and half 
to oxygen. It is concluded that those hydrogen atoms attached to oxy¬ 
gen ionize and mix with the deuterium ions of the water, but that the 
hydrogen atoms attached directly to carbon do not ionize and are unable 
to leave the sugar molecule. 

Gold has been transmuted into through long exposure to neu¬ 

trons in the pile by the reaction: 

Au'^^ + n = Hg'®® 

The platinum-iridium bar at Paris has been accepted as the world’s 
standard unit of length, but it is not sufficiently precise for some pur¬ 
poses ; therefore, the red spectroscopic line of cadmium has been widely 
used. The green mercury line would be a better standard, because the 
heavier metal leads to a lower temperature of excitation with a line 
about half as wide as the cadmium line. But, ordinary mercury can¬ 
not be used because it contains seven isotopes each with a slightly dif¬ 
ferent spectral line. However, 60 mg of mercury transmuted from gold 
has been distilled out and, being free from other isotopes, gives a very 
convenient narrow line at 5461 A which will perhaps be determined 
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values of the first or principal quantum number n. For iiC, n == 1; for 
L, n = 2; for M, n = 3, etc. 

The rare gases are the key elements in the periodic table for they 
represent the completion of a shell. The number of elements in a shell 
or period is limited by the quantum numbers, as described on page 576. 
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PROBLEMS 

1. A beam of cathode rays was deflected by a magnetic field of 4.5 emu into an 
arc having a radius of curvature of 15 cm. An electric field of 50.0 volts p(^r centi¬ 
meter was required to bring the path of the rays back to its original position (1 volt 
per centimeter = 10® emu per (rentimetc^r) 

(a) What is the velocity of the rays? 

(5) If e = 1.59 X 10”^^ emu, calculate the mass of an electron. 

Ans. (a) 1.11 X 10^ (6) 9.7 X lO”^® g. 

2. Measurements on a certain radioelement gave a constant of 1.65 X 10“® 
second”*. 

(a) What is its period of half-life? 

(b) How long will it take for 99 per cent of the element to disintegrate? 

(c) What is the name of this radioelement? 

, Ans. (a) 4.85 days, (h) 32.2 days, (c) Radium E. 

3. Calculate the weight of radium E in equilibrium with 1 g of radium D. 

Ans. 6.03 X 10”^ g. 

4. A hospital maintained a solution containing 0.250 g of radium as a source of 
radon for therapeutic purposes. The radon was pumped off under reduced pressure 
once a week. 

(a) How many grams of radon were obtained each week? 

(b) What volume would it occupy under standard conditions of temperature and 

pressure? Ans, (a) 1.15 X 10“* g. (6) 0.116 cu mm. 

6. Radioactive carbon is obtained from the Atomic Energy Commission at Oak 
Ridge as barium carbonate, (a) If the carbon contains 3 atomic per cent radioactive 
carbon 14, 1 per cent carbon 13, and 96 atomic per cent carbon 12, how many grams 
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of the barium carbonate does it take to give one millicurie? (b) The radioactivity 
can be measured with sufficient accuracy for a given experiment if there are 100 dis¬ 
integrations per minute, using the equivalent of 50 ml of carbon dioxide gas measured 
at standard conditions. How much can this material Ix) diluted; that is, how many 
grams of ordinary carbon can be added to 1 g of carbon from the sample of radio¬ 
active barium carbonate, if the same accuracy of counting is to be maintained, that 
is, 100 counts per minute in a 50 ml sample of gas? 

A ns. (a) 0.086 g. (6)1.1X10®. 

6. If the products of a transmutation weigh 0.001 g more per gram atom than 
the reactants, what is the minimum energy which must be supplicnl to effect the 
transmutation: (a) expressed in kilogram-caloritjs per gram atom; (6) expressed in 
voltage of beta rays emitted? 

A ns. (a) 2.2 X 10^ kcal/g atom. (6) 9.3 X 10® volts. 

7. One gram of uranium 235 evolves about 20 billion calories when it undergoes 
fission. 

(а) Compare this heat of fission with the heat evolved in the combustion of 1 g of 
carbon. Carbon has the highest heat of combustion per gram of any organic mafiTial. 

(б) How many tons (2000 hi) of coke will it take to give as much heat on oxidation 
as 1 lb (454 g) of uranium 235 evolves on fission? (Coke is assumed to be pure 
graphite.) 

(c) If it is assumed that one fourth of the heat of fission is converted into elec¬ 
tricity with standard steam boilers, turbines and dynamos, how many kilowatts of 
electricity can be generated by the consumption of 1 lb of uranium 235 per day? 

Ans. (a) 7840cal/g. (h) 1272 tons, (r) 110,000 kw. 

8. Thorium B is an isotope of lead and thus has m^arly identical chemical and 

physical propertu^s. A given quantity of thorium B was mixed with a k^ad salt 
containing 10 mg of lead, taken into solution and priicipitaUd as the chromate. 
Ten cubic centimeters of the supernatant liquid, wh(ui evaporated, gavti a residue 
which was 1/24,000 as active as the original quantity of thorium B. What is the solu¬ 
bility of lead chromate in moles per liter? Aiis. 2 X 10~^ mole per liter. 

9. (a) Show mathematically that the radioactivity per micromole of a short¬ 
lived radio element is greater than that of a long-lived ekmient. 

(6) How many grams of radium will be required to give* as much radioactivity for 
luminous paint as 1 g of polonium? 

10. One kilogram of purified uranium is sealed in a vault as an indicator of time. 
If a chemist of the future finds 1 mg of lead, what year a.d. will it bti? 

11. Actinium emanation comes in the group of rare gases, having zero valence. 
It loses an a particle, the product loses another a particle, and then the new radio¬ 
element loses a /S particle, (a) To what group in the periodic table does this radio¬ 
element belong? (6) Describe briefly its physical and chemical properties. 

12. (a) Some beta particles have an initial velocity of 0.3 the velocity of light. 
What voltage would have to be applied to electrons in order for them to be equivalent 
to beta rays? 

(6) To how many beta particles per second would an electron current of 2 milli- 
amperes correspond? 

J To how many grams of radium B would this be equivalent? 

. (a) Radon is removed from a sample of radium with which it was in equilibrium 
and is allowed to decay. Starting with 100 units of radon how many will be left 
after 2, 4, 8, and 16 days? 
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(6) The sample of radium immediately starts regenerating radon. How many 
units of radon will be in equilibrium with the radium after 2, 4, 8, and 16 days? 

(c) Plot the data of (a) and (b) against time, and draw two curves through the 
points. 

14. The mass spectrum of a mixture of carbon dioxide and methane gave lines 
which corresponded to tlie following ratios of mass to number of charges: 

6, 8, 12, 13, 14, 15, 16, 28, 32, 44 

Suggest positive ions which may be responsible for each of these lines. 

15. Write the equations for several different ways of producing radioactive alumi¬ 
num using neutrons, deuterons, or a particU's. 

16. Calculate the change in mass involved in the nuclear transformation: 

Li"^ -f = 2He^ H- energy 

(а) How much energy is liberated in calories pc^r mole? 

(б) How much energy is liberated in (‘lc‘ctron volts? 

(c) In what form is this energy liberated? 

17. A sample of radioactive manganese was measured in a counting chamber 
with the following results: 


Time in hours 

0 

0.28 

0.75 

2.13 

7.13 

10.03 

12.82 

17.45 

Counts per 
minute 

20,862 

19,197 

17,129 

11,602 

3,159 

1,451 

690 

246 


The continuing value of 27 counts per minute is due to background and to long-lived 
impurities in the manganese. Which isoto{x^ of manganese) was this as identified by 
its half-life and atomic mass? 

18. An element gives off beta rays at 1.5 million electron volts. How much less 
per gram atom will the new element, which is formed by the radioactive decay, weigh? 

19. The atomic number of phosphorus is 15. 

(a) How are the 15 electrons around the nucleus arranged in groups? 

(b) Show that this distribution of electrons is in agreement with the quantum 
numbers and Pauli principle. 

(c) How many electrons are there in the outermost group? 

20. Explain why manganese has a variable valence and bromine ordinarily does not. 


21. An investigation of the wave lengths of the Ka lines in the X-ray spectra of 

various elements gave for zinc (atomic number 30) = 1.445 A and for cobalt 

(atomic number 27) X/r^ = 1.798 A. A third element showed a third-order reflection 
from a rock-salt crystal {d = 8.454 X 10~® cm) at 0 = 36.7°. What was the third 
element? 

22. A sample of radioactive sodium, with a half-life of 53,300 seconds, is injected 
into an animal. How many days will it take for the radioactivity to fall to one tenth 
of its original intensity? 

23. (a) After how many years will 1 g of polonium decay to such a point that it is 
equivalent in radioactivity to 1 g of radium? 

(6) After 10 years what will be the relative intensities of radioactivity of equal 
weights of radium and polonium? 

24. The weight of lead in a sample of uraninite from the Black Hills of South 
Dakota was found to be 22.8 per cent of the weight of the uranium. Calculate from 
this fact a minimum age for the earth. 
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25. Radioactive phosphorus can be prepared with the five different agencies, a, 
n, pf d, and y rays. State what eleimmts you would use for each process. Write the 
nuclear reaction in each case. 

26. Stat<3 what isotopic element may be produced when th(; following undergo 
radio disintegration: 

iH»; eC”; nNa=^; 35Br“; 47Ag"« 

27. Calculate the change in mass and the energy involved in the nuclear trans¬ 
formation: 

He^ + + energy 

28. How large would a proton current have to be in amperes in a high-voltage 
transmutation apparatus in order to correspond to one microcuric? 

29. The beryllium isotope witli a mass of 7.01916 emits gamma rays of 0.48 million 
electron volts. What is the product of this radioactive decay and what is its mass? 

30. (a) How many grams of radioactive bromine 82 witli a half-life of 34.0 hours 
is required in order to give a millicurH‘? 

(b) How many days can one wait- Ind'ore the millicurie of bromine becomes worth¬ 
less for an cxpc^riment which requin^s 100 disintegrations per minute for counting? 

31. (a) How many kilograms of uranium 235 must- be consumed jx^r day in driving 
a large ship at 20 miles per hour with 100,000 kilowntt-s of power, if it is assumed that 
25 per cent of the heat of fission can be converted into useful work through boilers, 
turbines, and dynamos? 

(6) How many kilograms of uranium 235 would be consumed in traveling 20,000 
niiles? . . . 

32. On the basis of the quantum numbers and the Pauli principle place an element 
having 13 electrons in its proper group in the periodic table. 

33. Cite all the evidence available concerning the relative stability of elements of 
odd and even atomic numbers. 

34. Some unstable isotopes disinh^grate with the (‘mission of positrons and some 
with the emission of negative electrons. Consid(U‘ing the facts tabulah^d in this 
chapter, suggest a relation by nuans of which you <‘an predict wheth(‘r positrons or 
negative electrons will b(^ emitted by an isotoix^ of givcai mass. 

35. The slow neutron flux in a certain nuclear chain-reacting pile is 10’“ neutrons 
per cm^ per second, and a 1-g sample of M 11 SO 4 is exposed to this flux in order to 
prepare radioactive manganese according to the reaction: 

Mn^^ n^ Mn^^ 

The Mn®® decays by K capture with a half-life of 2.59 hours. The MnS 04 is 
placed in the pile for 1 hour. Assuming that the only radioactivity formed in the 
sample is due to Mn®® and taking the cross section for its formation as 12.8 X lO™^^ 
cm^, calculate the activity f)resent in the sample expressed in counts per minute, 
4 hours after removal from the pile. Cross section is defined as fraction of neutrons 
per square centimeter absorbed by an atom. 
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This appendix includes the derivations of several equations which are mentioned 
in the text but not derived there. It contains also advanced material such as 
the Debye-IIiickel theory, the detailed methods for calculating the activities of 
electrolytes, an introduction to the statistical thermodynamical approach, and a 
qualitative outline of the estimation of activation energies. 

Partial Differentiation and the Gas Law 

(Page 696) 

The fundamental formula of partial differentiation shows that, if u is a function 
of both X and y, then, 

/du\ , , 


If it is appli(;d to a specific case, for example gas, it is evident that the volume v 
of the gas is a function of both pnjssure p and temperature T. Each of these variables 
affects the volume independently of the other. Then, 


dv 


= (--) 

\dp/T 


dp -f 



( 2 ) 


This equation may be expressed in words as follows. The slight change in the volume 
of a system, produced by changing temperature and pressure simultaneously, is 
equal to the sum of the two quantities: (1) the change in temperature multiplied by 
the raUi at which the volume cliaiiges with temperature alone and (2) the change in 
pressure multiplied by tlui rate at which volume changes with pressure alone. 

This equation can be used to derive the simple gas law given as equation 1 on 
page 5 from Boyle’s law and the law of Gay-Lussac and Charles. Differentiating 
Boyle’s law. 


yields 


V 


h 

P 


{T constant) 


( dV\ _ ^ 

dp/T P^ P^ p 


and differentiating the equation of Gay-Lussac and Charles, 

V - k2T (p constant) 
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Substituting these values of {dv/dp )t and {dv/dT)p into equation 2 yields 


or 


Integrating, we have 
or 


V V 

dv = -d/> + — dr 

p 2 

dv dp dT 

V p T 

In t; -f In p = In T -f- In constant 
pv — constant X T 


This is more g(merally writ ten in the form pv = nRT as given in equation 1 on page 5 
where n is the number of moles of gas and H is the gas constant. 


Evaluation of van der Waals’ Constants a and h 

(Page 15) 


The three roots of van der Waals’ eejuation become ecjual at the critical temper¬ 
ature where B, C, and 1) unite in a point as shown in Fig. 6. Then, 


- 




+ ■ 


RTc 

Pc 




a 


_j- p 

Pc 



( 1 ) 


where the subscript r indicates the critical state and the three roots vi — V 2 = Vs are 
all equal to Vc. Then, v — Vc ~ 0 and {v — Vc)^ — 0. Expanding by the binomial 
theorem yields 

{V — Vc)^ = — ZVetP' + "'iVc^V — Vc^ = 0 (2) 

Equating the coefficients of v in equations 1 and 2, we have 


and, equating the constant terms. 




(3) 

(4) 


It is possible then to determine the values of the constants a and h for any gas from 
a knowledge of the critical volume and critical pressures, thus: 


a = ZpeV^ 

Dividing equation 4 by equation 3 gives 



(5) 

( 6 ) 


By equating the coefficients of in a similar manner and substituting the values 
of Vc and pc it can be shown that 


P _ 8 PeVe 

3 Tc 


(7) 


Obviously a, b, and R must be expressed in the same units as p and v. 
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The Beattie-Bridgman Equation of State 

(Page 21) 


The Beattie-Bridgmari * equation is 


RT Y / 

P--y^[y + Bo{ 


)][’-vy-vK--7) 


The five constants must be evaluahni from experimental data on each gas. They 
are recorded in the literature for a few of the common gases. For carbon dioxide, 
the constants are Aq = 5.()0fi5; Bo =■ 0.10470; a = 0.07132; b = 0.07235; c — 6.60 
X 10^. The equation may be^ illustrated by calculating the pressure p exerted by a 
mole of carbon dioxide at 50.00in a given volume. 


0.08206 X 323.15 

y2 


[f + 0JO47<',(,-?=)][, 


6.60 X 10® "I 
"F(323.15)d 


When V - 0.300 liter 


5.0065 

1/2 




p = 294.66 (0.300 + 0.079495)(0.9348) - 55.63 (0.76227) 
= 104.53 - 42.41 = 62.12 atm 


0.07132\ 
V ) 


Distance between 111 Planes 
(Page 50) 

rfu. = 

In Fig. 15r or 16c three (111) planes are shown, and the vertical distance between 
any two of them is to be calculated. Proceeding from the origin (that is, the central 
point in the lowest ctmtral line), one finds the oblique line ending in an arrow, at 
right angles to the plane. This is the distance d which is sought. 

If the line is continued until it hits the upper right-hand corner, it forms a diagonal 
of the cube. Geometrical considerations show that the diagonal of the cube will 
intersect the planes at right angles. 

Now, the length I of the diagonal of a cube is given by the expression, 

/2 == ^2 _j_ 2^2 ^2 

where x, y, and z are the three sides of the cube. But, by definition of the (111) plane, 

X = y = 2 = 1 (2) 

since the plane cuts each of the three axes at a distance of unity. 

Then, 

jr2 = ^2 2/2 + = 12 + 12 + 12 = 3 (3) 

By inspection of these figures it is evident that the diagonal is divided into three 
sections by these three parallel (111) planes. When other cubes are laid down around 

* Beattie and Bridgman, J, Am, Chem, Soc., 49, 1665 (1927); 60, 3133 (1928). 
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these cubes, it can be seen from the inU^rsection on the upper faces that, the (111) 
planes are parallel and separated by constant differences. 

Then the distance d between the two planes or, in fact, between any two planes 
is given by the relation, 

^ = -3« = S\/3 (4) 


or 



(5) 


Calculation of Refractive Index from Angle of Refraction 

(Page 68) 

The light passejs through the (Pulfrich) refractometer prism as shown in Fig. 160. 



Fig. 160. Calculation of refractive index from angle of refraction. 


The refractive index n at the air-liquid interface may btj obtained from the refrac¬ 
tive index N at the air-glass interface and the refractive ind(‘,x rq at the licjuid-glass 
interface. If N is divided by ni, the refraction in glass can be made to disappear. 
Therefore, 

n = ^ = JL. (1) 

Til sin /' 


But /' == 90°, and sin /' 


1 , 

n 


sin R* 

— = N sin R' 
sin R' 


( 2 ) 


and, since sin R' — coq R ^ W I — sin^ R 
For air-glass, 
and, substituting, we have 


n = iVVl - sin^ R 

sill 7 . o ^ sin^ I 

N = - 7 —- ; or sin^ R = 
sin R 


- jv -^1 — = V — sin^ / 


(3) 

(4) 

(5) 


The value of the refractive index N of the glass prism against air is supplied with the 
refractometer. 
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Cp - C„ == R 
(Page 115) 


The method of partial differentiation may be illustrated in the following proof that 

Cp - C\ = R (1) 

This equation was dev(^loped in a different way on page 115. The molar heat ca¬ 
pacity at constant pressure Cp is dtjfined as the rate of changci of enthalpy with 
tempcirature at constant pressure. The molar lu^at capacity at constant volume Cv is 
defined as the rate of change of internal energy E with temperature at constant 
volume. 


Therefore, 


-(i). 

_ rd(E + {jv) l /<9£'\ 

L dT Jp \ot)v 

” KdT/p \d f)v 

But, since £' is a single-valued function of the variables T and r, it follows that 


/dE\ /dE\ 

dE — ( ] (i I ”i“ { — ) 

\dT/y \dv/'2 


dv 


(3) 


(4) 


and differentiating with n^spect to T at (constant pressure gives 

XdT/p XdT/p \dv) t\0t)p 
Substituting in equation 3, we obtain 




But for an ideal gas {dE/dv)r = 0 (page 110). lienee equation 6 becomes 


(6) 

( 6 ) 


Cp C. - p (---)^ (7) 

and, since v = RTIj)^ we may replace {dv/dT)p by R/p, and equation 7 then simplifies 
to 

Cp -Cv^R (8) 

The use of partial differentiation may be illustrated further in the study of the 
Joule-Thomson effect discussed on page 112. 

Since H is a single-valued function of any two of the three variables T, p, and v, 
the general rule for partial differentiation may be applied; choosing temperature 
and pressui’e as the variables, we may writ^ 

__ /dll' 




676 


APPENDIX 


But, in case of the free expansion of gas, II is constant and dll = 0, so that, on re¬ 
arranging terms, we have 

_ {^JL\ _ 

(~T\ /T \dp/T . 

\dp)H /dH\ “ Cp 

\ dT/ p 

Writing for H its equivalent E -{- pt>, we have 
_ / 0(E - f pv)\ 

^ ^ (^\ __ J nn 

^ dpjH Cp Cp \ dp)T Cp\ dp )T 


In this equation — (dE/dp) corresponds to tiie decreases in internal enc^rgy as the 
molecules are crowded closer together, a process which liberates heat and causes the 
temperature to rise if tlu^ system is thermaUy insulated. Ac^cording to this term a 
decrease in pressure should produce a drop in the temperat ure. 

1 fdE\ 

If we neglect the term — — \ ^) consider only the last term of the equa¬ 
tion, if pv increases when p decreases dT/dp will have a positive value, and the gas 
will tend to be cooled when the pressure is dcicreased by the passage of the gas through 
a porous plug. If pv decreases when p decreases d(pv)/dp will be positive, and dT/dp 
will be negative, indicating that the temperature will rise. 


The Carnot Cycle 
(Page 160) 


The Carnot cycle makes use of an 



imaginary engine operating through a reversible 
cycle as indicated in Fig. 161. One mole of an 
ideal gas is enclosed in a cylinder with a 
weightless frictionless piston and subjected 
to the following four su(;cessive steps. 

1. AB repnjsents isothermal reversible ex¬ 
pansion from vji to vji at temperature 

Vft 

WAB = ABB'A' * RT^ln — 

VA 

QAB = Wab (1) 

2. BC represents adiabatic expansion from 
vb to vc. The tejmperature drops from 2 2 to 
the lower temperature J’l. No heat is trans¬ 
ferred, and the energy for doing the work 
must come from the cooling of the gas, AE, 

gse = 0 

WBc = area BCC'B' « ~ Ti) (2) 


Volume Also, 


Fig. 161 . Schematic pressure-vol- vc , , 

lime diagram for a gas in Camot^s Ip' ~ ^ (adiabatic expansion) 

cycle. ( 3 ) 
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3. CD represents isothermal reversible compression from vc to ojj at temperature 

Ti. 

wcD = area CC’D'D - RTi In — 

VC 

WCD - qcD ( 4 ) 


4. DA represents adiabatic compression from vd to va> The temixjrature rises 
from Ti to 

qDA = 0 


wda - area DD'A'A = Cv{Ti - T 2 ) = -CviTz - Ti) (5) 

Also, 

Cvln^^? = -ftln— (6) 

11 VJJ 

The gas is now at its starting point under the original conditions of temperature, 
pressure, and volume), and the four steps constitute a reversible cycle. Work done 
by the system w is given by the area, ABCC'A\ and work done on the system by 
its surroundings is given by the area, CDAA'C\ More work is obtained at the 
higher temperature than is required at the lower temperature, and the net w^ork is 
represented by the area ABCD. To offset this surplus work a quantity of heat is 
transferred from a higher temperature T 2 to a lower one 7\, This work represents 
the maximum work obtainable because the cycle is reversible. 

The total work t/; is as follows: 

Vff 

w = WAS + WBC 4- WCD + wda == RT^ In-1- Cv{7\ - Ti) 

VA 


+ RTi In^+f-CvlPj-TiD* 

VC 

Vft Vn Vr Vr 

w = RT 2 In -- H- RTi In — = RT 2 In ~ - RTi In — 

VA Vc Va Vd 


( 7 ) 

( 8 ) 


In order to obtain a further simplification, the last equations of steps 2 and 4 arc 
compared: 


and 


or 


Cv, Ti 

= -ln^ 

( 9 ) 

R T2 

VB 

a, T2 
R^^T, 

= 

VD 

( 10 ) 

a, Ti 


( 11 ) 

R T2 

VA 

vc 

_ VD 

( 12 ) 



VB 

VA 


vc 

_ VB 

( 13 ) 



VD 

VA 


Obviously, 

and rearranging gives 


* It may be noted that all the work terms are added and that the relative magni¬ 
tudes of the final and initial states determine the sign. 
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Substituting equation 13 into equation 8, we have 


w ~ RT 2 In --- 
VA 


RTi In 


VA 


(14) 


Dividing this equation by qab — RT^ln vb/va, as given in the first step, yields 

vb 


IV 

QAB 


R{T 2 - r,) In- 


VA 


RTz hi 


Vb 

va 


T2 - Ti 

T2 


(15) 


Writing q 2 instead of (/ab for the h(‘at absorbed at the higher temperature 7^2, and 
remembering that the work is maximum work because the cycle is reversible, we find 


T2 - Ti 


(Ifi) 


This is the same as equation 39 on pagi; 100 di^rived in a more general way. 


The Maxwell Distribution Law 

(Page 368) 

The mathematical statement * of the distribution of velocities is 



n 


\2rRT/ 


(J) 


where M is the molecular weight, v is the probable vtilocity of the molecule, and 
dn/n is the fraction of th(i molecules having vekxnties bi'tween v and v + dv, 
n being iiie total number of molecule's, which is a constant. 

Introducing E, the energy expressed in calories per mole, we find 

E = 

dE — Mvdv 


This gives the fraction of the molecules having energies between E and E -h dE. 

Of particular inUirest in physical chemistry is the number of molecules n' having 
energies greater than some fixed value E per mol(\ 

Integration between E and infinity gives the fraction of molecules which 

have energies greater than E. 



* A derivation is given in Gladstone, ‘‘Textbook of Physical Chemistry,’^ D. Van 
Nostrand Co., New York, 1946, page 267. 
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In practical applications E is large compared t<o HT, and so the only term of impor¬ 
tance in the brackets is the first, or 



n 


2 

y/TC 



e 


-EJRT 


(4) 


The Rate Equation 

(Page 376) 

Eyring’s equation for the activated complex is 


^ ^ASq/R^-AHa/RT 

Nh 


( 1 ) 


The (;oncentratit)n of the a(^tivaU;d molecules is given in terms of an equilibrium 
constant Ka and the concentration of the reacting molecules, thus: 


^activated molecules “ ^"«^reactantH 
_ ^-AFa/IiT 


hirMUT ^ 

\ A'-7r 

/ j2wMRT \ 


( 2 ) 


where the term undc^r the square-root sign allows for the fact that, in addition to the 
thn^e translational degr(H,*s of freedom, tht’re is an extra degree of freedom along which 
the activated molecule is d(icomposing. N is the Avogadro numljer, h is Planck’s 
constant, and I is a measure of the width of the activated state on the energy surface. 
Th(i activated molecules are moving along the top of the i^iiergy barrier with a velocity 
\/RT/2TrM so that th(‘ k'ligth of time sfxmt in the activated state is 1/\/rT/2wM. 
Then the rate of the reaction is given by the expression. 


Rate = 


number of molecules in activated state 
average time spent in activated state 


^‘‘AFa/HT 1 

u 

l2nMR T 

Y2^2 y ^reactants 

l-^yj 

1 RT 

2M 


and 


Rate 


Wi 




k 


K 


RT 

Nh 


^ — AMalFiT 


(4) 

(5) 


The term k is included to allow for the probability that a molecule once fully 
activated will give the products of the reaction. Ordinarily, it is assumed that this 
probability is practically unity, and k is neglected. 
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Debye-Hiickel Theory 

(Page 512) 

Surrounding any ion in a solution there will be on the average a greater number of 
ions of opposite charge than of like charge, as a result of the attraction of unlike 
charges and repulsion of like charges. For a 1-1 electrolyte, the number of positive 
ions dnj^ or of negative ions dn_ in a volume dV at a distance r from a particular 
ion will be, according to the Boltzmann distribution law, 

dnj^ = dV (1) 

( 2 ) 

Here n is the total number of positive or negative ions divided by the total volume, 
k is the Boltzmann constant, and c is the charge on a univalent positive ion. \p is 
the electric potential or the work required to bring a unit positive charge from infinity 
to a distance r from the selected ion. The number of ions in the volume dV will, of 
course, fluctuate as the ions move about in the solution, but the equations hold for 
the values averaged over a period of time. 

The density of charge p will be 

P = . ± - ~ (3) 


Expanding the exponential terms into a series and neglecting higher terms, we have, 
as a close approximation for small potentials. 


p = 


2716 ^ 

~kT~ 


(4) 


The Poisson equation, derived from Coulomb’s law, also relates ^ and p. Since 
^ depends only on r, the equation is 

I _ —47rp 

"cP r dr " D 


In this equation D is the dielectric constant of the medium, 
into equation 5, we have 


^ 2 dyff SirneV 2 # 
^ r ^ "" DkT “ * ^ 


Substituting equation 4 

( 6 ) 


where 


87m 


DkT 

It can be verified that a solution of equation 6 is given by 

e~ 


^ = A- 


H-B- 


( 7 ) 

( 8 ) 


and, since there are two independent arbitrary constants A and B, this must be a 
general solution. The potential must approach zero as the distance r from the 
selected ion becomes very large, and so B must be zero; otherwise the term e^/r will 
make ^ very large at large values of r. 
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A can be evaluated by making use of the fact that the total charge surrounding 
the ion (which we will assume to be positive) must be — c, since the solution as a 
whole is neutral. Comparison of equations 5 and 6 shows that 


_ DK^Aer^'^ 
4:Tr 4:Tr 


(9) 


Hence, integrating (by parts) from the closest distance of approach of the ions, which 
we will call a, gives 


— € 



dr 


Therefore, 

and 


= — J* rI)K^Ae dr 
= -DAe-'^^l -h <a) 
A = 


Z>(1 + Ka) 




= 


Z>(1 + Ka)r 


( 10 ) 

( 11 ) 

( 12 ) 


The potential at the ion is the value of ^ at r = a, 


4' 


€ 

Z>(1 -f /ca)a 


(13) 


In calculating the activity coefficients and oth(^r properties of the solution, Debye 
attributed all the deviation from the behavior of ideal solutions to the electric (jharges 
on the ions. Consider the following imaginary process:* 

1. Gradually discharge an ion in an extremely dilute solution of the electrolyte. 

2. Transfer the discharged ion to a more concentrated solution. 

3. Gradually charge the ion again. 

The changes in free energy in steps 1 and 3 are equal to the electric work done on 
the system, and the free-energy change in step 2 is the same as for ideal solutions. 


ypdq ^ \ - 


2Da 


'a-. D{1 + Ka)a 
(k ^ 0 here) 


dq 


AF 2 = —^ In — = kT In — 
N Co Co 


where c and co are the concentrations of the final and initial solutions, respectively. 


AF3 = f"' 


dq^ 


D(1 + Ka)a 2D(1 + Ka)a 


2Da 2D(1 -f kq) 


* Guntelberg, Z, physik. Chem., 123, 199 (1926). 
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Therefore, 2 

AF =* AFi + AF2 + AF3 = A:T In-- 

Co 2D(1 4 - /ca) 

The free-energy change is also given by the equation, 

AF = fcrin- +*71117 

N Co CO 


(14) 


(15) 


wher(^ 7 is the activity coeflicit^nt of the ion in the final solution. 7 = 1 iji the initial 
solution. 

Comparing equations 14 and 15, we see that 



If we use equation 7 and n — c/KKXlAT, where c is the concentration in moles }jer liter 
and N is the Avogadro number, equation 1 (» may be written as 


log 7 = 


2.303 X 2Dk 


If c is small, equation 17 becomes 


I Sirce^ 

\T000A^m7^ _ 


where 


log 7 = —A\/c 

€^(2ir)^ 

2.S03(DkT)'Xl000N)^ 


(18) 

(19) 


This equation was derived for a 1 - 1 electrolyte. The expression for the activity 
coefficient of other types of electrolytes in solutions containing different electrolytes 
(page 470) can be derived in a similar manner. 

For water at 25° A = 0.503. 


Calculation of Activities of Electrolytes from Electromotive-Force Measurements 

(Page 472) 

The determination of activities of electrolytes by extrapolation to infinite dilution 
may be illustrated with hydrochloric acid. 

The following cell without transference, 

Pt, H 2 (1 atm); HCl(m); AgCl; Ag 

is reversible with respect to both electrodes, and its voltage depends on the activity 
of hydrochloric acid. The cell reaction is 

IH 2 + AgCl = H+ + Cl- + Ag 

The activity coefficient of the hydrochloric acid is represented by 7, and at each 
concentration the activity of the hydrogen ion is ym and that of the chloride ion is 
also 7 m, where m is the molality. 
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iubtracling ^fquation 2 from equation 4, we have 


rfln 


ai 

Ni 


Ni 


d In 


02 


(5) 


At infinite dilution the solution is essentially the same as the solvent, and then the 
activity of the solvent is practically the same as the mole fraction Ni. Then, 


-„ = 1 and log^„ = 0 


and integrating (ujuation (5) between infinite dilution and some spijcified mole fra(v 
lion gives 

ai rN 2 N2 02 


(6) 


Now the integral on the right-hand side of the equation may be determined if the 
ndation is known between N 2 /N 1 and log a 2 /N 2 ; or it may be evaluated graphically 
by plotting N 2 /N 1 against, log a^/N 2 and finding the an'.a under the curve. 

This method * can be used to determine the activities of meremry in a thallium 
amalgam at 20° from a knowkidge of th(^ activities of thallium as illustrated in 
Fig. 163. The activities of thallium in mtircury solutions were readily obtained by 



Fig. 163. Graphical method for determining the activities of the solvent from those 

of the solute. 

measuring the potential difference between two amalgams of different concentration 
in contact with a solution of thallous sulfate. The measurements were carried to 
low concentrations, and then the value of was determined by extrapolation in a 
manner similar to that described for hydrochloric acid. In Table I the activities 
of thallium obtained in this way, at various mole fractions, are divided by the mole 
fractions and shown in the fourth column. 

* Lewis and Randall, /. Am. Vhem. Soc.^ 48, 233 (1921); “Thermod 3 mamics and 
the Free Energy of Chemical Substances,McGraw-Hill Book Co., New York, 
1923, page 269 
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TABI.E 1 

Activities of Mercury in Thallium Amalgams 


Mole 

Fraction 

Thallium 

A 2 

Mole 

Fraction 

Mercury 

Ni 

Mole 

Ratio 

N 2 /N 1 

Activity T1 

Activity Hg 

Activity 

Hg ■ 

ai 

Mole P’raot. Tl 
Oi/Ni 

Mole Fract. Ilg 
ai/N, 

0 

1 

0 

1 

1 

I 1 

0.005 

0.995 

0.00502 

1.06 

0.9998 

0.995 

0.01 

0.99 

0.0101 

1.15 

0.999 

0.989 

0.05 

0.95 

0.0526 

1.80 

0.986 

0.937 

0.1 

0.90 

0.111 

2.84 

0.950 

0.855 

0.2 

0.80 

0.250 

4.98 

0.866 

0.693 

0.3 



6.60 


V 

0.4 

0.60 

0.666 

7.57 

0.734 

0.440 

0.5 

0.50 

1.000 

7.98 

0.^04 

0.352 


In Fig. 163 a dotted line is shown corresponding to a mole fraction of thallium 
of (mole ratio of |), and th(‘ activity of the mercairy at this conct ntration is n^adily 
obtained after measuring th(^ area under the curve out to the intersection with this 

J r*o.25 A2 0,2 

— cflog- is equal to — log ci/A^i, from which 
0 A] N2 

ai/Ni and ai may be calculated readily. Tlui data of the last, two columns W(‘re 
obtained by this method, carrying out the graphi(!al integration to different limits. 

A similar method can be list'd for calculating the activity of the solutti from that 
of the solvent, but here the curve approaches the axis asymptotically, and the deter¬ 
mination of the area is inactmrate. It, is mon' satisfactory, then, to plot some arbi¬ 
trary function of the activity of the solvent which approaches zero at. infinite dilut ion. 
Such a method is particularly valuable in acpieous solutions where the activity of 
the solvent may be determined easily. 


Calculation of Activities from Freezing Points 

The activity of water is diminished by the addition of a solute, and this lessening 
of the escaping tendency leads to a lowering of the freezing point. Since freezing- 
point depressions can be measured more accurately than the other colligative proper¬ 
ties of solutions, they are often used for determining the activities of the solvenf,, 
and, with an equation similar to equation 6 on page 685, they arc used for determin¬ 
ing the activities of the solute. Earlier in the book (page 237) it was shown that 
the concentration of a solute can be calculated approximately in a dilute solution 
when the freezing point of the solution and that of the solvent are known; but in 
calculating activities with precision it is necessary to know the freezing points not 
only of solutions of the specified concentrations but also of several additional con¬ 
centrations out to extreme dilutions. The following equations can be obtained from 
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earlier pages, and with the proper substitutions it is possible to obtain a working 
equation from which activity coefficients can be obtained from molalities partly by 
graphical integrations. Application of the Clapeyron equation (page 174) to the 
vapor pressure of ice pe and of pure supercooled water fi at the same temperature 
gives 

din — 

^ Vi ^ A//a - AHy ^ 

dT RT^ RT^ ^ ^ 


where the AH values are the heats of sublimation, vaporization, and fusion, respec¬ 
tively. Strictly speaking, fugacities rather than pnissures should be used, but the 
I)ressur(5s are low enough to be nearly equal to the fugacities. 

At the fr(‘czing point of t he solution the vapor pressure pi of the solution equals 
If pure liquid water is chosen as the standard state at any temperature, so that the 
activity of water in the solution is ax = pi/piy the following equation results; 


d In ai 
dT 


d In 


Pi 


dT 


din 


21 

VI 


dT 


AHf 


( 2 ) 


Assuming that Allj is constant and integrating between the limits the freezing 
point of the solution, and To, the freezing point of pure water, where ax — 1, we have 


In ax == 


B TTo ~ RTo^ ^ 


(3) 


the last term being a good approximation when AT/ or To — T is small. This equa¬ 
tion reflates the activity of water in a solution to the freezing-point depression. It 
gives the activity at the freezing point of the solution, but the activities in a solution 
of given concentration are so nearly independent of temperature if the solution is 
dilute that ai can be considered as the activity of water in the solution at a specified 
temperature, say, 25®. 

When the concentration is changed at constant temperature and pressure, 


d In ax 


-N2 

Ni 


d In a 2 


(4) 


where a^ is the activity of N\ the solute. 

The corresponding change in AT/ will be given by differentiation of equation 3: 


d In ax 


-AHf 

RTo^ 


diATf) 


(5) 


The activity a 2 of an electrolyte of type A^By is related to the activity coefficient 
7 and molality m by 

02 == (t X xm^iy X ymy = {yviYx^y^ (fi) 

where v ~ x A- y the number of ions per molecule. Thus, for BaCk, 

02 = {yni){y X 2mY - (tw)® X 4 
Taking logarithms in equation 6 and differentiating gives 
dlna2 * vdlny + vd\nm 


(7) 
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and combining equations 4, 5, and 7 yields 


V d In y vd him 


Ni AHf 
N2 RTf? 


d{ATf) 


d ATf 
1 . 860 m 


( 8 ) 


Numerical values for water are used to give 1.860m in the last term. 

Graphical integration of a plot of 1/1.860m against ATf can be used to evaluate 
relative values of y with the aid of this equation, but, since 1/a? becomes infinite at 
m = 0, the equation is not convenient for extrapolation to infinite dilution. To 
avoid this diflSculty, the j function is introduced as follows: 


i 


« 1 - 


AT/ 

1 . 860 t'm 


(9) 


Since ATf/m approaches 1.860;^ in dilute solution, j ai)proaches zero for m = 0. 
Differentiating gives 


—d A77 a?/ dm 

1 . 860 */?/? ^ 1 . 860 i/???^ 


( 10 ) 


—dATf dm 

1.8G0i///? m 

Substituting for d AT//1.860m in equation 8 and rearranging gives 

,, .. dm 

d\ny = -dj - j — (11) 

rn 


Integrating between concentrations 0 and m, we get the final working equation, 


In y 


J r^- dm 
I J — 
0 m 


( 12 ) 


where 7 is the activity coeflScient at the molality m. The last quantity in this equa¬ 
tion can be obtained by graphical integration of a plot of j/m against m. 

In accurate work corrections can be made for the approximations made in this 
treatment, such as the change in aH and ai with temperature. 

Further material on the determination of activities from freezing-point measure¬ 
ments may be found in the literature. * 


Specific Diffusion Rate 

(Page 631) 


The formula for the diffusion rate of a colloid particle is 


D 


N f 


where / is the frictional force opposing particles which move with a velocity of 1 cm 
per second, and D is the specific diffusion reaction rate. 

* Randall and Vanselow, J. Am. Chem. Soc.^ 46, 2418 (1924); Scatchard, J. Am. 
Chem. Soc.f 47, 648 (1925); Scatchard and Benedict, J. Am. Chem. Soc., 68, 837 (1936); 
Getman, J. Phys. Chem.y 34, 1454 (1930); Robertson and LaMer, J. Phys. Chem.^ 
86 , 1953 (1931); Harned and Owen, ^The Physical Chemistry of Electrolytic Solu¬ 
tions,’’ Reinhold Publishing Corp., New York, 1943. 
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The velocity v of motion of a molecule under the influence of a force K is 

K 


( 1 ) 


where / is the frictional r(\sistance to the motion. If the concentration of the solution 
before a plane across which diffusion is taking place is c gram molecules pejr unit 
volumes, cN molecules will be involved, with force K acting upon them, and 


_L^ 

^7 


( 2 ) 


In diffusion the force acting is equal to the? osmotic pressure gradient, therefore 


X = - 


dP 

dx 



(3) 


and, by substitution and rearrangement, 

VC RT 1 

dx 


(4) 


But the diffusion constant L) is, by definition, the amount of solute which will diffuse 
in unit time, across unit area, under unit gradient of concentration; therefore, 


It follows immediately that 


dc 

—D — = VC 
dx 


/?T 1 


(5) 

( 6 ) 


Bohi^s Formula for the Energy of an Electron in an Elliptical Orbit 

(Page 570) 

It is assumed that a negative electron moves in a circular orbit around a central 
nucleus which has a positive charge Zc, where Z is the atomic number and e is the 
unit electric charge, that is, the charge of an electron or proton. 

The centrifugal force of the electron moving in its orbit is wv^/r, where m is the 
mass of the electron, v is the velocity, and r is the radius of the orbit, that is, the 
distance between the electron and the nucleus. 

The electric force of attraction is iZ€)e/r^y as given by Coulomb’s law. 

In the stable orbit the centrifugal force must be equal and opposite to the electric 
force in order to maintain equilibrium. 

Then. 
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The total energy E is equal to the sum of the kinetic energy and the potential 
energy Ep. 




and 


Then, 




E = Ek -¥ Ep — 


dr -- 

1 ^ 

2 r r 


r 


2r 


( 2 ) 

(3) 

(4) 


The energy has a negative sign bcuiause the n'fen'nee stat(; with zero energy is 
taken as that state in which th(‘. electron is at, infinit,(^ dist ance from th(‘ nucleus, and 
th(* lower limit of integration is taken as r — oo. 

These considerations apply to any coulombic fit‘ld and can be applied to ellipticjil 
orbits as well as to cir(;ular orbits. 

The angular momentum p of the moving el(;ctron is giv(m by the expression, 


p — invr 

Then substituting (Equations 5 and 1 into equation 4 yields 

^ _ Zehnv _ Zehn 

2r 2p 2p rv 2p p 


E = -• 


m.Zh^ 

"2^“ 


(5) 


(b) 


If this formula w^ere strictly correct, E w'ould change continuously over a w^ide 
range, and a continuous spectrum containing all wave lengths wajuld be produced. 
To account for the discontinuous spectrum which is actually produced, Bohr assunu'd 
that the angular momentum of the eh'ctron in its orbit must be an int,(‘gral multiple of 
h/2Tr, where h is Planck’s universal constant. In other words, he assumc^d that the 
only values of p which are permitted by the restrictions of the quantum theory are 
those which meet the requirement of the equation. 


27rp = 7ih or p = 


nh 

27r 


where n is an integer 1, 2, 3, 4, etc. 
Substituting into equation 6 gives 


En-= - 


mZV(27r)2 

2(nh)^ 


2Tr^mZ^e^ 


(7) 


( 8 ) 


Statistical Thermodynamics * 

Gibbs, Boltzmann, and others applied the method of statistical mechanics to the 
calculation of specific heats and other thermodynamic quantities, but the calculations 
did not agree with the experimental values. As explained earlier in this book, it was 
necessary to wait for the development of the quantum theory before correct calcula¬ 
tions could be made. It is now possible to calculate thermodynamic functions Ey /S', 

♦Eyring and Walter, J. Chem. EducatioUj 18, 73 (1941); Wilson, Chem. Rev.y 27, 
17 (1940). 
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A, Fj Cp, and Cv for many simple molecules more accurately than they can be deter¬ 
mined by direct experimental measurements. The treatment of more complicated 
molecules is still rather approximate, but important progress is being made.* 

The general principles involved in the application of statistical mechanics to 
physical-ch(?mical problems may be illustrated with the help of a simplified hypo¬ 
thetical system consisting of molecules in the energy state A and molecules in the 
energy state B, which are in equilibrium with (^ach other; thus; 

A ^ B 

Then AF = —BT In K = —RT In (nn/nA) where tia and nn are the numbers of 
molecules in th(5 two state's under these equilibrium conditions. For the sake of sim¬ 
plicity, it. may b(‘ assumed that the energy in the A state is effectively zero, that is, 
it is in th(‘ ground st,at(\ 

Writing in the exponc^ntial form and remembering that. AF ~ AH — 7'AS, we have 

An/iiT 

ua 

For this simpler hypothetical system, it is assumed that there are no energy levels 
other than those found in the states A and B, and so there is no way in which heat 
can be taken up by raising the temperature, and the heat capacities and entropies 
of the separate molecuh^s in the A state and B state are ec^ual to zero. However, 
there may b(^ S('V(‘ral different states in which all th(‘ molecules have? the same energy 
level. Such a system is said to be degenerate, and the degeneracy g is defined as the 
numb(^r of diffenaif. stah^s; 1, 2, 3, etc., which hav(‘ the same energy c.ontent. Now 
these mok^cukis of difT(‘rent configuration but equal energy content are uniformly 
mixed togeth(?r in what may be considered as an ideal solution, and an “entropy of 
mixing” is involved, which is given by the expression: 

AS — R In (j 

which is deriv(*d as follows: 

It was shown on page 245 that the free energy of transfi'rring a substance from the 
pun' state to an ideal solution is given by the expn^ssion, 

AF = RT In N 

where N is the mole fraction in solution. When several different substances comprise 
th(* solution, 

AF - RTl^i In Ni + In Ng + RTNz In N3 + • • 

but AS — {AH — AF)/T; and, for ideal solutions, AH = 0. 

Then, = -R{Ni In Ni -f N2 In N2 + N3 In N3 + • • •). 

In this system Ah - N 2 — Ns, since it is assumed that all energy states are equally 
probable. 

Then AS — —RgN\ In Ni, and, since 

gNi = 1 and ^ ^ g 
Ni 

AS Ring (2) 

* Pitzer, Chem. Rev., 21, 39 (1940); Wenner, “Thermochemical Calculations,^’ 
McGraw-Hill Book Co., New York, 11141, Chapters VII and VIII. 
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Substituting the value for entropy change AS in going from the A state to the B 
state, we have 

= e^R^ngB~RhxgA)/R ^ ?£ 

QA 

Then 

^-AHIRT ’ 

nA 9A 

where AH is the heat absorbed in going from the B state to the A state. Tlien, sub¬ 
stituting molecular quantities for molar quantities gives 


!!£ — tBlkT 

UA VA 

where eu/kT is obtained from AH/RT by dividing through by Avogadro’s number. 

It is evident that, if a third state C were sp(‘cified, the same formula would apply 
with subscript C taking the placti of subscript B. In general, 


(4) 

no go 

where no and go emphasize that the first staUi is the ground state and i repre^sents 
any state. The number gi gives the a priori probability or the; statistical weight of 
the energy state i. 

These equations are known as the Maxwell-Boltzmann equations which constitute 
a theoretical foundation for many of the formulas which havt', Ix^en discussed in 
earlier (chapters dealing with the influence of temperatunj on chemical equilibrium, 
solubility, vapor pressurti, reaction rat/cs, and so on. They (‘an be d(‘rived also by 
statistical mechanics without the use of physical-chemical formulas. According to 
one method a system of harmonic oscillators is used as the stalling fioint. 
Rearranging equation 4 gives 

Vffo/ 

The sum of the numbers of molecules in all the stato must equal the total number 
of molecules; hence, for a system of N molecules, 


\go/ 

Now the total energy of the N molecules in excess of the energy in the ground state 
(approximately at absolute zero) is given by the exprcission, 


- Bo'’ = = (-) 

\go/ 


= N 


V ) 


(5) 


where Eo® is the energy of formation per mole of the molecules from gaseous atoms 
at absolute zero. These formulas may be written more simply if we use a function 
known as the partition function^ defined as 


Q = 
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Then, it follows that 

and 

r 


N 


~u/kr 


= Q 


gi^ie 


f/kT 


(IT dT 


Similar analytical expressions may be obtained; 


-zeA/iM 

dT . I 


C 

dT 


-(F - E”) 


= Hih) Q - ]) 


( 6 ) 


(7) 


( 8 ) 

( 9 ) 

( 10 ) 


Thcs() formulas giving the thermodynamic (|uant,it,i('s in terms of the func^tion Q arc^ 
of value because of the fact that analytic expn'ssions can usually b(; found for Q 
which avoid the necessity of tedious summations. Spectroscopic (evidence indicaU^s 
that we may usually bn^ak up the energy of a given level ei into sc^parate parts 
(page 595), writing 

= t/r + ^el + Cl* 4' er (1 1) 


where theses components are the translational, electronic, vibrational, and rotational 
energies, respectively. From the exponential nature of the partition function, it 
follows that, we may write Q ns & product of corn^sponding component partition 
functions: 

Q =^QtrX Qel XQvXQr (12) 

The thermodynamic functions themselves involve the logarithm of the partition 
function and may, therefore, be broken up into sums; for example, the entropy may 
be writ ten 

S = Str 4 - ^el + Sv 4 " Sr ( 13 ) 

It is found that in almost all cases the electronic-energy levels lie so high that only 
a negligible fraction of the molecules are electronically excited by thermal agitation, 
and, hence, the electronic contributions may usually be ignored. The vibrational 
contributions are evaluated by summation. The translational and rotational con¬ 
tributions may be closely approximated, at ordinary temperatures, by analytic 
functions of the molecular weight, and by moments of inertia of the molecule. 

Tables are now available giving values of —(F® — E^)/T at various temperatures 
for many of the hydrocarbons and simple molecules. * 

* Pitzer, Chem. Rev., 27, 39 (1940); Wilson, Chem. Rev., 27, 17 (1940); Wenner, 
*‘Thermochemical Calculations,^^ McGraw-Hill Book Co., New York, 1941; Johnston 
and Davis, J. Am. Chem. Soc., 66, 271 (1934); Rossini and associates, “Physical 
Chemical Properties of Pure Hydrocarbons,National Bureau of Standards and 
American Petroleum Institute, Washington, D. C., 1947; Hougen and Watson, 
“Chemical Process Principles,” John Wiley & Sons, New York, 1947. 



694 


APPENDIX 


Using these values together with one expeiimental value in order to calculate 
AEo^y one can calculate AF^ and, thus, the chemical (‘.quilibrium constant, using the 
relation —AF"^ = RT" In K. 

Calculation of Activation Energies 

It is to be hopcul that theoretical chemistry will provide a means of calculating 
from a few fundamental constants not only the th(‘rm(Klynamical quantitic^s and 
equilibrium constants (pages 286-690) but em^rgies of activation and reaction rates 
as well. A beginning has been made. However, so many more variables an' in¬ 
volved, such as time, catalysts, foreign materials, and light, that the dev(;lopments 
will be much slowcjr, and the results will be subject to miu^h great.(*r errors. IVlon'over, 
in thermodynamics one can handle and measure the substances involved, but in 
chemical kineti(^s many of the most imi)ortant substances have only a fleeting t'xist- 
(mce and cannot be investigated by din'ct methods. How('ver, from a practical 
standpoint the pn^liction of n^action rates is so important that ('ven approximate 
results are welcome. 

The importance of the activation energy and its use in calculating reaction rat(‘S 
with the formula, 

k = (1) 

were stressed in Chapter XIV. If one could place all th(' atoms involv(*d in a given 
reaction at all different positions in space and detcTmim' th(' energy of the system 
at all tht^se different spacings he would thim know tlie most stable products and the 
energies required t,o bring up the r(*actants into such positions that, the given products 
would result. The problem is complicated because evciiy atom interacts with every 
other atom and becaus(^, as already explained, tluire are both electrostatic and quan¬ 
tum mechanical attractions. 

The problem has been attacked by Eyring.* It is assumed that th(^ atom pairs 
retain tlanr individuality until they reach such a configuration that ttu' atoms can 
either n'.turn to give th(i original molecule or rearrangt' to give Uk^ new products. 
The general plan is to build up curves giving ('nergies as a furudion of distance' for all 
the diffiirent, atom pairs and arrange tiiem in three dimensions with energii's plotted 
vertically from a basal plane. Theoretically, these curves can be built uj) from quan¬ 
tum numbers and spc'edroscoiac constants when these are known sufficiently well. 
In the absence of these more complete data, Morse cuiwes are used, as described on 
page 588, and in calculating them it is necessary to know threi' things: the vibration 
freciuencies of the atoms, the interatomic distances in the normal molecule, and the 
heats of dissociation. These constants are now available for several atom pairs. 

Energy contours are built up by solving the complicated equations which allow 
for the mutual interactions between all the atoms, and the object is to find the least 
amount of energy which can be supplied to push the atoms from their stable positions 
in the reactants to their stable positions in the products. In other words, the lowest 
mountain pass separating two valleys in an energy contour map is sought, and the 
height of this pass is the energy of activation. 

Such an energy contour map is shown in Fig. 164 for the addition of bromine to the 
double bond of an unsaturated organic compound. The two bromine atoms in the 
stable bromine molecule rest in energy valleys running vertically on the page. As 

* Eyring, Chem. Rev.y 10, 103 (1932); Glasstone, Laidler, and Eyring, “Theory of 
Rate Processes,'" McGraw-Hill Book Co., New York, 1941. 
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they come close to the carbon-carbon double bond, the old forces of attraction 
are altered, and the new ones are formed. After going over an energy hill at the 
lowest possible f)oint, they settle down into low-imergy valleys again in a stable 
carbon-bromine compound. The routine calculations are reduced because the only 
object is to find the minimum energy required, and rough estimates are adequate 


Br Atom to C-Br 



Br Atom from Br-Br 


Fia. 164. Energy contour map for the addition of bromine to the carbon double 

bond. 

for most of the map; sfx'cial care and frequent calculations are necessary only in the 
region of the pass S(5parating the two valleys. An enlarged scale of this region is 
shown at the right in Fig. 164. The approximations necessary to give practical 
solutions for calculating these energy contours are so great that the method is not 
yet satisfactory. 


696 


APPENDIX 


Mathematical Formulas * 

Calculus 

A — small finite increment; d = differential; dy/dx = derivative = limit of Ay/Ax 
as Ax approaches zero 
y = x^; dy/dx — 

y = fiix) +/ 2 W; dy/dx = -h - 


dx 


dx 


y ^ k] dy/dx = 0 
y == kf{x); dy/dx = k 


df{x) 

dx 


y — uv; dy/dx = u dv/dx + vdu/dx 

V dii/dx — u dv/dx 
y == u/v\ dy/dx =- - - 

y ~ e^) dy/dx = 
y = logcic; dy/dx = \/x 
y = log x; dy/dx — 0AS43/x 

y = loga x; dy/dx ==- 

x 

y =» a^; dy/dx — a® log« a 
2/ = /2[/iW]-dt/Zdar = X • 


dlfiix)] 


dx 


For a maximum or minimum or point of horizontal inflexition, dy/dx = 0. 
For a diff(}rential, dy = (dy/dx) dx. 

For partial differentiation where u — f(x, y, z), 


du 


/du\ ^ . /au\ , /da\ 

( — ) dj -f ( — ) d^ + ( — ) dz 
\dx/v,z \dy/x,z \dz/x.v 


jdx = x + C 

j'x”dx = a-"+V(n + 1) + C 
J "dx = loge X + C 

J Jcf(x) dx =k J/(z) dx 

j"[fi(x) +Mx) +f 3 (x)] dx = ffi(x) dx +JV 2 W dx +JV 3 W dx 
^ = J'fc dx +J/(x) dx = fcx + J/W dx + C 

f 


e^dx = 6* + C 


♦ An elementary treatment of the mathematics needed for the study of physical 
chemistry is given by Daniels, ''Mathematical Preparation for Physical Chemistry,'' 
McGraw-Hill Book Co., New York, 1928. 
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/«• 


dx = 


• + C 


logett 

J*loge X dx ~ X(l 0 gg X — 1) -f C 

J*log X dx — 0.4343x(log x — 1) + C 

J*logo xdx = (loga e)(x)(loge X — 1) + C 

Integrating between limits gives |xax= — ~'o"”'o 

Ja L 2 Ja 2 2 


Trigonometry 


sine = ordinaUVliypoteiiuse 
cosines = abscissa/hypotenuse 
tangent = ordinate/abscissa 
1° = 0.0175 radian 
sin^ X -f cos^ X = 1 
y — sin x; dyjdx — cos x 
y = cosx; dy/dx — — sinx 
y = tan x; dy/dx — sec^ x 


; 

; 


sin X dx — — cos x -j- C 
cos xdx = sin X + C 


Miscellaneous 


If ox^ + 5x -f r = 0, 


X 


—5 db — 4ac 

2i^ 


1 inch = 2.54 cm 
log means logic,* 


1 pound = 453.6 g 
In means logc 


Greek Alphabet 


A 

a 

Alpha 

B 


Beta 

r 

7 

Gamma 

A 

h 

Delta 

E 

e 

Epsilon 

z 

r 

Zeta 

H 

"n 

Eta 

e 

e 

Theta 

I 

t, 

Iota 

K 

K 

Kappa 

A 

X 

Lambda 

M 

M 

Mu 


N 

V 

Nu 

g 


Xi 

0 

o 

Omicron 

n 

TT 

Pi 

P 

P 

Rho 

z 

cr 

Sigma 

T 

r 

Tau 

T 

V 

Upsilon 

4> 


Phi 

X 

X 

Chi 



Psi 

n 

00 

Omega 
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Symbols Used for the More Common Abbreviations 


A work content 
A angstrom unit 
C molar heat capacity 
B internal energy; activation (mergy 
B voltage 

emf electromotive forcH) 

F free (mergy 
AF change in fr<'e energy 

AF^ change in fn'c energy (standard 
state) 

F faraday (iir),496 coulombs) 

// enthalpy 
/ intensity of light 
K (Kiuilibrium constant; absolute 
temperature scale 
Kb boiling-point constant 
K/ freezing-point constant 
L specific conductances 
M molecular weight; molarity 
N Avogadro numbed'; mol(‘ fraction 
P osmotic pressure 
li gas constant 
B Itydberg constant 
jS entropy 

T absolutes temperatures 
V volume of 1 mole of gas 
F partial molal volume 


a activity 

c concentration; he^at capacity 
d density 

c electron; electronic charge 
h Planck’s constant 
k specific reaction rate; gas constant 
pe^r mole'enilt^ 
m molality 

71 numbea' of mole^s; refractive index 
p pre'ssure 

pH measure; of hydrogen-ion activity; 
-log r7H+ 
q heat absorbed 
t ce'ntigrade temperature; time 

V ve)lunie 

w work done; 
a angle of optical rotation 
y activity coedicient; surface tension 
€ quantum 
rj vis(;osity 

A eajuivakait coneluctance 
X wave length of raeliation 
M micrem; dipole moment 

V fre;e|uency of radiation 
p wave; number 

quantum yield 
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Table of Physical-Chemical Constants 

These constants have been calculated on the basis of the adoption of the absolute 
values of electrical units by the National Bureau of Standards and the re-evaluation 
of some of the fundamental constants by Dumond and Cohen,’*' with the co-opera¬ 
tion of R. T. Birge. 

Approximates valutas of some of tliese constants are given also on page viii. 


One liter (1000 ml) 

Standard acceleration of gravity 
Standard atmosplu^n^ 

VoluiiK^ of ideal gas at 0° C, 

1 standard atmosphere 
Tee point (0° C) 

One calorie (defined) 

(Tas constant per mole 

Faraday constant 
'^^vogadro number 
Electronic charge 

INI ass of electron 
Rydb(;rg constant for TI^ 

Rydberg constant for He"^ 

Rydberg constant for infinite mass 
/Planck’s constant 
One absolute volt-(‘l(;(!tron 

s-^oltzmann constant, 

(gas constant per molecuk;) 

One kilocalorie mole~^ 


Velocity of light in vacuum 
1 international joule 
1 international volt 
1 international ohm 
i international ampere 
Mass of proton 
Mass of neutron 


1000.028 cm^ 

980.665 cm sec"^ 

1.013246 X 10^ dynes cm-2 
22.4140 liters molo“^ 

22,414.6 cm^ mole~^ 

273.16° K 

4.1840 absolute joules 
8.3144 X 10^ ergs degree"^ mole”^ 
1.98718 cal degree"^ mole-' 

0.082,054 liter-atm dc^gree”' mole-' 
96496 abs. coulomb gram equivalent 
6.0235 X 1023 niole-' 

1.6020 X 10-2*' absolute^ emu 

1.6020 X 10“'® absolute coulomb 
4.8024 X 10-'*' absolute esu 
t).1055 X 10-28 g 
109677.58 cm-' 

109722.26 cm-' 

109737.30 cm-' 

6.6234 X 10”2^ erg second 

1.6020 X 10-'2 erg molecule—' 

23,063 cal mole”' 

1.3803 X IQ-'® erg degree.-' molecule—' 

6.9461 X10-'"' erg molecule-’ =0.043359 
electron volt = 349.83 cm—' (wave 
numbers) = 1.0487 X 10'® sec”' (fre¬ 
quency) 

2.99776 X lO'" cm sec”' 

1.000165 absolute joule 
1.000330 absolute volt 
1.000495 absolute ohm 
0.999835 absolute ampere 
1.67229 X 10-24 g 
1.67453 X 10-24 g 


Dumond and Cohen, Rev. Mod. Phys.y 20, 82 (1948). 
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INTERNATIONAL ATOMIC WEIGHTS 
1947 


Published by the JoumoX of the ATnerican Chemical Societff 



Sym¬ 

bol 

Atomic 

Number 

Atomic 

Wdghl 


Sym¬ 

bol 

Atomic 

Number 

Atomic 

Weight 

Aluminum. .. 

A1 

13 

26.97 

lilolybdenum.. 

Mo 

42 

95.95 

Antimony,... 

Sb 

61 

121.76 

Neod 3 unium. . 

Nd 

60 

144.27 

Argon. 

A 

18 

39.944 

Neon. 

Ne 

10 

20.183 


Aa 

33 

74.91 

Nickel. 

Ni 

28 

68.69 

. 

Rariiim. 

Da 

66 

137.36 

Nitrogen. 

N 

7 

14.008 

Beryllium.... 

Bo 

4 

9.02 

Osmium. 

Os 

76 

190.2 

BisTTlllt!!_ 

Bi 

83 

209.00 

Oxygen. 

0 

8 

16.00G0 

Boron. 

B 

6 

10.82 

Palladium.... 

Pd 

46 

106.7 

Bromine. 

Br 

35 

79.916 

Phosphorua... 

P 

15 

30.98 

Cadmium.... 

Cd 

43 

112.41 

Platinum. 

Pt 

78 

195.23 

Calcium. 

Ca 

20 

40.08 

Potassium.... 

K 

19 

39.090 

Carbon. 

C 

6 

12.010 

Praseodymium 

Pr 

69 

140.92 

Cerixim. 

Co 

68 

140.13 

Protactinium.. 

Pa 

91 

231 

CAsiiim. 

Ca 

65 

132.91 

Badium. 

Ra 

88 

226.05 

ChlnriTiA. 

Cl 

17 

35.457 

Padon... r - - - 

Rn 

86 

222 

Chromium... 

Cr 

24 

62.01 

Bhenixim. 

Re 

75 

186.31 

Cobalt. 

Co 

27 

68.94 

Hhodium. 

Rh 

45 

102.91 

Columbium. . 

Cb 

41 

92.91 

Rubidium. ... 

Rb 

37 

85.48 

Copper. 

Cu 

29 

03.54 

Ruthenium. .. 

Ru 

44 

101.7 

Dysprosium.. 

Dy 

66 

162.40 

Samarium. ... 

Sm 

62 

150.43 

Erbium. 

Er 

68 

167.2 

Scandium. . . . 

So 

21 

45.10 

Europium.... 

Eu 

63 

152.0 

Selenium. 

So 

34 

78.96 

Eluorino. 

P 

9 

19.00 

Silicon. 

Si 

14 

28.06 

Gadolinium. . 

Gd 

64 

156.9 

Silver. 

Ag 

47 

107.880 

Gallium. 

Ga 

31 

69.72 

Sodium. 

Na 

11 

22.997 

Germanium.. 

Go 

32 

72.60 

Strontium..,. 

Sr 

38 

87.63 

Gold. 

Au 

79 

197.2 

Sulfur. 

s 

16 

32.066 

Hafnium. 

Hf 

72 

178.6 

Tantalum,. .. 

Ta 

73 

180.88 

Helium. 

Ho 

2 

1 4.003 

Tellurium,... 

Te 

62 

127.61 

Holmium.... 

Ho 

67 

164.94 

Terbium. 

Tb 

65 

169.2 

Hydrogen.... 

H 

1 

1.0080 

Thallium. 

T1 

81 

204.39 

Indium. 

In 

49 

114.76 

Thorium. . .. . 

Th 

90 

232.12 

Iodine. 

I 

63 

126.92 

Thulium. ... - 

Tm 

69 

169.4 

Iridium. 

Ir 

77 

193,1 

Tin. 

Sn 

60 

118.70 

Iron. 

Po 

1 

26 

65.85 

Titanium. 

Ti 

22 

47.90 

Krypton. 

Hr 

36 

83.7 

Tungsten. 

W 

74 

183.92 

Lanthanum.. 

La 

67 

138.93 

Uranium. 

U 

92 

238.07 

Lead. 

Pb 

82 

207.21 

Vanadium.... 

V 

23 

60.95 

Lithium. 

Li 

3 

6.940 

i^enon....... 

Xe 

64 

131.3 

Lutecium..,. 

Lu 

71 

174.99 

, Ytterbium.... 

Yb 

70 

173.04 

Magnesium.. 

Mg 

12 

24.32 

Yttrium. 

Y 

89 

88.92 

Manganese... 

Mn 

25 

64.93 

Zinc. 

Zn 

80 

65.38 

Mercury. 

Hg 

80 

200.61 

Zirconium.... 

Zr 

40 

91.22 























































AUTHOR INDEX 


Abramson, 541 
Adair, 535 
Adams, 239 
Adkins, 386 
Alberty, 543 
Albright, 205 
Alyea, 493 
Anderson, 530, 638 
Andrews, 666 
Arrhenius, 250, 375, 517 
Aston, 147 
Averill, 662 

Balmcr, 571 
Barr, 187 
Baxt(U‘, 10, 662 
Beattk^, 475, 673 
Beer, 79 
Bell, 198 
Bender, 583 
Berk(‘ley, 243 
Berne t, 042 
Bert helot, 19, 157, 254 
Berthollet, 254 
Bethe, 666 
Bichowsky, 138, 181 
Bingham, 190 
Birge, 22, 635 
Bjerrum, 493 
Blasdale, 338 
Blue, 147 
Bodtmstein, 387 
Bohr, 570, 689 
Boltzmann, 566 
Bonhoeffer, 590, 613 
Born, 589 
Bowden, 338 
Boyd, 554 
Boyle, 5 
Bradshaw, 401 
Bragg, 47 
Braun, 583 
Bray, 387, 510 
Bredig, 525 


Bridgman, 582, 673 
Briggs, 290, 338, 341 
Britton, 552 
Brock way, 85 
Brode, 95 
Bronsted, 493, 513 
Brunauer, 550 
Burton, 613 
Butler, 121 

Cady, 423, 533 
Cailletet, 181 
ram})bell, 316, 338 
Carnot, 676 
Carothers, 526 
Cassidy, 552 
Chadwh’k, 641 
Chalmers, 644 
Charles, 6, 671 
Chien, 583 
Cholnoky, 552 
Choppin, 367 
Claj)eyron, 174 
Clark, 65, 85 
Claude, 167 
Clausius, 88, 177 
Clusius, 035 
Cohen, 699 
Cohn, 527 
Compton, 581, 057 
Cope, 380 
Cottrell, 561 
Crawford, 219 
Creighton, 427, 476 
Crist, 264 
Curie, 623, 644 
Curtiss, 572 

Dakin, 482 
Dalton, 196, 204 
Davey, 65 
Davidson, 516, 666 
Davies, 693 
Davisson, 589 



702 


AUTHOR INDEX 


De Broglie, 589 

Debye, 62, 88, 511, 512. 517, 518, 680 

Deming, 338 

Dempster, 633, 646 

Derr, 434 

Dickel, 635 

Dirac, 589 

Dole, 427, 463, 476, 519 
Dorman, 556 
Dufford, 608 
Duggar, 611, 613 
Duhring, 180 
Dulong, 119 
Dumond, 699 

Ebert, 138 
PJd wards, 196 
Elders, 491, 683 
Pansporn, 577 

Einstein, 102, 531, 533 597, 655, 679 

Ellis, 131 

PJinmett, 550 

Ess(ix, 302 

Estes, 85 

lOv^ans, 65, 608 

PJwell, 211 

Ewing, 82, 482 

I^yring, 189, 376, 389, 679, 690, 694 

Fajans, 630 
Falkenhagen, 518 
Faraday, 407 
Fenske, 386, 583 
Fenwick, 462 
Fermi, 643, 657 
Ferry, 528 
Findlay, 316, 338 
Fisher, 92 
Fletcher, 532 
Priory, 526 
P^orbes, 602 
Forsythe, 148 
Foster, 380 
Franck, 587 
Frazer, 552 

Freundlich, 540, 548, 561 
PMedman, 58 
Frolich, 386 
Froslie, 586 
Fuoss, 516, 518 


Gamow, 666 
Gay-Lussac, 6, 111, 671 
Geiger, 625 
German n, 181 
Germer, 589 
Getman, v, 688 
Giauque, 147, 148 
Gibbs, 149, 316, 439, 547 
Gibson, 147, 308 
Oilkey, 181 
Gilliland, 222 
Gilman, 35, 40, 95, 488 
Glasstone, 29, 95, 121, 162, 189, 190, 251, 
295, 376, 389, 427, 476, 516, 519, 569, 
590, 666, 678, 694 
Glockler, 583, 635 
Goodman, 662 
Graham, 523, 527 
Grant, 608 
Greiff, 636 
Griffing, 81 
Gro(ming, 423 
Grotthus, 596 
Guggenheim, 471 
Guldberg, 254 
Guntelberg, 681 

Haber, 385 
Hahn, 656 
Hall, 493 
Hammer, 490 
Hammett, 519 
Harkins, 547, 555, 641 
Harned, 219, 427, 474, 476, 490, 491, 516, 
519, 683, 688 
Ilarteck, 590, 613 
Hartley, 243 
Hasche, 353 
Hatschek, 190 
Heisenberg, 581, 589 
Helmholtz, 439 
Henry, 202 
Herb, 642 
Hertz, 635 
Herzberg, 590 
Hess, 125 
Heuse, 229 
Heydweiller, 490 
Hibb(}n, 583 
Higgins, 613 



AUTHOR INDEX 


703 


Hildebrand, 222, 251 

Hill, 338, 341 

Hinshelwood, 389 

Hirschfelder, 92, 166, 380, 588 

Hittorf, 409 

Hoa^, 666 

Hofmeister, 560 

Ilogness, 367 

Holt, 666 

Horsley, 210 

PTougeii, 19, 133, 138, 162, 277, 288, 295, 
693 

Hubbard, 341 

Hiickel, 511, 512, 517, 680 

Huffman, 131, 133, 138, 275, 286, 295 

Hulburt, 588 

Hull, 62, 328 

Jackson, 62 

James, 610, 613 

Jenkins, 22 

Johnson, 35, 40, 488 

Johnston, 208, 347, 365, 693 

Joliot, 644 

Jones, 401 

Joule, 111 

Kamm, 82 
Kassel, 390 
Katzoff, 7 
Kelley, 295 
Kennard, 590 
Kerst, 642 
Ketelle, 554 
Keyes, 169 
Kharasch, 134 
Kilpatrick, 138 
King, 635 
Kirchhoff, 565 
Kistiakowsky, 133, 367 
Knight, 181 
Knipping, 46 
Koehler, 427, 476 
Kohlrausch, 490 
Kolthoff, 308, 425, 502 
Korff, 666 
Kornfeld, 610 
Kossel, 36 
Kraemer, 561 
Kraus, 418, 427, 516 


Kruyt, 540 

Laidler, 189, 376, 389, 694 
Lambert, 78 
La Mer, 513, 688 
Lange, 16 

Langmuir, 36, 551, 555 
Lapp, 666 
Lass(ittre, 38 
Latimer, 147, 447, 476 
Laue, 46 
Lawrence, 642 
Le Chatelier, 157 
Lcclanch<'^, 475 
Leermakers, 367 
Leighton, 600, 602, 606, 613 
Ixiwis, 36, 40, 120, 121, 138, 147, 149, 
162, 217, 219, 276, 277, 469, 495, 507, 
637, 685 
Livingston, 387 
lioeb, 29 
Long, 547 
Longs worth, 415 
Loren tz, 69 
Lorenz, 69 
Lowry, 493 
Luder, 495 
Lundgren, 538 
Lyman, 572 

MacDougall, 162, 295 
Macinnes, 414, 415, 427, 474, 475, 476, 
484, 516, 519 
Manning, 611 
Mark, 534, 561 
Marton, 530 

Mathews, 76, 138, 215, 600 
Mathias, 181 
Maxwell, 368, 678 
May, 308 
McBain, 547, 552 
McCormick, 583 
McLeod, 84 
Meads, 148 
Mellon, 81 
Migridicliian, 290 
Millard, 413 
Miller, 112 
Millikan, 532, 620 
Moelwyn-Hughes, 40, 360 



704 


AUTHOR INDEX 


Montgomery, 616 
Morse, 588 
Morton, 215 
Moseley, 621 
Mosotti, 88 
Murrell, 112 
Muller, 425, 612, 625 

Nagasako, 367 
Nernst, 147, 387 
Ness, 482 
Newitt, 29 
Newschwander, 482 
Nier, 633 
Nollet, 239 

Noyes, 512, 600, 606, 613 
Nutting, 547 

Ohm, 396 
Onsanger, 517, 518 

Owen, 85, 427, 474, 476, 482, 516, 519, 
688 

Parkinson, 642 

Parks, 131, 133, 138, 147, 275, 287, 295 

Paschen, 572 

Pasteur, 75 

Patrick, 353, 551, 552 

Pauli, 576 

PauUng, 35, 38, 40, 65, 85, 95, 590 

Pease, 389 

Pederson, 533, 538 

Pennington, 63 

Perrin, 532 

Peters, 454 

Petit, 119 

Pfeifer, 241 

Pittsburgh staff, 590 

Pitzer, 138, 275, 295, 691, 693 

Planck, 565 

Poiseuille, 187 

Pollard, 666 

Purdon, 338 

Quayle, 85 
Quiggle, 583 

Racket t, 138 
Radley, 608 
Raman, 582, 583 


Ramsay, 185, 196 

Randall, 121, 138, 147, 162, 219, 277, 
507, 685, 688 
Rank, 583 
Raoult, 202, 228 
Rayleigh, 568 
Reed, 350, 360 
Reiiners, 338 
Rein mu th, 65 
Remi(^k, 488 
Reuss, 541 
Ric(‘, 40, 666 
Ricliards, 146 
Richardson, 131 
Riclitinciyer, 590 
Rideal, 190 
Roberts, 462 
Robca-tson, 688 
Robinson, 222, 229 
Rodebush, 38 
Roebuck, 112 
Roentgen, 620 
Rollefson, 613, 616 
Roseman, 7 
Rostaiblum, 502 
Roseveare, 196, 350 
Rossini, 131, 133, 138, 288, 294, 693 
Rutherford, 638, 641 

Sameshima, 277 
Sanger, 89 
Sargent, 469 
Scat chard, 688 
S(;hf^rrer, 62 
Schrodinger, 589 
Schumacher, 389 
Schumb, 454 
Seaborg, 646 
Segre, 646 
Seitz, 65 
Selwood, 95 
Semcnoff, 388 
Shadduck, 641 
Shedlovsky, 484 
Sherman, 40 
Sherwood, 360 
Shields, 185 
Shoenlieimer, 663 
Shuler, 58 
Sidgwick, 40, 91 



AUTHOR INDEX 


705 


Siedentopf, 528 
Sinclair, 229 
Slater, 338 
Smith, 332, 367, 552 
Smoluchowski, 540 
Smyth, 91, 95 
Soddy, 630 
Sorensen, 535 
Starkweather, 10 
Staudinger, 562 
Stauffer, 611 
Steacie, 389 
Stefan, 566 
Steiner, 121, 162, 295 
Steno, 44 
St. Gilles, 254 
Stillwell, 65 
Stockhardt, 328 
Stokers, 531, 608 
Stosick, 86 
Strassman, 656 
Style, 613 
Sugden, 84 

Svedberg, 533, 537, 538, 561 
Sweetzer, 454 
Swietoslawski, 251 
Szillard, 644, 657 

Tartar, 482 

Taylor, 138, 264, 474, 561, 569, 590, 635, 
666 

Teller, 550 
Theriault, 350 
Thilorier, 167 
Thomson, 111, 630 
Tiselius, 542, 552, 553 
Tonberg, 208 
Travis, 524 
Trouton, 182 
Tyndall, 528 

Urey, 636, 637, 639 


Van der Waals, 15, 204, 672 

Vanselow, 688 

VanT Hoff, 241 

Van Vleck, 40 

Verhoek, 276 

Void, 530 

Volta, 431 

Vosburgh, 434 

Waage, 254 
Walter, 690 

Washburn, 229, 413, 637 
' Waters, 434 

Watson, 19, 133, 138, 162, 181, 277, 288, 
295, 693 
Wegand, 583 
Weiser, 561 
Welch, 211 

Wenner, 138, 286, 295, 691, 693 

Werner, 138 

Wt^ston, 433 

Wien, 518, 568 

Wigner, 657 

Williams, 76, 138, 205, 215, 533, 538, 600 
Williamson, 292 
Willows, 190 

Wilson, 590, 625, 690, 693 
Winans, 586 
Winninghoff, 510 
Wolff, 434 
Wolthius, 85 
Wood, 547 
Woolsey, 19 
Wright, 198 
Wyckoff, 65 

Zachariasen, 65 
Zawidski, 199 
Zcheile, 82 
Zechmeistcr, 552 
Zsigmondy, 528 
Zuffanti, 495 



SUBJECT INDEX 


A, angstrom, 61 
A, work content, 149 
Absorption, and chemical structure, 81 
coefficient, 79 
of light, 565 
spectrum, 81 

Acids, ionization constants, 487 
Actinometer, 6)02 

Activated complex, Eyring theory, 376 
Activation energies, calculation, 694 
Activation energy, 373, 380 
Activities, 276, 469 
from electromotive force, 682 
from freezing points, 686 
of electrolytes and ions, 469 
of mercury in thallium amalgams, 686 
of solvent from activities of solute, 684 
Activity coefficient, 470, 473, 474 
of hydrochloric acid, 684 
Additive property, 67 
Adiabatic expansion of gas, 112 
Adsorption, by silica gel, 549 
Age of the earth, 662 
Alpha rays, 623, 639 
Amorphous solids, 42 
Ampere, 396, 397, 699 
Angstrom, 61 
Anisotropic crystal, 42 
Annihilation of matter, 655 
Anode, 405, 407, 444 
Aqua, 124 

Arrhenius equation, 377 
Arrhenius theory, 250, 517 
Asymmetric carbon atom, 73 
Atomic energy commission, 660 
Atomic forces, 33 
Atomic mass, 634 
Atomic models, 92 
Atomic number, 620, 621, 622 
Atomic power, 658 
Atomic refractions, 71 
Atomic structure, 617 
Atomic weight, 634, 640 
table, 700 


Avogadro constant, 8, 532, 626 
Avogadro law, 8 
Azeotropic solution, 211 

Ba(;teriophage, picture, 530 
Band spectroscopy, 584 
Barostat, 233 
Battery, 432 

Beattie-Bridgman equation, 673 
Beer's law, 79 
Bertholot’s equation, 19 
Beta rays, 623 
Bimolec.ular reactions, 344 
Binary mixtures, 209, 210 
Biological ap{)lications of photochem¬ 
istry, 610 

Bohr's thcjory, 570, 689 
Bond radii, 92 

Boiling point, constants, 231, 237 
elevation, 229, 244 
determinations, 232 
Boiling points, table, 14 
Boyle's law, 671 
Bragg X-ray analysis, 47 
Brownian motion, 530 
Buffer solutions, 501, 502 
Bunsen coefficient, 203 

C, heat capacity, 108 
Cadmium cell, 433 
Calculus, 696 
Calomel electrode, 435 
Calorie, 101, 124, 699 
Calorimetric measurements, 124 
Carnot cycle, 676 
Catalysis, 382, 383 
Cathode, 405, 407 
Cells, classification, 441 
reversible, 438 
with junction potential, 442 
without transference, 442, 471 
Chain reactions, 387, 389, 603 
Characteristic solutions, 589 
Chemical and electric energy, 438 
706 



SUBJECT INDEX 


707 


Chcini(;al equilibria, 254 
and electromotive force, 450 
and i/ernperature, 280 
Chemical kinetics, 342 
Chemiluminescence, 608 
Chlorophyl, 611 
Clapeyron equation, 174 
Claude process, 167 

Clausius-Clapeyron equation, 177, 230 
Cloud chamber, 625 
Collision frequency, 370 
Collisions, molecules and protons, 593 
Colloidal electrolytes, 556 
Colloid mill, 524 
Colloids, 523 
by arc method, 525 
definition, 523 
disp(^rsion nu'thods, 524 
(ile(;trical bcdiavior, 539 
kinetic behavior, 530 
parti(‘le weights, 539 
precif)itation by electrolytes, 545 
preparation, 524- 
purification, 527 
of)ti(^al ludiavior, 528 
stability, 544 
Competing reactions, 354 
Complex ions, 515 
Complex reactions, 354 
mathemat ical analysis, 357 
Compton effect, 581 
Concentrated solutions, 514 
Concentration cells, 454'-"' 
electromotive force, 683 
Conduct,ance, at different temperatures, 
405 

equivalent, 400 
measurements, 398 
molar, 400 
of electrolytes, 403 
of fused salts, 420 
of gases, 617 

on nonaqueous solutions, 418 
of potsissium chloride, 401. 402 
specific, 400 
theories, 516 

Conductimetric titrations, 420 
Consecutive reactions, 354, 358 
Conservation, of energy, 102 
of mass, 102 


Constitutive property, 67 
Conversion electrons, 645 
Cooling curves, 321 
Coordinate covalent bond, 37 
Copper zinc cell, 432 
thermodynamics, 153 
Cosmic rays, 644, 661 
Coulomb, 396 

Critical consj^nts, table, 14 
Critical p'N<miti^i^fo76 

Critical pressure, 12 _ 

Critical temperature, 

Critical volume, 12 
Crystal forms, 42 

Crystal lattice of sodium chloride, 52, 54 
Crystals, binding forces, 58 
properticis, 59 
Crystal structure, 47, 59 
Cubic lattices, 49 
Cyclotron, 642 

Dalton’s law, 196 

Debye-IIuckel theory, 511, 517, 680 
Decomposition, of hydrogen peroxide, 
387 

of nitrogen pentoxide, 348, 366 
Decomposition voltage, 422 
Degrees of freedom, 118, 317 
A, delt.a, 102, 696 
Densities, abnormal, 23 
of nitrogen tetroxide, 259 
Deuterium, 637, 639, 664 
Deuteron, 639 
Dialysis, 527 
Dielectric constant, 87 
Differential absorption, 552 
Differential heat of solution, 220 
Diffusion, 531 
rate, specific, 688 
Dipole-dipole attraction, 39 
Dipole moments, 87 
table, 90 

Disintegration of the radioelements, 627 
Disperse system, 523 
Dispersing medium, 523 
Dispersoids, 523 
Dissociation, energy, 587 
of gases, 258 
of hydrogen iodide, 264 
of solutes, 248 



708 


SUBJECT INDEX 


Dissociation, pressures of CaCOa, 289 
Distance between 111 planes, 673 
Distillation, fractional, 212 
of binary systems, 211 
Distribution of bromine, 293 
Donnan membrane equilibrium, 556 
Dropping mercury electrode, 425 
Duhring’s rule, 181 
Dulong and Petit rule, 119 
Dyne, 99 

E, internal energy, 102 
E, voltage, electromotive force, 438 
Einstein, displacement formula, 532 
equation of mass and energy, 102, 655 
photochemical law, 597 
Electrif^al resistant^es, ty])ical, 398 
Electrical units, 396 
Electric conductance, 395 
historical introduction, 395, 397 
Electrochemi(!al conventions, 442 
Electrode, hydrogen, 457 
Electrode potentials, table, 447 
Electrode reactions, 441 
Electrodes, for hydrogen ions, 460 
reference, 434 
types, 441 

Electrokinetic potential, 540 
Electrolysis, 405 
reactions, 407 

Electrolytes, concentration ranges, 515 
Electrolytic dissociation theory, 250 
Electrolytic; reduction and oxidation, 426 
Electromagnetic unit, 396 
Electromotive force, 431 
and chemical equilibria, 450 
Electron, 618, 639 
charge, 620 

Electron microscope, 529 
Electron pair, 35 
Electron theory of valence, 35 
Electrons, diffraction, 85 
energies, 693 

ratio of mass to charge, 619 
velocity, 619 
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influence, of pressure, 152 
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tables, 273 
Free radicals, 389 
Freezing point, constant, 236 
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Frequency, factor, 376 
of collisions, 370 
of light, 77 
of radiation, 598 
Fugacities, 276 
Fundamental units, 3 
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Gamma rays, 623 
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Heat, 99 
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influence of temperature on, 117 
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Heat, content {see enthalpy), 107 
of activation, 373, 374, 376 
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table, 132 
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table, 129 

of reaction and temperature, 136 
of solution, 219 
molal, 219 
partial molal, 220 
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of vaporization, 182 
Heavy water, 637 
Henry’s law, 202 
Heterogeneous systems, 304 
Heteropolar bonds, 35 
Homopolar bonds, 35 
Hougen and Watson chart, 20 
Hydrogenation catalysts, 385 
Hydrogen bond, 200 
Hydrogen electrode, 435, 457 
Hydrogen-ion activities, 459 
Hydrogen spectrum, 572 
Hydrolysis, 496 
constant, 498 
degree, 497 
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Hypothesis, 4 

Ice, 309 

Immiscible liquids, 216 
Indicators, 502 
Induced-dipole attraction, 40 
Industrial colloids, 561 
Infrared-absorption spectrum, 585, 595 
Infrared conversion graph, 600 
Integral heats of solution, 221 
Interface, molecular orientation at, 554 
Interfacial tension, 546 
Interionic attraction, 509, 511 
Internal energy of gases, 110 
International electrical units, 396, 699 
Ionic conductances, 416 
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Ionic equilibria, 483 
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Ionic strength, 507 
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constant of acetic acid, 485 
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of bases, 487 
of water, 490 
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potential, 578 
Isoelectric point, 545 
Isomeric transition, 645 
Isomorphous crystal, 43 
Isothermals, 12 
Isotopes, 630, 683 
concentration, 635 
of cadmium, 633, 646 
of lead, 632 
occurrence, 633 
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thermal diffusion, 635 
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Isotropic crystal, 42 
Joule, 101 

Joulc-Thomson effect, 107, 675 
Junction potentials, 468 
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kj specific rate (constant, 346 
X-el(ictron capture, 644 
Kilocalorie, 124 
Kinetic energy, 27 
Kinetic equat ion, 27 
and h(?at capacity, 115 
Kinetic theory of gases, 25, 367 
Kinetics, chemical, 342 
photochemical, 602 
Kohlrausch's law, 416 

Langmuir theory of adsorption, 550 
Lattice units in crystals, 55 
Laue X-ray pattern, 46 
Lead storage battery, 475 
Lg Chatelier's theorem, 157, 177 
Light, absorption, 75 
transmission, 80 
Limiting densities, 22 
Linde process, 167 
Liquefaction of gases, 166 
Liquid junction, 411, 468 
Liquid state, 166 
Logarithms, back cover 
Luminescence, 608 


Lyman series. 572 
Lyophobic colloids, 524 
Lyophilic colloids, 521, oil 
Lyotropic series, 560 

ni, molal, 195 
J/, molar, 195 
Mass law, 254 
Mass numlx^rs, 634 
Mass spectronietin’, 631 
Mathematical formulas, 696 
Maximum boiling points, 208 
Maximum work, isotlK'rmal expansion, 
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Maxwell-Boltzmann (;qualion, 692 

Maxwell distribution law, 368, 678 

Mean free path, 372 

Meson, 639 

Migration of ions, 409 
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Minimum boiling points, 208 

Molal solution, 195 

Molar solution, 195 
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Molar refraction, 69 

Molecular collisions in gases, 370 
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Molecailar forces, 33 
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methods, 95 

Molecular weights, 9, 21 
Mol(‘, fraction, 195 
Monochromator, 6(X) 

Morse curve, 589 
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Nonpolar compounds, 35 
Normal solution, 194 
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Nuclear fission, 656 
Nuclear isomers, 645 
Nuclear reactions, 355, 644, 645, 646 
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Number of molecules striking a surface, 
370 
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Ohm, 396 

Optical activity, 73 

Order of reaction, determination, 362 
Ortho-hydrogen, 590 
Osmosis, 239 

Osmotic pressure, 239, 241, 242, 244 
Ovei’voltage, 426 
Oxidation, 406 

by nanoval of electrons^ 406, 420 
(dectrodo potentials, 443, 446 
Hiactions, 443 
Oxid(‘ el(M‘trodt‘, 462 

J^icking fraction, (>55 
Parachor, 83 
Para-hydrogen, 590 
Partial differentiation, 671, 675 
Partial miscibility, 328 
Partial molal qiiantilu^s, 217 
Partial molal volumes, 218 
Partial pressure',, Dalton’s law, 196 
of solutions, 199, 201 
Particle wedght, 531 
Partition function, 692 
Paschen series, 572 
Pauli’s exclusion principles, 576 
Percentage by we'ight,, 195 
Periodic classification of the (dements, 
665 

Periodic table, 665 
pH, 459, 463, 464 
Phase, 304 
Phase diagram, 304 
bismuth-cadmium, 322 
(;e)balt-chromium, 329 
concentration and temperature, 319 
copper sulfate and water, 314 
for partially miscible liquids, 329 
for sulfur, 311 
gold-aluminum, 332 
molybdenum-cobalt, 330 
platinum-gold, 327 
sulfuric acid and water, 325 
triangular, 323 
uses, 331 
water, 308 

with chemical interaction, 323 
zinc-magnesium^ 324 
Phase rule, 316, 318 
Phosphate glasses, 338 
Photocells, 77 


Photochemical kinetics, 602 
Photochemical reactions, 606 
Photochemistry, 593 

experimental procedure, 600 
laws, 596 

Pholoelectric cell, 580 
Photo(ilectri(5 effect, 579 
Photography, 609 
Photon, 594 
Photosensi ti zjit i on, 605 
Photosynthesis, 611 

Physical-clu'.rnical (constants, table, 699 
Physical chemistry, survey, 1 
Physical i)roperties and molecular struc¬ 
ture, 67 
Pile, 657 

Idaru^k’s constant, 569 
Planck’s formula, 569 
Poise, 187 

Polar compounds, 35 
Polarimeter, 72 
Polarization, electrode, 426 
molar, 87 

Polarized light, rotation, 71 
Polymerization, 526 
Position, 638, 639 
PoUaitlals, electrode standard, 447 
olectrokinetic, 540 
zeta, 540 

Potentiometer, 436 
Potentiometric titrations, 463 
method of tangents, 467 
Pressure-volume relations of gases, 11 
Protective colloids, 546 
Proton, 639 
theory of acids, 493 

g, heat, 102 

Quantum mechanics, 589 
Quantum numbers, 574, 576 
Quantum theory, 565, 568 
Quantum yields, 604, 606 
Quinhydrone electrode, 460 

Radiation intensity, 567 
Radiation laws, 566 
Radiations, energy, 599 
Radioactive carbon, 663 
Radioactive elements, production, 641, 
644 

Radioactive equilibrium, 628 
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Radioactivity, biological effects, 660 
geological applications, 662 
measurement, 624 

Radioelements, and periodic table, 630 
disintegration, 629 
Radio indicators, 663 
Radium, discovery, 623 
Radon, 624 
Raman effect, 582 

Raman spectrum of carbon totrachloridf', 
584 

Raoult’s law, 202, 227 
Rate equation, 679 
Rayleigh law, 568 
Reaction mechanisms, 344 
Reaction rate constants, calculation, 345, 
350, 353 

Reaction rates, measurements, 342 
temperature, 365 
prediction, 377 

Reduction by addition of electrons, 40(>, 
426, 442 

Reduction-oxidation indicator, 504 
RefractioiLs, table of molar, 70 
Refractive index, 67, 68 
calculation, 674 
Relativity theory, 620, 655 
Repression of ionization, 488 
Resonance, 38, 94 
potentials, 578 
Reverse reactions, 354 
Reversible cells, 438 
Reversible processes, 103 
Rotational energies, 693 
Rotation, molar, 74 
specific, 73 

Rydberg constant, 571, 573 

i8, entropy, 143 
Salt bridge, 434 
Salting-out effect, 204, 294 
Saturated solution, 305 
Scientific method, 4 
Second law of thermodynamics, 142 
Second-order reactions, 350 
Sedimentation equilibrium, 535 
Sedimentation velocity, 538 
Semipermeable membrane, 239, 240 
Silica gel, 550, 559 
Solids, properties, 42 
Solid solutions, 326 


Solubility, 305 
w^butanol and waller, 305 
of gases, 203 
of solids, 307 
product, 504, 505 
influence of salts, 511 
temperature, 306 
Solution, binary, 194 
molal, 195 
molar, 194 
normal, 194 
Solutions, 194 
composition, 194 
ideal, 197 
nonideal, 197 
of gases, 196 
in liquids, 202 
of nonvolatile solutes, 227 
Solvat(is, 514 

Spac^e modcil for two salts and water, 337 
Specific conductaiKfe, 400 
Specific reaction rate constant, 346 
Specific refraction, 69 
Spectra, types, 594 

Spectral lines and critical potentials, 579 
Spectrophotometer, 77 
Spectroscopy, 570 
Spontaneous change, 155 
criteria for, 157 
Standard cells, 433 
Standard ekictrode pobmtials, 447 
Stark effect, 574 
Statistical thermod 3 mamics, ()90 
Staudinger equation, 534 
Steam distillation, 217 
Stefan-Boltzmann law, 566 
Steno’s law, 44 
Stokes's law, 531 
Streaming potential, 543 
Strength of acids, 494 
Strong electrolytes, classification, 506 
Supersaturated solutions, 308 
Surface tension, 184, 186 
Symbols, table, 698 
Syneresis, 560 
Synthesis of methanol, 386 

T, absolute temperature, 5 
t, temperature, centigrade, 5 
Temperature, and equilibrium constants, 
280 
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Temperature, and heat capacity, 134 
and heat of reaction, 136 
and reaction rate, 379 
Theoreti(?al plates, 213, 215 
Theory, 4 

Thermal analysis, 321 
Thermochomical constants, 133 
Thermochemistry, laws, 124, 125 
Thei'modynamic cahuilations, 157 
Thermodynamics, 99 
first law, 101 
second law, 142 
third law, 146 
Thermoj)ile, 600 
Third-order reactions, 353 
Thr(^e-conlponent systems, 332 
d"ie line, 333 
Trac(T elements, 664 
Transference numbers, 409 

by change in concentration, 411 
by electromotive force, 474 
by moving boundary, 414 
Transition temperature, 311 
Translational energies, 693 
Transmutation, 641, 664 
Triangular coordinates, 333 
Triangular diagram, 335 
Triangular prism, 335 
Trigonometry, 697 
Triple point, 310 
Trouton’s njlation, 182 
Two-component systems, 318 
Tyndall effect, 528 

Ultracentrifuge, 536 
Ultrafiltration, 527 
Ultramicroscope, 528 
Ultraviolet light, 595, 599 
Unimolecular films, 554 
Unimolecular reaidJon, 344 
Units, fundamental, 3 
Uranyl oxalate actinometer, 602 

Valence, 35 

Van dor Waals, constants, 16, 672 
equation, 15, 204 

Vapor composition of binary systems, 
206 

Vaporization, entropy, 183 
of liquids, 103 
Vapor pressure, curves, 170 
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Vapor pressure, gas-saturation method, 
173 

lowering, 229 
measurement, 172 
of acetone-ether solutions, 278 
of liquids, 169 
table, 171 

V'apor ndationships, empirical, 181 
Velocity, of light, 77, 598, 699 
of molecules, 28 
Velocity constant, 346 
Vibrational energies, 693 
Victor Meyer method, 10 
Virial equation, 19 
Viscometers, 188 
Viscosity, 533 

and temperature, 188 
of colloids, 533 
of liquids, 188 
Vitamin D, 612 
Volt, 396 

Voltage and oxidizing and reducing ions, 
454 

Voltage measurement of cells, 436 
Voltme ter-potentiometer, 435 

u\ work, 102 
Water, 309, 637 
Watt, 396 
Wave length, 598 
Wave number, 571, 572 
Weights, atomic, 634, 640 
W^estori cell, 433 
Wheatstone bridge, 399 
Wien's law, 568 
Work, 99 

Work content, 149 

Work conversion from heat, 160 

X-ray analysis of crystalline powders, 
62 

X rays, 46 
applications, 63 
wave length, 60 
X-ray spectrometer, 48 

atomic number, 621 
Zeeman effect, 574 
Zero-order reactions, 353 
Zero-point energy, 688 
Zeta potential, 540 





